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| What Is Descriptive Inorganic Chemistry? 

D escriptive inorganic chemistry was traditionally concerned with the prop¬ 
erties of the elements and their compounds. Now, in the renaissance of 
the subject, with the synthesis of new and novel materials, the properties are 
being linked with explanations for the formulas and structures of compounds 
together with an understanding of the chemical reactions they undergo. In 
addition, we are no longer looking at inorganic chemistry as an isolated subject 
but as a part of essential scientific knowledge with applications throughout 
science and our lives. Because of a need for greater contextualization, we have 
added more features and more applications. 

In many colleges and universities, descriptive inorganic chemistry is offered 
as a sophomore or junior course. In this way, students come to know something 
of the fundamental properties of important and interesting elements and their 
compounds. Such knowledge is important for careers not only in pure or applied 
chemistry but also in pharmacy, medicine, geology, and environmental science. 

This course can then be followed by a junior or senior course that focuses on 
the theoretical principles and the use of spectroscopy to a greater depth than 
is covered in a descriptive text. In fact, the theoretical course builds nicely on 
the descriptive background. Without the descriptive grounding, however, the 
theory becomes sterile, uninteresting, and irrelevant. 

Education has often been a case of the “swinging pendulum,” and this 
has been true of inorganic chemistry. Up until the 1960s, it was very much 
pure descriptive, requiring exclusively memorization. In the 1970s and 1980s, 
upper-level texts focused exclusively on the theoretical principles. Now it is ap¬ 
parent that descriptive is very important—not the traditional memorization of 
facts but the linking of facts, where possible, to underlying principles. Students 
need to have modern descriptive inorganic chemistry as part of their educa¬ 
tion. Thus, we must ensure that chemists are aware of the “new descriptive 
inorganic chemistry.” 
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| Preface 


Inorganic chemistry goes beyond academic interest: it is an im¬ 
portant part of our lives. 

I norganic chemistry is interesting—more than that—it is exciting! So much 
of our twenty-first-century science and technology rely on natural and syn¬ 
thetic materials, often inorganic compounds, many of which are new and novel. 
Inorganic chemistry is ubiquitous in our daily lives: household products, some 
pharmaceuticals, our transportation—both the vehicles themselves and the 
synthesis of the fuels—battery technology, and medical treatments. There is 
the industrial aspect, the production of all the chemicals required to drive our 
economy, everything from steel to sulfuric acid to glass and cement. Environ¬ 
mental chemistry is largely a question of the inorganic chemistry of the atmo¬ 
sphere, water, and soil. Finally, there are the profound issues of the inorganic 
chemistry of our planet, the solar system, and the universe. 

This textbook is designed to focus on the properties of selected interesting, 
important, and unusual elements and compounds. However, to understand 
inorganic chemistry, it is crucial to tie this knowledge to the underlying chemi¬ 
cal principles and hence provide explanations for the existence and behavior 
of compounds. For this reason, almost half the chapters survey the relevant 
concepts of atomic theory, bonding, intermolecular forces, thermodynamics, 
acid-base behavior, and reduction-oxidation properties as a prelude to, and 
preparation for, the descriptive material. 

For this fifth edition, the greatest change has been the expansion of coverage 
of the 4 d and 5d transition metals to a whole chapter. 

The heavier transition metals have unique trends and patterns, and the 
new chapter highlights these. Having an additional chapter on transition met¬ 
als also better balances the coverage between the main group elements and the 
transition elements. 

Also, the fifth edition has a second color. With the addition of a second color, 
figures are much easier to understand, and tables and text are easier to read. 

On a chapter-by-chapter basis, the significant improvements are as follows: 

Chapter 1: The Electronic Structure of the Atom: A Review 

The Introduction and Section 1.3, The Polyelectronic Atom, have been revised. 

Chapter 3: Covalent Bonding 

Section 3.11, Network Covalent Substances, has a new subsection: Amorphous 
Silicon. 

Chapter 4: Metallic Bonding 

Section 4.6, Nanometal Particles, was added. 

Section 4.7, Magnetic Properties of Metals, was added. 


xiii 


Chapter 5: Ionic Bonding 

Section 5.3, Polarization and Covalency ; has a new subsection: The Ionic- 
Covalent Boundary 

Section 5.4, Ionic Crystal Structures, has a new subsection: Quantum Dots. 

Chapter 9: Periodic Trends 

Section 9.3, Isoelectronic Series in Covalent Compounds, has been revised and 
improved. 

Section 9.8, The “Knight’s Move”Relationship, has been revised and improved. 

Chapter 10: Hydrogen 

Section 10.4, Hydrides, has a revised and expanded subsection: Ionic Hydrides. 

Chapter 11: The Group 1 Elements 

Section 11.14, Ammonium Ion as a Pseudo-Alkali-Metal Ion, moved from 
Chapter 9. 

Chapter 13: The Group 13 Elements 

Section 13.10, Aluminides, was added. 

Chapter 14: The Group 14 Elements 

Section 14.2, Contrasts in the Chemistry of Carbon and Silicon, was added. 
Section 14.3, Carbon, has a new subsection: Graphene. 

Section 14.7, Carbon Dioxide, has a new subsection: Carbonia. 

Chapter 15: The Group 15 Elements 

Section 15.2, Contrasts in the Chemistry of Nitrogen and Phosphorus, was 
added. 

Section 15.18, The Pnictides, was added. 

Chapter 16: The Group 16 Elements 

Section 16.2, Contrasts in the Chemistry of Oxygen and Sulfur, was added. 
Section 16.14, Sulfides, has a new subsection: Disulfides. 

Chapter 17: The Group 17 Elements 

Section 17.2, Contrasts in the Chemistry of Fluorine and Chlorine, was added. 
Section 17.12, Cyanide Ion as a Pseudo-halide Ion, moved from Chapter 9. 

Chapter 18: The Group 18 Elements 

Section 18.7, Other Noble Gas Compounds, was added. 

Chapter 19: Transition Metal Complexes 

Section 19.10, Ligand Field Theory, was added. 

Chapter 20: Properties of the 3d Transition Metals 

Section 20.1, Overview of the 3d Transition Metals, was added. 

Chapter 21: Properties of the 4 d and 5d Transition Metals 
New Chapter added (for details, see the previous page). 

Chapter 24: The Rare Earth and Actinoid Elements 

This chapter has been significantly revised with the new subsections Scandium, 
Yttrium, and Thorium. 
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ALSO 
Video Clips 

Descriptive inorganic chemistry by definition is visual, so what better way to 
appreciate a chemical reaction than to make it visual? We now have a series of 
at least 60 Web-based video clips to bring some of the reactions to life. The text 
has a margin icon to indicate where a reaction is illustrated. 

Text Figures and Tables 

All the illustrations and tables in the book are available as .jpg files for inclusion 
in PowerPoint presentations on the instructor side of the Web site at 
www.whfreeman.com/descriptive5e. 

Additional Resources 

A list of relevant Scientific American articles is found on the text Web site 
at www.whfreeman.com/descriptive5e. The text has a margin icon to indicate 
where a Scientific American article is available. 

Supplements 

The Student Solutions Manual, ISBN: 1-4292-2434-7 contains the worked 
solutions to all the odd-numbered end-of-chapter problems. 

The Companion Web Site www.whfreeman.com/descriptive5e 
Contains the following student-friendly materials: Chapter 24: The Rare Earth 
and Actinoid Elements, Appendices, Lab Experiments, Tables, and over 50 useful 
videos of elements and metals in reactions and oxidations. 

Instructor’s Resource CD-ROM, ISBN: 1-4292-2428-2 

Includes PowerPoint and videos as well as all text art and solutions to all prob¬ 
lems in the book. 

This textbook was written to pass on to another generation our fascination 
with descriptive inorganic chemistry. Thus, the comments of readers, both stu¬ 
dents and instructors, will be sincerely appreciated. Any suggestions for added 
or updated additional readings are also welcome. Our current e-mail addresses 
are grcanham@swgc.mun.ca andT.L.Overton@hull.ac.uk. 


This page intentionally left blank 



| Acknowledgments 


M any thanks must go to the team at W. H. Freeman and Company who have 
contributed their talents to the five editions of this book. We offer our sincere 
gratitude to the editors of the fifth edition, Jessica Fiorillo, Kathryn Treadway, and 
Mary Louise Byrd; of the fourth edition, Jessica Fiorillo, Jenness Crawford, and 
Mary Louise Byrd; of the third edition, Jessica Fiorillo and Guy Copes; of the 
second edition, Michelle Julet and Mary Louise Byrd; and a special thanks to 
Deborah Allen, who bravely commissioned the first edition of the text. Each one of 
our fabulous editors has been a source of encouragement, support, and helpfulness. 

We wish to acknowledge the following reviewers of this edition, whose 
criticisms and comments were much appreciated: Theodore Betley at Harvard 
University; Dean Campbell at Bradley University; Maria Contel at Brooklyn 
College (CUNY); Gerry Davidson at St. Francis College; Maria Derosa at 
Carleton University; Stan Duraj at Cleveland State University; Dmitri Giarkios 
at Nova Southeastern University; Michael Jensen at Ohio University-Main 
Campus; David Marx at the University of Scranton; Joshua Moore at Tennessee 
State University-Nashville; Stacy O’Reilly at Butler University; William Pen¬ 
nington at Clemson University; Daniel Rabinovich at the University of North 
Carolina at Charlotte; Hal Rogers at California State University-Fullerton; 
Thomas Schmedake at the University of North Carolina at Charlotte; Bradley 
Smucker at Austin College; Sabrina Sobel at Hofstra University; Ronald 
Strange at Fairleigh Dickinson University-Madison; Mark Walters at New 
York University; Yixuan Wang at Albany State University; and Juchao Yan at 
Eastern New Mexico University; together with prereviewers: Londa Borer at 
California State University-Sacramento; Joe Fritsch at Pepperdine Univer¬ 
sity; Rebecca Roesner at Illinois Wesleyan University, and Carmen Works at 
Sonoma College. 

We acknowledge with thanks the contributions of the reviewers of the 
fourth edition: Rachel Narehood Austin at Bates College; Leo A. Bares at the 
University of North Carolina—Asheville; Karen S. Brewer at Hamilton College; 
Robert M. Burns at Alma College; Do Chang at Averett University; Georges 
Denes at Concordia University; Daniel R. Derringer at Hollins University; 
Carl P. Fictorie at Dordt College; Margaret Kastner at Bucknell University; 
Michael Laing at the University of Natal, Durban; Richard H. Langley at 
Stephen F. Austin State University; Mark R. McClure at the University of North 
Carolina at Pembroke; Louis Mercier at Laurentian University; G. Merga at 
Andrews University; Stacy O’Reilly at Butler University; Larry D. Pedersen 
at College Misercordia; Robert D. Pike at the College of William and Mary; 
William Quintana at New Mexico State University; David F. Rieck at Salisbury 
University; John Selegue at the University of Kentucky; Melissa M. Strait at 
Alma College; Daniel J. Williams at Kennesaw State University; Juchao Yan at 
Eastern New Mexico University; and Arden P. Zipp at the State University of 
New York at Cortland. 


XVII 


And the contributions of the reviewers of the third edition: Francois Caron 
at Laurentian University; Thomas D. Getman at Northern Michigan Univer¬ 
sity; Janet R. Morrow at the State University of New York at Buffalo; Robert 
D. Pike at the College of William and Mary; Michael B. Wells at Cambell Uni¬ 
versity; and particularly Joe Takats of the University of Alberta for his compre¬ 
hensive critique of the second edition. 

And the contributions of the reviewers of the second edition: F. C. Hentz 
at North Carolina State University; Michael D. Johnson at New Mexico State 
University; Richard B. Kaner at the University of California, Los Angeles; 
Richard H. Langley at Stephen F. Austin State University; James M. Mayer 
at the University of Washington; Jon Melton at Messiah College; Joseph S. 
Merola at Virginia Technical Institute; David Phillips at Wabash College; John 
R. Pladziewicz at the University of Wisconsin, Eau Claire; Daniel Rabinovich 
at the University of North Carolina at Charlotte; David F. Reich at Salisbury 
State University; Todd K. Trout at Mercyhurst College; Steve Watton at the 
Virginia Commonwealth University; and John S. Wood at the University of 
Massachusetts, Amherst. 

Likewise, the reviewers of the first edition: E. Joseph Billo at Boston Col¬ 
lege; David Finster at Wittenberg University; Stephen J. Hawkes at Oregon 
State University; Martin Hocking at the University of Victoria; Vake Marganian 
at Bridgewater State College; Edward Mottel at the Rose-Hulman Institute of 
Technology; and Alex Whitla at Mount Allison University. 

As a personal acknowledgment, Geoff Rayner-Canham wishes to especial¬ 
ly thank three teachers and mentors who had a major influence on his career: 
Briant Bourne, Harvey Grammar School; Margaret Goodgame, Imperial Col¬ 
lege, London University; and Derek Sutton, Simon Fraser University. And he 
expresses his eternal gratitude to his spouse, Marelene, for her support and 
encouragement. 

Tina Overton would like to thank her colleague Phil King for his invaluable 
suggestions for improvements and his assistance with the illustrations. Thanks 
must also go to her family, Dave, John, and Lucy, for their patience during the 
months when this project filled all her waking hours. 


Dedication 


C hemistry is a human endeavor. New discoveries are the result of the work 
of enthusiastic people and groups of people who want to explore the 
molecular world. We hope that you, the reader, will come to share our own 
fascination with inorganic chemistry. We have chosen to dedicate this book to 
two scientists who, for very different reasons, never did receive the ultimate 
accolade of a Nobel Prize. 


Henry Moseley (1887-1915) 

Although Mendeleev is identified as the discoverer of the peri¬ 
odic table, his version was based on an increase in atomic mass. 

In some cases, the order of elements had to be reversed to match 
properties with location. It was a British scientist, Henry Moseley, 
who put the periodic table on a much firmer footing by discov¬ 
ering that, on bombardment with electrons, each element emit¬ 
ted X-rays of characteristic wavelengths. The wavelengths fitted 
a formula related by an integer number unique to each element. 

We know that number to be the number of protons. With the es¬ 
tablishment of the atomic number of an element, chemists at last 
knew the fundamental organization of the table. Sadly, Moseley 
was killed at the battle of Gallipoli in World War I. Thus, one of 
the brightest scientific talents of the twentieth century died at the 
age of 27. The famous American scientist Robert Milliken commented: “Had 
the European War had no other result than the snuffing out of this young life, 
that alone would make it one of the most hideous and most irreparable crimes 
in history.” Unfortunately, Nobel Prizes are only awarded to living scientists. 
In 1924, the discovery of element 43 was claimed, and it was named mose- 
leyum; however, the claim was disproved by the very method that Moseley 
had pioneered. 
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Dedication 



Lise Meitner (1878-1968) 

In the 1930s, scientists were bombarding atoms of heavy elements 
such as uranium with subatomic particles to try to make new ele¬ 
ments and extend the periodic table. Austrian scientist Lise Meit¬ 
ner had shared leadership with Otto Hahn of the German research 
team working on the synthesis of new elements; the team thought 
they had discovered nine new elements. Shortly after the claimed 
discovery, Meitner was forced to flee Germany because of her 
Jewish ancestry, and she settled in Sweden. Hahn reported to her 
that one of the new elements behaved chemically just like barium. 
During a famous “walk in the snow” with her nephew, physicist 
Otto Frisch, Meitner realized that an atomic nucleus could break 
in two just like a drop of water. No wonder the element formed 
behaved like barium: it was barium! Thus was born the concept of 
nuclear fission. She informed Hahn of her proposal. When Hahn 
wrote the research paper on the work, he barely mentioned the 
vital contribution of Meitner and Frisch. As a result, Hahn and his colleague 
Fritz Strassmann received the Nobel Prize. Meitner’s flash of genius was ignored. 
Only recently has Meitner received the acclaim she deserved by the naming of 
an element after her, element 109, meitnerium. 


Additional reading 
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Rayner-Canham, M. F., and G. W. Rayner-Canham. Women in Chemistry: 
Their Changing Roles from Alchemical Times to the Mid-Twentieth Century 
Chemical Heritage Foundation, Philadelphia, 1998. 

Sime, R. L. Lise Meitner: A Life in Physics. University of California Press, 
Berkeley, 1996. 

Weeks, M. E., and H. M. Leicester. Discovery of the Elements, 7th ed. Journal 
of Chemical Education, Easton, PA, 1968. 






CHAPTER 1 


The Electronic Structure 
of the Atom: A Review 


To understand the behavior of inorganic compounds, we need to study 
the nature of chemical bonding. Bonding, in turn, relates to the behavior 
of electrons in the constituent atoms. Our study of inorganic chemistry, 
therefore, starts with a review of the models of the atom and a survey of 
the probability model s applications to the electron configurations of atoms 
and ions. 


I saac Newton was the original model for the absentminded professor. 

Supposedly, he always timed the boiled egg he ate at breakfast; one 
morning, his maid found him standing by the pot of boiling water, hold¬ 
ing an egg in his hand and gazing intently at the watch in the bottom 
of the pot! Nevertheless, it was Newton who initiated the study of the 
electronic structure of the atom in about 1700, when he noticed that 
the passage of sunlight through a prism produced a continuous visible 
spectrum. Much later, in 1860, Robert Bunsen (of burner fame) inves¬ 
tigated the light emissions from flames and gases. Bunsen observed 
that the emission spectra, rather than being continuous, were series of 
colored lines (line spectra). 

The proposal that electrons existed in concentric shells had its origin 
in the research of two overlooked pioneers: Johann Jakob Balmer, a 
Swiss mathematician, and Johannes Robert Rydberg, a Swedish physicist. 
After an undistinguished career in mathematics, in 1885, at the age of 
60, Balmer studied the visible emission lines of the hydrogen atom and 
found that there was a mathematical relationship between the wave¬ 
lengths. Following from Baimer’s work, in 1888, Rydberg deduced a 
more general relationship: 
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where X is the wavelength of the emission line, R H is a constant, later 
known as the Rydberg constant, and n f and n L are integers. For the 
visible lines seen by Balmer and Rydberg, n f had a value of 2. The 
Rydberg formula received further support in 1906, when Theodore 
Lyman found a series of lines in the far-ultraviolet spectrum of hydrogen, 
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n = 3 



FIGURE 1.1 The Rutherford- 
Bohr electron-shell model of the 
atom, showing the n = 1,2, and 3 
energy levels. 


corresponding to the Rydberg formula with n f = 1. Then in 1908, Friedrich 
Paschen discovered a series of far-infrared hydrogen lines, fitting the equation 
with fif = 3. 

In 1913, Niels Bohr, a Danish physicist, became aware of Balmer’s and 
Rydberg’s experimental work and of the Rydberg formula. At that time, he 
was trying to combine Ernest Rutherford’s planetary model for electrons in an 
atom with Max Planck’s quantum theory of energy exchanges. Bohr contended 
that an electron orbiting an atomic nucleus could only do so at certain fixed 
distances and that whenever the electron moved from a higher to a lower orbit, 
the atom emitted characteristic electromagnetic radiation. 

Rydberg had deduced his equation from experimental observations of 
atomic hydrogen emission spectra. Bohr was able to derive the same equation 
from quantum theory, showing that his theoretical work meshed with reality. 
From this result, the Rutherford-Bohr model of the atom of concentric elec¬ 
tron “shells” was devised, mirroring the recurring patterns in the periodic table 
of the elements (Figure 1.1). Thus the whole concept of electron energy levels 
can be traced back to Rydberg. In recognition of Rydberg’s contribution, excited 
atoms with very high values of the principal quantum number, n, are called 
Rydberg atoms. 

However, the Rutherford-Bohr model had a number of flaws. For example, 
the spectra of multi-electron atoms had far more lines than the simple Bohr 
model predicted. Nor could the model explain the splitting of the spectral 
lines in a magnetic field (a phenomenon known as the Zeeman effect ). Within 
a short time, a radically different model, the quantum mechanical model, was 
proposed to account for these observations. 


Atomic Absorption Spectroscopy 


* 5* * ^ 

% t. \ & 

A giowing body, such as the Sun, is expected to emit a 
continuous spectrum of electromagnetic radiation. 
However, in the early nineteenth century, a German sci¬ 
entist, Josef von Fraunhofer, noticed that the visible spec¬ 
trum from the Sun actually contained a number of dark 
bands. Later investigators realized that the bands were 
the result of the absorption of particular wavelengths by 
cooler atoms in the “atmosphere” above the surface of 
the Sun. The electrons of these atoms were in the ground 
state, and they were absorbing radiation at wavelengths 
corresponding to the energies needed to excite them to 
higher energy states. A study of these “negative” spectra 
led to the discovery of helium. Such spectral studies are 
still of great importance in cosmochemistry—the study 
of the chemical composition of stars. 

In 1955, two groups of scientists, one in Australia and 
the other in Holland, finally realized that the absorption 
method could be used to detect the presence of elements 


at very low concentrations. Each element has a particu¬ 
lar absorption spectrum corresponding to the various 
separations of (differences between) the energy levels 
in its atoms. When light from an atomic emission source 
is passed through a vaporized sample of an element, the 
particular wavelengths corresponding to the various en¬ 
ergy separations will be absorbed. We find that the higher 
the concentration of the atoms, the greater the proportion 
of the light that will be absorbed. This linear relationship 
between light absorption and concentration is known as 
Beer’s law. The sensitivity of this method is extremely 
high, and concentrations of parts per million are easy to 
determine; some elements can be detected at the parts 
per billion level. Atomic absorption spectroscopy has 
now become a routine analytical tool in chemistry, metal¬ 
lurgy, geology, medicine, forensic science, and many other 
fields of science—and it simply requires the movement of 
electrons from one energy level to another. 
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1.1 The Schrodinger Wave Equation and Its Significance 


The more sophisticated quantum mechanical model of atomic structure was 
derived from the work of Louis de Broglie. De Broglie showed that, just as elec¬ 
tromagnetic waves could be treated as streams of particles (photons), moving 
particles could exhibit wavelike properties. Thus, it was equally valid to picture 
electrons either as particles or as waves. Using this wave-particle duality, Erwin 
Schrodinger developed a partial differential equation to represent the behavior 
of an electron around an atomic nucleus. One form of this equation, given here 
for a one-electron atom, shows the relationship between the wave function of 
the electron, M*, and E and V, the total and potential energies of the system, re¬ 
spectively. The second differential terms relate to the wave function along each 
of the Cartesian coordinates x, y, and z, while m is the mass of an electron, and 
h is Planck’s constant. 


dx 2 


^7 


d 2 ^ 

dz 2 


8ir 2 m 


{E - V)V = 0 


The derivation of this equation and the method of solving it are in the realm 
of physics and physical chemistry, but the solution itself is of great importance 
to inorganic chemists. We should always keep in mind, however, that the wave 
equation is simply a mathematical formula. We attach meanings to the solution 
simply because most people need concrete images to think about subatomic 
phenomena. The conceptual models that we create in our macroscopic world 
cannot hope to reproduce the subatomic reality. 

It was contended that the real meaning of the equation could be found 
from the square of the wave function, 'T 2 , which represents the probability 
of finding the electron at any point in the region surrounding the nucleus. 
There are a number of solutions to a wave equation. Each solution describes a 
different orbital and, hence, a different probability distribution for an elec¬ 
tron in that orbital. Each of these orbitals is uniquely defined by a set of three 
integers: n, /, and m h Like the integers in the Bohr model, these integers are 
also called quantum numbers. 

In addition to the three quantum numbers derived from the original theory, 
a fourth quantum number had to be defined to explain the results of an experi¬ 
ment in 1922. In this experiment, Otto Stern and Walther Gerlach found that 
passing a beam of silver atoms through a magnetic field caused about half the 
atoms to be deflected in one direction and the other half in the opposite direc¬ 
tion. Other investigators proposed that the observation was the result of two 
different electronic spin orientations. The atoms possessing an electron with 
one spin were deflected one way, and the atoms whose electron had the oppo¬ 
site spin were deflected in the opposite direction. This spin quantum number 
was assigned the symbol m s . 

The possible values of the quantum numbers are defined as follows: 


n, the principal quantum number, can have all positive integer values from 

1 to OO. 
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FIGURE 1.2 The possible sets 
of quantum numbers torn = 1 
and n = 2. 


n 


I 


m 



Is 2s 2 p 


/, the angular momentum quantum number ; can have all integer values 
from /? - 1 to 0. 

the magnetic quantum number, can have all integer values from + / 
through 0 to -/. 

m s , the spin quantum number, can have values of +| and — 

When the value of the principal quantum number is 1, there is only one 
possible set of quantum numbers n , /, and (1, 0, 0), whereas for a principal 
quantum number of 2, there are four sets of quantum numbers (2,0,0; 2,1, -1; 
2, 1, 0; 2, 1, +1). This situation is shown diagrammatically in Figure 1.2. To 
identify the electron orbital that corresponds to each set of quantum numbers, 
we use the value of the principal quantum number n, followed by a letter for 
the angular momentum quantum number /. Thus, when n = 1, there is only the 
Is orbital. 

When n = 2, there is one 2s orbital and three 2 p orbitals (corresponding 
to the mi values of +1, 0, and -1). The letters s,p, d , and / are derived from 
categories of the spectral lines: sharp, principal, diffuse, and fundamental. The 
correspondences are shown in Table 1.1. 

When the principal quantum number n = 3, there are nine sets of quantum 
numbers (Figure 1.3). These sets correspond to one 3s, three 3 p, and five 3 d 
orbitals. A similar diagram for the principal quantum number n = 4 would 
show 16 sets of quantum numbers, corresponding to one 4s, three 4 p, five 4 d, 


TABLE 1.1 

Correspondence between angular momentum 
number l and orbital designation 

/Value 

Orbital designation 

0 

s 

1 

P 

2 

d 

3 

f 






























3s 3 p 3d 


FIGURE 1.3 The possible sets 
of quantum numbers torn = 3. 


and seven 4/orbitals (Table 1.2). Theoretically, we can go on and on, but as we 
will see, the / orbitals represent the limit of orbital types among the elements 
of the periodic table for atoms in their electronic ground states. 


TABLE 1.2 

Correspondence between angular momentum 
number l and number of orbitals 

/Value 

Number of orbitals 

0 

1 

1 

3 

2 

5 

3 
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1.2 Shapes of the Atomic Orbitals 

Representing the solutions to a wave equation on paper is not an easy task. In 
fact, we would need four-dimensional graph paper (if it existed) to display the 
complete solution for each orbital. As a realistic alternative, we break the wave 
equation into two parts: a radial part and an angular part. 

Each of the three quantum numbers derived from the wave equation rep¬ 
resents a different aspect of the orbital: 

The principal quantum number n indicates the size of the orbital. 

The angular momentum quantum number / represents the shape of the 
orbital. 

The magnetic quantum number m/ represents the spatial direction of the 
orbital. 

The spin quantum number m s has little physical meaning; it merely allows 
two electrons to occupy the same orbital. 

It is the value of the principal quantum number and, to a lesser extent the 
angular momentum quantum number, which determines the energy of the 
electron. Although the electron may not literally be spinning, it behaves as if it 
was, and it has the magnetic properties expected for a spinning particle. 

An orbital diagram is used to indicate the probability of finding an electron 
at any point in space. We define a location where an electron is most probably 
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found as an area of high electron density. Conversely, locations with a low prob¬ 
ability are called areas of low electron density. 

Thes Orbitals 

The s orbitals are spherically symmetric about the atomic nucleus. As the prin¬ 
cipal quantum number increases, the electron tends to be found farther from 
the nucleus. To express this idea in a different way, we say that, as the principal 
quantum number increases, the orbital becomes more diffuse. A unique fea¬ 
ture of electron behavior in an s orbital is that there is a finite probability of 
finding the electron close to, and even within, the nucleus. This penetration by 
s orbital electrons plays a role in atomic radii (see Chapter 2) and as a means 
of studying nuclear structure. 

Same-scale representations of the shapes (angular functions) of the Is and 
2s orbitals of an atom are compared in Figure 1.4. The volume of a 2s orbital is 
about four times greater than that of a Is orbital. In both cases, the tiny nucleus 
is located at the center of the spheres. These spheres represent the region in 
which there is a 99 percent probability of finding an electron. The total prob¬ 
ability cannot be represented, for the probability of finding an electron drops 
to zero only at an infinite distance from the nucleus. 

The probability of finding the electron within an orbital will always be posi¬ 
tive (since the probability is derived from the square of the wave function and 
squaring a negative makes a positive). However, when we discuss the bonding 
of atoms, we find that the sign related to the original wave function has impor¬ 
tance. For this reason, it is conventional to superimpose the sign of the wave 
function on the representation of each atomic orbital. For an s orbital, the sign 
is positive. 

In addition to the considerable difference in size between the Is and the 2s 
orbitals, the 2s orbital has, at a certain distance from the nucleus, a spherical 
surface on which the electron density is zero. A surface on which the probabil¬ 
ity of finding an electron is zero is called a nodal surface. When the principal 
quantum number increases by 1, the number of nodal surfaces also increases 
by 1. We can visualize nodal surfaces more clearly by plotting a graph of the ra¬ 
dial density distribution function as a function of distance from the nucleus for 
any direction. Figure 1.5 shows plots for the Is, 2s, and 3s orbitals. These plots 
show that the electron tends to be farther from the nucleus as the principal 
quantum number increases. The areas under all three curves are the same. 


FIGURE 1.4 Representations of 
the shapes and comparative sizes 
of the Is and 2s orbitals. 




1.2 Shapes of the Atomic Orbitals 
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Distance (nm) —► Distance (nm) —> Distance (nm) —> 

FIGURE 1.5 The variation of the radial density distribution function with distance from 
the nucleus for electrons in the 15, 2s, and 3s orbitals of a hydrogen atom. 


Electrons in an s orbital are different from those in p , d , or/orbitals in two 
significant ways. First, only the s orbital has an electron density that varies in 
the same way in every direction out from the atomic nucleus. Second, there is 
a finite probability that an electron in an s orbital is at the nucleus of the atom. 
Every other orbital has a node at the nucleus. 

The p Orbitals 

Unlike the s orbitals, the p orbitals consist of two separate volumes of space 
(lobes), with the nucleus located between the two lobes. Because there are 
three p orbitals, we assign each orbital a direction according to Cartesian co¬ 
ordinates: we have p x ,p y , and p z . Figure 1.6 shows representations of the three 
2 p orbitals. At right angles to the axis of higher probability, there is a nodal 
plane through the nucleus. For example, the 2 p z orbital has a nodal surface in 
the xy plane. In terms of wave function sign, one lobe is positive and the other 
negative. 



FIGURE 1.6 Representations of 
the shapes of the 2 p x , 2p y , and 2 p z 
orbitals. 
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the radial density distribution 
function with distance from the 
nucleus for electrons in the 2s and 
2p orbitals of a hydrogen atom. 


FIGURE 1.7 The variation of 
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If we compare graphs of electron density as a function of atomic radius for 
the 2s orbital and a 2 p orbital (the latter plotted along the axis of higher prob¬ 
ability), we find that the 2s orbital has a much greater electron density close 
to the nucleus than does the 2 p orbital (Figure 1.7). Conversely, the second 
maximum of the 2s orbital is farther out than the single maximum of the 2 p 
orbital. However, the mean distance of maximum probability is the same for 
both orbitals. 

Like the s orbitals, the p orbitals develop additional nodal surfaces within 
the orbital structure as the principal quantum number increases. Thus, a 3 p 
orbital does not look exactly like a 2 p orbital since it has an additional nodal 
surface. However, the detailed differences in orbital shapes for a particular 
angular momentum quantum number are of little relevance in the context of 
basic inorganic chemistry. 

The d Orbitals 

The five d orbitals have more complex shapes. Three of them are located between 
the Cartesian axes, and the other two are oriented along the axes. In all cases, 
the nucleus is located at the intersection of the axes. Three orbitals each have 
four lobes that are located between pairs of axes (Figure 1.8). These orbitals 
are identified as d xy , d xz , and d yz .The other two d orbitals, dp and dp-p, are shown 
in Figure 1.9.The dp orbital looks somewhat similar to a p z orbital (see Figure 1.6), 
except that it has an additional doughnut-shaped ring of high electron density 
in the xy plane. The dp-p orbital is identical to the d xy orbital but has been 
rotated through 45°. 



FIGURE 1.8 Representations of the shapes of the 3 d^, 3 d^, and 3 d yz orbitals. 










1.3 The Polyelectronic Atom 
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The f Orbitals 

The / orbitals are even more complex than the d orbitals. There are seven 
/ orbitals, four of which have eight lobes. The other three look like the d z 2 
orbital but have two doughnut-shaped rings instead of one. These orbitals 
are rarely involved in bonding, so we do not need to consider them in any 
detail. 


1.5 The Polyelectronic Atom 


In our model of the polyelectronic atom, the electrons are distributed among 
the orbitals of the atom according to the Aufbau (building-up) principle. This 
simple idea proposes that, when the electrons of an atom are all in the ground 
state, they occupy the orbitals of lowest energy, thereby minimizing the atom’s 
total electronic energy. Thus, the configuration of an atom can be described 
simply by adding electrons one by one until the total number required for the 
element has been reached. 

Before starting to construct electron configurations, we need to take into 
account a second rule: the Pauli exclusion principle. According to this rule, no 
two electrons in an atom may possess identical sets of the four quantum num¬ 
bers. Thus, there can be only one orbital of each three-quantum-number set 
per atom and each orbital can hold only two electrons, one with m s = +\ and 
the other with m s = -\. 

Filling the s Orbitals 

The simplest configuration is that of the hydrogen atom. According to the 
Aufbau principle, the single electron will be located in the Is orbital. This con¬ 
figuration is the ground state of the hydrogen atom. Adding energy would raise 
the electron to one of the many higher energy states. These configurations are 
referred to as excited states. In the diagram of the ground state of the hydro¬ 
gen atom (Figure 1.10), a half-headed arrow is used to indicate the direction of 
electron spin. The electron configuration is written as Is 1 , with the superscript 
1 indicating the number of electrons in that orbital. 


FIGURE 1.10 Electron 
configuration of a hydrogen atom. 
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2s - 2s —1— 

Is —Is —1— 

(a) (b) 

FIGURE 1.11 Two possible 
electron configurations for helium. 


With a two-electron atom (helium), there is a choice: the second electron 
could go in the Is orbital (Figure 1.11a) or the next higher energy orbital, the 2s 
orbital (Figure 1.11b). Although it might seem obvious that the second electron 
would enter the Is orbital, it is not so simple. If the second electron entered the 
Is orbital, it would be occupying the same volume of space as the electron al¬ 
ready in that orbital. The very strong electrostatic repulsions, the pairing energy ; 
would discourage the occupancy of the same orbital. However, by occupying 
an orbital with a high probability closer to the nucleus, the second electron will 
experience a much greater nuclear attraction. The nuclear attraction is greater 
than the inter-electron repulsion. Hence, the actual configuration will be Is 2 , 
although it must be emphasized that electrons pair up in the same orbital only 
when pairing is the lower energy option. 

In the lithium atom the Is orbital is filled by two electrons, and the third 
electron must be in the next higher energy orbital, the 2s orbital. Thus, lithium 
has the configuration of ls 2 2s\ Because the energy separation of an s and its 
corresponding p orbitals is always greater than the pairing energy in a poly- 
electronic atom, the electron configuration of beryllium will be ls 2 2s 2 rather 
than ls 2 2s 1 2p 1 . 


» 

(a) 

2p 1 

1 


( b) 

2P 1 

1 - 


(c) 

FIGURE 1.12 

Possible 2 p 


electron configurations for carbon. 


Filling the p Orbitals 

Boron marks the beginning of the filling of the 2 p orbitals. A boron atom has 
an electron configuration of ls z 2s z 2p 1 . Because the p orbitals are degenerate 
(that is, they all have the same energy), it is impossible to decide which one of 
the three orbitals contains the electron. 

Carbon is the second ground-state atom with electrons in the p orbitals. 
Its electron configuration provides another challenge. There are three pos¬ 
sible arrangements of the two 2 p electrons (Figure 1.12): ( a ) both electrons 
in one orbital, ( b ) two electrons with parallel spins in different orbitals, and 
(c) two electrons with opposed spins in different orbitals. On the basis of elec¬ 
tron repulsions, the first possibility ( a ) can be rejected immediately. The deci¬ 
sion between the other two possibilities is less obvious and requires a deeper 
knowledge of quantum theory. In fact, if the two electrons have parallel spins, 
there is a zero probability of their occupying the same space. However, if 
the spins are opposed, there is a finite possibility that the two electrons will 
occupy the same region in space, thereby resulting in some repulsion and a 
higher energy state. Hence, the parallel spin situation ( b ) will have the lowest 
energy. This preference for unpaired electrons with parallel spins has been 
formalized in Hand's rule: When filling a set of degenerate orbitals, the num¬ 
ber of unpaired electrons will be maximized and these electrons will have 
parallel spins. 

After the completion of the 2 p electron set at neon (ls 2 2s 2 2p 6 ), the 3s and 3 p 
orbitals start to fill. Rather than write the full electron configurations, a short¬ 
ened form can be used. In this notation, the inner electrons are represented by 
the noble gas symbol having that configuration. Thus, magnesium, whose full 
electron configuration would be written as ls 2 2s 2 2p 6 3s 2 , can be represented as 
having a neon noble gas core, and its configuration is written as [Ne]3s 2 . An 
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advantage of the noble gas core representation is that it emphasizes the outer¬ 
most (valence) electrons, and it is these electrons that are involved in chemical 
bonding. Then filling the 3 p orbitals brings us to argon. 

Filling the d Orbitals 

It is at this point that the 3d and 4s orbitals start to fill. The simple orbital 
energy level concept breaks down because the energy levels of the 4s and 3d 
orbitals are very close. What becomes most important is not the minimum 
energy for a single electron but the configuration that results in the least 
number of inter-electron repulsions for all the electrons. For potassium, this is 
[ArJTs 1 ; for calcium, [Ar]4s 2 . 

In general, the lowest overall energy for each transition metal is obtained 
by filling the s orbitals first; the remaining electrons then occupy the d orbitals. 
Although there are minor fluctuations in configurations throughout the d -block 
and/-block elements, the order of filling is quite consistent: 

Is 2s 2p 3s 3p 4s 3d 4p 5s 4d 5p 6s 4/ 5 d 6p Is 5/ 6d Ip 

Figure 1.13 shows the elements organized by order of orbital filling. 

This order is shown as an energy-level diagram in Figure 1.14 (page 13). 
The orbitals fill in this order because the energy differences between the s,p, d , 
and/orbitals of the same principal quantum number become so great beyond 
n = 2 that they overlap with the orbitals of the following principal quantum 
numbers. It is important to note that Figure 1.14 shows the filling order, not 
the order for any particular element. For example, for elements beyond zinc, 
electrons in the 3d orbitals are far lower in energy than those in the 4s orbitals. 
Thus, at this point, the 3d orbitals have become “inner” orbitals and have no 
role in chemical bonding. Flence, their precise ordering is unimportant. 

Although these are the generalized rules, to illustrate how this delicate 
balance changes with increasing numbers of protons and electrons, the outer 
electrons in each of the Group 3 to Group 12 elements are listed here. These 
configurations are not important in themselves, but they do show how close the 
ns and {n - l)d electrons are in energy. 


Atom 

Configuration 

Atom 

Configuration 

Atom 

Configuration 

Sc 

4s 2 3d 1 

Y 

5s 1 4d 1 

Lu 

6s 1 5d 1 

Ti 

4s 2 3d 2 

Zr 

5s 2 4d 2 

Hf 

6s 2 5d 2 

V 

4s 2 3d 3 

Nb 

5s'4d 4 

Ta 

6s 2 5d 3 

Cr 

4s'3d 5 

Mo 

5s'4d 5 

W 

6s 2 5d 4 

Mn 

4s 2 3d 5 

Tc 

5s 2 4d 5 

Re 

6s 2 5d s 

Fe 

4s 2 3d 6 

Ru 

5s'4d 7 

Os 

6s 2 5d 6 

Co 

4s 2 3d 7 

Rh 

5s 1 4d K 

Ir 

6s 2 5d 7 

Ni 

4s 2 3d 8 

Pd 

5s°4d L0 

Pt 

6s'5d 9 

Cu 

4s ] 3d'° 

Ag 

SsMd 10 

Au 

6s'5d w 

Zn 

4s 2 3d 10 

Cd 

5s 2 4d L0 

Hg 

6s 2 5d'° 









s-Block 


cLBlock 
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FIGURE 1.13 In this version of the periodic table, the chemical elements are organized in order of orbital filling. 
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7 P 


6 d 


7s 


5f 


6 


6p 


5 d 


6s 


4/ 


5 


5 P 


5s 


4 d 


4 



A 


_ Jp 

3 3s 


2p 

2 2s 


BP 

0 J 

c 

w 


1 Is 


Period 

FIGURE 1.14 Representation of the comparative energies of the atomic orbitals for filling 

order purposes. 


For certain elements, the lowest energy is obtained by shifting one or both 

of the ^ electrons to d orbitals. Looking at the first series in isolation would 
lead to the conclusion that there is some preference for a half-full or full set of 

d orbitals by chromium and copper. However, it is more accurate to say that 
the inter-electron repulsion between the two s electrons is sufficient in several 
cases to result in an s 1 configuration. 

For the elements from lanthanum (La) to ytterbium (Yb), the situation is 
even more fluid because the 6s, 5 d, and 4/orbitals all have similar energies. For 
example, lanthanum has a configuration of \Xo\6s 2 5d 1 , whereas the next ele¬ 
ment, cerium, has a configuration of [Xe]6s 2 * 4/ 2 . The most interesting electron 
configuration in this row is that of gadolinium, [Xe]6s 2 5d 1 4f 1 , rather than the 
predicted [Xe]6s 2 * * 4/ 8 . This configuration provides more evidence of the impor¬ 
tance of inter-electron repulsion in the determination of electron configuration 
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when adjacent orbitals have similar energies. Similar complexities occur among 
the elements from actinium (Ac) to nobelium (No), in which the 7s, 6d, and 5/ 
orbitals have similar energies. 


1.4 Ion Electron Configurations 

For the early main group elements, the common ion electron configurations 
can be predicted quite readily. Thus, metals tend to lose all the electrons in the 
outer orbital set. This situation is illustrated for the isoelectronic series (same 
electron configuration) of sodium, magnesium, and aluminum cations: 


Atom 

Electron configuration 

Ion 

Electron configuration 

Na 

[Neps 1 

Na + 

[Ne] 

Mg 

[Ne]3s 2 

Mg 2+ 

[Ne] 

A1 

[Ne]3r3p‘ 

Al 3+ 

[Ne] 


Nonmetals gain electrons to complete the outer orbital set. This situation is 
shown for nitrogen, oxygen, and fluorine anions: 


Atom 

Electron configuration 

Ion 

Electron configuration 

N 

[Ue]2s 2 2p 3 

N 3 - 

[Ne] 

O 

[He]2r2/; 4 

O 2 ” 

[Ne] 

F 

[Ue]2s 2 2p 5 

F” 

[Ne] 


Some of the later main group metals form two ions with different charges. For 
example, lead forms Pb 2+ and (rarely) Pb 4+ .The 2+ charge can be explained 
by the loss of the 6p electrons only (the “inert pair” effect, which we discuss 
in Chapter 9, Section 9.8), whereas the 4+ charge results from loss of both 6s 
and 6p electrons: 


Atom 

Pb 


Electron configuration 


Ion 


[Xe] 6s 2 4f 14 5 d 10 6p 


2 


Pb 

Pb 


2+ 

4+ 


Electron configuration 

[Xe]6s 2 4/ 14 5d 10 

[Xe]4/ 14 5d 10 


Notice that the electrons of the higher principal quantum number are lost first. 
This rule is found to be true for all the elements. For the transition metals, the s 
electrons are always lost first when a metal cation is formed. In other words, for 
the transition metal cations, the 3d orbitals are always lower in energy than the 
4s orbitals, and a charge of 2+, representing the loss of the two s electrons, is 
common for the transition metals and the Group 12 metals. For example, zinc 
always forms an ion of 2+ charge: 


Atom 

Electron configuration 

Ion 

Electron configuration 

Zn 

[Ar]4s 2 3d 10 

Zn 2+ 

[Ar]3 d 10 
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Iron forms ions with charges of 2+ and 3+ and, as shown here, it is tempting to 
ascribe the formation of the 3+ ion to a process in which inter-electron repul¬ 
sion “forces out” the only paired d electron: 


Atom Electron configuration 

Ion Electron configuration 

Fe [Ar]4s 2 3/ 

Fe 2+ [Arp/ 1 


Fe 3+ [Arp/ 




It is dangerous, however, to read too much into the electron configurations of 
atoms as a means of predicting the ion charges. The series of nickel, palladium, 
and platinum illustrate this point: they have different configurations as atoms, 
yet their common ionic charges and corresponding ion electron configurations 
are similar: 


Atom 

Electron configuration 

Ion 

Electron configuration 

Ni 

[Ar]4s 2 3/ 

Ni 2+ 

[Arp/ 

Pd 

[Kr]5s°4/° 

Pd 2+ , Pd 4+ 

[Kr]4/, [Kr]4 d 6 

Pt 

[Xcp.vP/ 

Pt 2+ ,Pt 4+ 

[Xe]5d 8 , [Xcp/ 


1.5 Magnetic Properties of Atoms 


In the discussions of electron configuration, we saw that some atoms possess 
unpaired electrons. The presence of unpaired electrons in the atoms of an ele¬ 
ment can be determined easily from the element’s magnetic properties. If atoms 
containing only spin-paired electrons are placed in a magnetic field, they are 
weakly repelled by the field. This phenomenon is called diamagnetism. Con¬ 
versely, atoms containing one or more unpaired electrons are attracted by the 
magnetic field. This behavior of unpaired electrons is named paramagnetism. 
The attraction of each unpaired electron is many times stronger than the repul¬ 
sion of all the spin-paired electrons in that atom. 

To explain paramagnetism in simple terms, we can visualize the electron 
as a particle spinning on its axis and generating a magnetic moment, just as 
an electric current flowing through a wire does. This permanent magnetic mo¬ 
ment results in an attraction into the stronger part of the field. When electrons 
have their spins paired, the magnetic moments cancel each other. As a result, 
the paired electrons are weakly repelled by the lines of force of the magnetic 
field. In paramagnetic materials, application of a magnetic field aligns some 
of the normally randomly oriented electron spins with the applied magnetic 
field (Figure 1.15a and b). It is this alignment that results in the attraction of 
the material into the magnetic field. We will encounter this phenomenon again 
in our discussions of covalent bonding and the bonding in transition metal 
compounds. 
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FIGURE 1.15 The behavior of 
paramagnetic materials without 
(a) and with (5) an applied 
magnetic field. 



1.6 Medicinal Inorganic Chemistry: An Introduction 

Inorganic chemistry affects our lives directly in two ways. First, as we discuss 
at the end of later chapters, many chemical elements are required for the func¬ 
tioning of living organisms. Second, inorganic elements and compounds have 
been used as medicines since earliest times. Periodically in this text, we give 
examples of the use of inorganic compounds as medicinal substances, but it is 
useful to provide an overview. 

Many inorganic compounds have been used as medicines through the ages. 
A fashionable habit in European countries was to “drink the waters” at spa 
cities. In some cases, the springs were mineral-rich; for example, the water in 
Vichy, France (now available bottled), is rich in magnesium ion, which acts as a 
potent laxative. That water, therefore, should only be drunk in small quantities. 
The solid salt, magnesium sulfate heptahydrate, MgS0 4 -7H 2 0, has the same 
effect. It was named Epsom salts after the town in England where it was first 
discovered. During the nineteenth century, one British hospital was using 2.5 tonnes 
per year on its patients! 

Some cultures practice geophagy, the eating of soil—usually clay. Clays 
are a complex class of minerals, as we discuss in Chapter 14. One form of clay 
is kaolin—a substance that is known for its absorptive abilities. Several types 
of tablets to combat stomach upsets employ kaolin, which, it is believed, can 
surface-absorb toxins produced by ingested harmful bacteria. Other clays 
and soils can supply trace nutrients. However, persistent clay eating is not 
advised since the clay can line the stomach and prevent nutrient adsorption. 
Also, many natural clays contain high concentrations of harmful elements, 
such as lead. 

Inorganic medicinal chemistry can appear in the most unusual contexts. For 
example, religious statues made from the mineral realgar, diarsenic disulfide 
(As 2 S 2 ), were popular among devotees of the Chinese Taoist religion. Han¬ 
dling the statues was believed to restore health. In this particular case, chemis¬ 
try rather than faith might have contributed, for many people in tropical areas 
suffer from internal parasites and handling the statues would result in arsenic 
absorption through the skin, enough to kill the parasites but not enough to kill 
the devotee. 
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In the following chapters, we mention a few of the many modern medicinal 
applications of inorganic compounds: 

Antacids (Chapter 7) 

Lithium in the treatment of bipolar disorder (Chapter 9) 

Boron neutron capture therapy (Chapter 13) 

Platinum complexes as anticancer agents (Chapter 19) 

Technetium as a radiopharmaceutical (Chapter 21) 

Gold in the treatment of rheumatoid arthritis (Chapter 21) 


KEY IDEAS 

• The properties of an electron in an atom can be defined 
in terms of four quantum numbers. 

• There are a variety of shapes of orbitals (s, p , d,f ) as 
defined by the angular momentum quantum number. 

• Electrons in the ground state of an atom fill the orbitals 
of lowest energy. 


• For the transition metals, the energies of the ns and 
(n - l)d orbitals are very similar. 

• In the formation of a cation, the electrons in the orbitals 
of highest principal quantum number are lost first. 

• Paramagnetic behavior in a magnetic field indicates the 
presence of unpaired electrons. 


EXERCISES 

1.1 Define the following terms: (a) nodal surface; 

(b) Pauli exclusion principle; (c) paramagnetic. 

1.2 Define the following terms: (a) orbital; (b) degenerate; 

(c) Hund’s rule. 

1.3 Construct a quantum number tree for the principal 
quantum number n = 4 similar to that depicted for n = 3 in 
Figure 1.3. 

1.4 Determine the lowest value of n for which m t can 
(theoretically) have a value of +4. 

1.5 Identify the orbital that has n = 5 and 1=1. 

1.6 Identify the orbital that has n = 6 and / = 0. 

1.7 How does the quantum number n relate to the 
properties of an orbital? 

1.8 How does the quantum number / relate to the 
properties of an orbital? 

1.9 Explain concisely why carbon has two electrons in 
different p orbitals with parallel spins rather than the other 
possible arrangements. 

1.10 Explain concisely why beryllium has a ground-state 
electron configuration of 1/2/ rather than 1/2/2/? 1 . 


1.11 Write noble gas core ground-state electron config¬ 
urations for atoms of (a) sodium; (b) nickel; (c) copper. 

1.12 Write noble gas core ground-state electron config¬ 
urations for atoms of (a) calcium; (b) chromium; (c) lead. 

1.13 Write noble gas core ground-state electron configu¬ 
rations for ions of (a) potassium; (b) scandium 3 + ; (c) cop¬ 
per 2+. 

1.14 Write noble gas core ground-state electron configu¬ 
rations for ions of (a) chlorine; (b) cobalt 2+; (c) manga¬ 
nese 4+. 

1.15 Predict the common charges of the ions of thallium. 
Explain your reasoning in terms of electron configurations. 

1.16 Predict the common charges of the ions of tin. Explain 
your reasoning in terms of electron configurations. 

1.17 Predict the common charge of the silver ion. Explain 
your reasoning in terms of electron configurations. 

1.18 Predict the highest possible charge of a zirconium ion. 
Explain your reasoning in terms of electron configurations. 

1.19 Use diagrams similar to Figure 1.12 to determine 
the number of unpaired electrons in atoms of (a) oxygen; 
(b) magnesium; (c) chromium. 
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1.20 Use diagrams similar to Figure 1.12 to determine 1.22 Which of the following species are hydrogen-like? 

the number of unpaired electrons in atoms of (a) nitrogen; (a) He + ; (b) He"; (c) Li + ; (d) Li 2+ . 

(b) silicon; (c) iron. 

1.21 Write the electron configuration expected for ele¬ 
ment 113 and the configurations for the two cations that it 
is most likely to form. 


BEYOND THE BASICS 

1.23 The next set of orbitals after the / orbitals are the g 
orbitals. How many g orbitals would there be? What would 
be the lowest principal quantum number n that would pos¬ 
sess g orbitals? Deduce the atomic number of the first ele¬ 
ment at which g orbitals would begin to be filled on the 
basis of the patterns of the d and/orbitals. 

1.24 An alternative to the Schrodinger wave equation is 
the Dirac wave equation. Using online sources, research the 
Dirac wave equation and contrast it with the Schrodinger 
wave equation. 

1.25 Use an advanced inorganic chemistry text as a 
source of information on the/orbitals. What are their com¬ 
mon features? How do they differ among themselves? 


1.26 In Section 1.3, gadolinium is mentioned as having 
an electron configuration that deviates from the lanthanoid 
pattern. Which element in the actinoids should show a simi¬ 
lar deviation? What would be its electron configuration? 

1.27 In Figure 1.13, the elements are organized logically 
according to the order of orbital filling. Identify two disad¬ 
vantages of organizing the elements in this way. 

1.28 A philosophical question: Does an orbital exist even 
if it does not contain an electron? Discuss. 


ADDITIONAL RESOURCES 

For answers to odd-numbered questions: www.whfreeman.com/descriptive5e 
For accompanying video clips: www.whfreeman.com/descriptive5e 




CHAPTER 2 


An Overview of 
the Periodic Table 


The periodic table is the framework on which much of our understanding 
of inorganic chemistry is based. In this chapter, we provide the essential 
information that you will need for the more detailed discussions of the 
individual groups in later chapters. 


T he search for patterns among the chemical elements really started 
with the work of the German chemist Johann Dobereiner. In 
1829, he noticed that there were similarities in properties among various 
groups of three elements, such as calcium, strontium, and barium. He 
named these groups “triads.” Then in 1865, John Newlands, a British 
sugar refiner, realized that, when the elements were placed in order 
of increasing atomic weights, a cycle of properties repeated with every 
eight elements. Newlands called this pattern the law of octaves. At the 
time, scientists had started to look for a unity of the physical laws that 
would explain everything, so to correlate element organization with 
the musical scale seemed natural. Unfortunately, his proposal was 
laughed at by most chemists of the time. 

It was in 1869 that the Russian chemist Dmitri Mendeleev (pro¬ 
nounced Men-de-le-ev) independently devised the same concept 
(without linking it to music) and made the crucial advance of using the 
law as a predictive tool. It attracted little attention until four months 
later, when Lothar Meyer, a German chemist, published his own report 
on the periodic relationship. Meyer did acknowledge that Mendeleev 
had the same idea first. 

Mendeleev and Meyer would hardly recognize the contemporary 
periodic table. In Mendeleev’s proposal, the elements known at the 
time were organized in an eight-column format in order of increasing 
atomic mass. He claimed that each eighth element had similar proper¬ 
ties. Groups I to VII each contained two subgroups, and Group VIII 
contained four subgroups. The organization of one of his designs is 
shown in Figure 2.1. To ensure that the patterns in the properties of ele¬ 
ments fit the table, it was necessary to leave spaces. Mendeleev assumed 
that these spaces corresponded to unknown elements. He argued that 
the properties of the missing elements could be predicted on the basis 
of the chemistry of each element’s neighbors in the same group. For 
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FIGURE 2.1 The organization of one of Mendeleev's designs for the periodic table. 


example, the missing element between silicon and tin, called eka-silicon (Es) by 
Mendeleev, should have properties intermediate between those of silicon and 
tin. Table 2.1 compares Mendeleev’s predictions with the properties of germa¬ 
nium, discovered 15 years later. 

However, the Mendeleev periodic table had three major problems: 

1. If the order of increasing atomic mass was consistently followed, ele¬ 
ments did not always fit in the group that had the matching properties. Thus, 
the order of nickel and cobalt had to be reversed, as did that of iodine and 
tellurium. 

2. Elements were being discovered, such as holmium and samarium, for which 
no space could be found. This difficulty was a particular embarrassment. 

3. Elements in the same group were sometimes quite different in their chemical 
reactivity. This discrepancy was particularly true of the first group, which con¬ 
tained the very reactive alkali metals and the very unreactive coinage metals 
(copper, silver, and gold). 

As we now know, there was another flaw: to establish a group of elements, at 
least one element has to be known already. Because none of the noble gases 
was known at that time, no space was left for them. Conversely, some spaces in 
Mendeleev’s table were completely erroneous. This was because he tried to fit 
the elements into repeating rows (periods) of eight. Now, of course, we know 
that the periods are not consistently eight members long but instead increase 
regularly: successive rows have 2,8,8,18,18,32, and 32 elements. 


Comparison of Mendeleev s predictions for eka-silicon and the 
actual properties of germanium 

Element Atomic weight Density (g*cm -3 ) Oxide formula Chloride formula 

Eka-silicon 72 5.5 Es0 2 EsC1 4 

Germanium 72.3 5.47 Ge0 2 GeCl 4 


TABLE 2.1 
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The crucial transition to our modern ideas was provided by Henry Moseley, 
a British physicist, as we discuss in the dedication of this text. Placing the 
elements in order of the atomic number that he derived from spectroscopic 
measurements removed the irregularities of the table that was based on 
atomic masses, and it defined exactly the spaces in the table where elements 
still needed to be found. 

2.1 Organization of the Modern Periodic Table 

In the modern periodic table, the elements are placed in order of increasing atomic 
number (the number of protons). There have been numerous designs of the table 
over the years, but the two most common are the long form and the short form. 
The long form (Figure 2.2) shows all the elements in numerical order. 
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FIGURE 2.2 The long form of the periodic table. 


The start of a new period always corresponds to the introduction of the 
first electron into the s orbital of a new principal quantum number. In a par¬ 
ticular period, the principal quantum number of the p orbitals is the same as 
that of the s orbitals, whereas the d orbitals are one less and the / orbitals are 
two less. The number of elements in each period corresponds to the number of 
electrons required to fill those orbitals (Figure 2.3). 
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FIGURE 2.3 Electron orbital 
filling sequence in the periodic 
table. 


Each group contains elements of similar electron configuration. For exam¬ 
ple, all Group 1 elements have an outer electron that is ns 1 , where n is the prin¬ 
cipal quantum number. Although elements in a group have similar properties, 
it is important to realize that every element is unique. Thus, although nitrogen 
and phosphorus are sequential elements in the same group, nitrogen gas is very 
unreactive and phosphorus is so reactive that it spontaneously reacts with the 
oxygen in the air. 
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FIGURE2.4 Short form of the 
periodic table displaying the group 
numbers. Main group elements 
are blue. 
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Because the long form of the periodic table is a very elongated diagram 
and because the elements from lanthanum to ytterbium and from actinium to 
nobelium show similar chemical behavior, the short form displays these two 
sets of elements in rows beneath the remainder of the table and the resulting 
space is closed up. Figure 2.4 shows this more compact, short form of the table. 
Chemists disagree about the choice of elements to be placed in Group 3 for 
Periods 6 and 7. Some consider lanthanum (element 57) and actinium (ele¬ 
ment 89) to be the correct choices, while others believe lutetium (element 71) 
and lawrencium (element 103) belong there. The electron configurations of the 
contenders are shown below: 


Atom 

La 

Ac 


Electron configuration 


Atom 


[Xc]6r5d' 

[Rn]7,s 2 6 ( /' 


Lu 

Lr 


Electron configuration 


[Xc]6s 2 4f 4 5d l 

[Rn]7s' 2 5/ 14 6rf 1 


Both arguments have their merits. The La-Ac supporters argue that the config¬ 
urations match those of the elements above: scandium ([Ar ^s^d 1 ) and yttrium 
([Kr^sMd^.The Lu-Lr supporters point out that all the other transition metals 
of Period 6 have 4/ 14 in their configurations and those of Period 7 have 5/ 14 in 
their configurations, making the Lu-Lr pair more consistent. 

According to the recommendations of the International Union of Pure and 
Applied Chemistry (IUPAC), the main and transition groups of elements are 
numbered from 1 to 18. This system replaces the old system of using a mixture 
of Roman numerals and letters, a notation that caused confusion because of 
differences in numbering between North America and the rest of the world. For 
example, in North America, IIIB referred to the group containing scandium, 
whereas in the rest of the world this designation was used for the group start¬ 
ing with boron. Numerical designations are not used for the series of elements 
from lanthanum (La) to ytterbium (Yb) and from actinium (Ac) to nobelium 
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(No), because there is much more resemblance in properties within each of 
those rows of elements than vertically in groups. 

Groups 1 and 2 and 13 through 18 represent the main group elements, and 
these groups correspond to the filling of the s and p orbitals. Groups 4 through 
11, corresponding to the filling of the d orbitals, are classified as the transition 
metals. The discussion of the main groups will take up the majority of space 
in this text because it is these elements that cover the widest range of chemi¬ 
cal and physical properties. The elements of Group 12, although sometimes 
included among the transition metals, have a very different chemistry from 
that series; hence, Group 12 will be considered separately. Several of the main 
groups have been given specific names: alkali metals (Group 1), alkaline earth 
metals (Group 2 ),pnictogens (a lesser-used term for Group 15), chalcogens (a 
lesser-used term for Group 16), halogens (Group 17), and noble gases (Group 18). 
The elements in Group 11 are sometimes called the coinage metals. 

The elements corresponding to the filling of the 4 f orbitals are called the 
lanthanoids, and those corresponding to the filling of the 5/orbitals are called 
the actinoids. They used to be named the lanthanides and actinides, but the 
-ide ending more correctly means a negative ion, such as oxide or chloride. For 
a few years, IUPAC was suggesting the names lanthanons and actinons, but 
because the ending -on is preferred for nonmetals (and the lanthanoids and 
actinoids are all metallic elements), the -oid ending is now recommended. The 
chemistry of the elements of Group 3, scandium (Sc), yttrium (Y), and lutetium 
(Lu), more closely resembles that of the lanthanoids than that of the transition 
metals. For this reason, these three elements are usually discussed together 
with the lanthanoid elements, lanthanum to ytterbium (see Chapter 24). There 
is, in fact, a collective name for the Group 3 and lanthanoid elements: the rare 
earth elements. 

Although the elements in the periodic table are arranged according to elec¬ 
tron structure, we make an exception for helium (Is 2 ). Rather than placing it with 
the other ns 2 configuration elements, the alkaline earth metals, it is placed with 
the other noble gases (of configuration ns 2 np 6 ) because of chemical similarities 
(see Figure 2.3). Hydrogen is even more of a problem. Although some versions 
of the periodic table show it as a member of Group 1 or Group 17 or both, its 
chemistry is unlike either that of the alkali metals or the halogens. For this reason, 
it is placed on its own in the tables in this text to indicate its uniqueness. 


Four lanthanoid elements were 
named after the small Swedish 
town of Ytterby, where the 
elements were first discovered. 
These elements are yttrium, 
ytterbium, terbium, and erbium. 


2.2 Existence of the Elements 


To understand why there are so many elements and to explain the pattern of the 
abundances of the elements, we must look at the most widely accepted theory of 
the origin of the universe. This is the big bang theory, which assumes that the uni¬ 
verse started from a single point. About one second after the universe came into 
existence, the temperature had dropped to about 10 10 K, enabling protons and 
neutrons to exist. During the next three minutes, hydrogen-1, hydrogen-2, helium-3, 
helium-4, beryllium-7, and lithium-7 nuclei formed. (The number following the 
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hyphen represents the mass number, the sum of protons and neutrons, of that iso¬ 
tope.) After these first few minutes, the universe had expanded and cooled below 
the temperature at which nuclear fusion reactions could occur. At this time, as is 
still true today, most of the universe consisted of hydrogen-1 and some helium-4. 

Through gravitational effects, the atoms became concentrated in small vol¬ 
umes of space; indeed, the compression was great enough to cause exothermic 
nuclear reactions. These volumes of space we call stars. In the stars, hydrogen 
nuclei are fused to give more helium-4 nuclei. About 10 percent of the helium in 
the present universe has come from hydrogen fusion within stars. As the larger 
stars become older, buildup of helium-4 and additional gravitational collapse 
cause the helium nuclei to combine to form beryllium-8, carbon-12, and oxygen-16. 
At the same time, the fragile helium-3, beryllium-7, and lithium-7 are destroyed. 
For most stars, oxygen-16 and traces of neon-20 are the largest (highest atomic 
number) elements produced. However, the temperature of the very massive stars 
increases to a maximum as high as 10 9 K, and their density increases to about 
10 6 g‘Cm -3 . Under these conditions, the tremendous repulsion between the high 
positive charges of carbon and oxygen nuclei can be overcome, a condition lead¬ 
ing to the formation of all the elements up to iron. However, iron is the limit 
because, beyond iron, synthesis (fusion) is endothermic rather than exothermic. 

When the more massive elements have accumulated in the core of the star 
and the energy from nuclear syntheses is no longer balancing the enormous 
gravitational forces, a catastrophic collapse occurs, followed by an unimagi¬ 
nable explosion. This can happen in as short a time as a few seconds. It is dur¬ 
ing the brief time of this explosion, what we see as a supernova, that there is 
sufficient free energy to cause the formation of large atomic nuclei (greater 
than 26 protons) in endothermic nuclear reactions. All the elements from the 
supernovas that happened early in the history of the universe have spread 
throughout the universe. It is these elements that make up our solar system 
and, indeed, ourselves. So it is really true when songwriters and poets say that 
we are “stardust.” 


2.3 Stability of the Elements and Their Isotopes 


In the universe, there are only 80 stable elements (Figure 2.5). For these ele¬ 
ments, one or more isotopes do not undergo spontaneous radioactive decay. 
No stable isotopes occur for any element above lead, and two elements in the 
earlier part of the table, technetium and promethium, exist only as radioactive 
isotopes. Traditionally, bismuth, or more correctly bismuth-209, was considered 
the last stable isotope. However, as early as 1949 it was predicted theoretically 
that the isotope could not be stable. It was not until 2003 that the radioactive 
decay of the “stable” isotope of bismuth was observed, and its half-life has 
now been determined as 1.9 X 10 19 years. Two other elements for which only 
radioactive isotopes exist, uranium and thorium, are found quite abundantly 
on Earth because the half-lives of some of their isotopes—10 8 to 10 9 years— 
are almost as great as the age of Earth itself. 
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FIGURE 2.5 Elements that have only radioactive isotopes (blue). 

The fact that the number of stable elements is limited can be explained by 
recalling that the nucleus contains positively charged protons. Repulsive forces 
exist between the protons, just like the repulsive forces between electrons, dis¬ 
cussed in Chapter 1. We can visualize the neutrons simply as material separating 
the positive charges. Table 2.2 shows that, as the number of protons increases, 
the number of neutrons in the most common isotope of each element increases 
at a faster rate. Beyond lead, the number of positive charges in the nucleus becomes 
too large to maintain nuclear stability, and the repulsive forces prevail. 

To gain a better understanding of the nucleus, we can devise a quantum 
(or shell) model of the nucleus. Just as Bohr visualized electrons as existing in 
quantum levels, so we can visualize layers of protons and neutrons (together 
called the nucleons). Thus, within the nucleus, protons and neutrons will inde¬ 
pendently fill energy levels corresponding to the principal quantum number 
n. EJowever, the angular momentum quantum number / is not limited as it is 

for electrons. In fact, for nucleons, the filling order starts with Is, 1 p, 2s, Id - 

Each nuclear energy level is controlled by the same magnetic quantum number 


TABLE 2.2 

Neutron-proton ratios for common isotopes 


Element 

No. of protons 

No. of neutrons 

Neutron-proton ratio 

Hydrogen 

1 

0 

0.0 

Helium 

2 

2 

1.0 

Carbon 

6 

6 

1.0 

Iron 

26 

30 

1.2 

Iodine 

53 

74 

1.4 

Lead 

82 

126 

1.5 

Bismuth 

83 

126 

1.5 

Uranium 

92 

146 

1.6 
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The Origin of the Shell Model of the Nucleus 


^ SB ° 

^ Si at +* 

* r* i & 

T he proposal that the nucleus might have a struc¬ 
ture came much later than Niels Bohr’s work on 
electron energy levels. Of the contributors to the dis¬ 
covery, the physicist Maria Goeppert Mayer probably 
accomplished the most crucial work. In 1946, Mayer 
was studying the abundances of the different elements 
in the universe, and she noticed that certain nuclei 
were far more abundant than those of their neighbors 
in the periodic table. The higher abundances had to re¬ 
flect a greater stability of those particular nuclei. She 
realized that the stability could be explained by con¬ 
sidering that the protons and neutrons were not just 
a solid core but were themselves organized in energy 
levels just like the electrons. 


Mayer published her ideas, but the picture was not 
complete. She could not understand why the numbers 
of nucleons to complete each energy level were 2, 8,20, 
28, 50, 82, and 126. After her working on the problem 
for three years, the flash of inspiration came one evening 
and she was able to derive theoretically the quantum 
levels and sublevels. Another physicist, Hans Jensen, 
read her ideas on the shell model of the nucleus and, in 
the same year as Mayer, independently came up with 
the same theoretical results. Mayer and Jensen met and 
collaborated to write the definitive book on the nuclear 
structure of the atom. Becoming good friends, Mayer and 
Jensen shared the 1963 Nobel Prize in Physics for their 
discovery of the structure of the nucleus. 


rules as electrons, so there are one v level, three p levels, and five d levels. Both 
nucleons have spin quantum numbers that can be +\ or 

Using these rules, we find that, for nuclei, completed quantum levels contain 
2,8,20,28,50,82, and 126 nucleons of one kind (compared with 2,10,18,36,54, 
and 86 for electrons). Thus, the first completed quantum level corresponds to 
the Is 2 configuration, the next with the ls 2 lp 6 configuration, and the following 
one with ls 2 lp 6 2s 2 ld 1{) . These levels are filled independently for protons and 
for neutrons. We find that, just like the quantum levels of electrons, completed 
nucleon levels confer a particular stability on a nucleus. For example, the decay 
of all naturally occurring radioactive elements beyond lead results in the for¬ 
mation of lead isotopes, all of which have 82 protons. 

The influence of the filled energy levels is apparent in the patterns among sta¬ 
ble isotopes. Thus, tin, with 50 protons, has the largest number of stable isotopes 
(10). Similarly, there are seven different elements with isotopes containing 82 neu¬ 
trons (isotones) and six different elements with isotopes containing 50 neutrons. 

If the possession of a completed quantum level of one nucleon confers sta¬ 
bility to the nucleus, then we might expect that nuclei with filled levels for 
both nucleons—so-called doubly magic nuclei—would be even more favored. 
This is indeed the case. In particular, helium-4 with Is 2 configurations of both 
protons and neutrons is the second most common isotope in the universe, and 
the helium-4 nucleus (the a-particle) is ejected in many nuclear reactions. 
Similarly, we find that it is the next doubly completed nucleus, oxygen-16, that 
makes up 99.8 percent of oxygen on this planet. Calcium follows the trend with 
97 percent of the element being calcium-40. As we saw in Table 2.2, the number 
of neutrons increases more rapidly than that of protons. Thus, the next doubly 
stable isotope is lead-208 (82 protons and 126 neutrons). This is the most mas¬ 
sive stable isotope of lead and the most common in nature. 

Neutron-rich doubly magic calcium-48 (20 p, 28n) has been the key to syn- 
thesizing new elements. Using calcium-48 nuclei as projectiles, nuclear physicists 
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FIGURE 2.6 Solar system abundances of the elements as percentages on a logarithmic 
scale. [Adapted from P. A. Cox, The Elements (Oxford: Oxford University Press, 1989), p. 17] 


have claimed the synthesis of element 114 (Uuq) from plutonium-244, element 
115 (Uup) from americium-243, element 116 (Uuh) from curium-248, and 
element 118 (Uuo) from californium-249. 

Different from electron behavior, spin pairing is an important factor for 
nucleons. In fact, of the 273 stable nuclei, only four have odd numbers of both 
protons and neutrons. Elements with even numbers of protons tend to have 
large numbers of stable isotopes, whereas those with odd numbers of protons 
tend to have one or, at most, two stable isotopes. For example, cesium (55 pro¬ 
tons) has just one stable isotope, whereas barium (56 protons) has seven stable 
isotopes. Technetium and promethium, the only elements before bismuth to 
exist only as radioactive isotopes, both have odd numbers of protons. 

The greater stability of even numbers of protons in nuclei can be related 
to the abundance of elements on Earth. As well as the decrease of abundance 
with increasing atomic number, we see that elements with odd numbers of pro¬ 
tons have an abundance about one-tenth that of their even-numbered neigh¬ 
bors (Figure 2.6). 


2.4 Classifications of the Elements 


There are numerous ways in which the elements can be classified. The most 
obvious is by phase at standard ambient temperature (25°C) and pressure 
(100 kPa), conditions that are referred to as SATP (not to be confused with 
the old standard, STP, of 0°C and 101 kPa pressure). Among all the elements, 
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FIGURE 2.7 Classification of the elements into gases (blue), liquids (black), and solids 
(white) at 25°C. 

there are only two liquids and 11 gases (Figure 2.7) at SATP. It is important 
to define the temperature precisely, because two metals have melting points 
(m.p.) just slightly above the standard temperatures: cesium, m.p. 29°C, and 
gallium, m.p. 30°C. Also, highly radioactive francium may be a liquid at room 
temperature, but the numbers of atoms studied have been so small that its 
bulk properties could not be ascertained. 

Another very common classification scheme has two categories: metals 
and nonmetals. But what is meant by a metal? A lustrous surface is not a 
good criterion, for several elements that are regarded as nonmetals—silicon 
and iodine are two examples—have very shiny surfaces. Even a few com¬ 
pounds, such as the mineral pyrite, FeS 2 (also known as fool’s gold), look 
metallic. Density is not a good guide either, because lithium has a density half 
that of water, while osmium has a density 40 times that of lithium. Hardness 
is an equally poor guide, because the alkali metals are very soft. The ability 
of the element to be flattened into sheets (; malleability ) or to be pulled into 
wires ( ductility ) is sometimes cited as a common property of metals, but some 
of the transition metals are quite brittle. High thermal conductivity is com¬ 
mon among the elements we call metals, but diamond, a nonmetal, has one 
of the highest thermal conductivities of any element. So that classification is 
not valid either. 

High three-dimensional electrical conductivity is the best criterion of a 
metal. We have to stipulate three rather than two dimensions because graph¬ 
ite, an allotrope of carbon, has high electrical conductivity in two dimensions. 
There is a difference of 10 2 in conductivity between the best electrical conduct¬ 
ing metal (silver) and the worst (plutonium). But even plutonium has an elec¬ 
trical conductivity about 10 5 times better than the best conducting nonmetallic 
element. To be precise, though, the SATP conditions of 100 kPa pressure and 
25°C have to be stipulated, because below 18°C, the stable allotrope of tin is 
nonelectrically conducting. Furthermore, under readily obtainable pressures, 
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FIGURE 2.8 Classification of the elements into metals (white), weak metals (blue), 
semimetals (black), and nonmetals (pale blue). 

iodine becomes electrically conducting. A more specific physical criterion is 
the temperature dependence of the electrical conductivity, for the conductivity 
of metals decreases with increasing temperature, whereas that of nonmetals 
increases. 

For chemists, however, the most important feature of an element is its pat¬ 
tern of chemical behavior, in particular, its tendency toward covalent bond 
formation or its preference for cation formation. But no matter which criteria 
are used, some elements always fall in the border region of the metal-nonmetal 
divide. As a result, most inorganic chemists agree that boron, silicon, germa¬ 
nium, arsenic, antimony, and tellurium can be assigned an ambiguous status as 
semimetals (Figure 2.8), formerly called metalloids. 

Even then, the division of elements into three categories is a simplification. 
There is a subgroup of the metals, those closest to the borderline, that exhibit 
some chemical behavior that is more typical of the semimetals, particularly 
formation of anionic species. These eight chemically weak metals are beryllium, 
aluminum, zinc, gallium, tin, lead, bismuth, and polonium. As an example of 
one of the anionic species, we can choose aluminum. In very basic solution, as 
we see in Chapter 13, aluminum forms aluminates, Al(OH) 4 - (ag) [sometimes 
written as A10 2 - (tfg)].The other chemically weak metals similarly form beryl- 
lates, zincates, gallates, stannates, plumbates, antimonates, bismuthates, and 
polonates. 


2.5 Periodic Properties: Atomic Radius 


One of the most systematic periodic properties is atomic radius. What is the mean¬ 
ing of atomic size? Because the electrons can be defined only in terms of prob¬ 
ability, there is no real boundary to an atom. Nevertheless, there are two common 
ways in which we can define atomic radius. The covalent radius, r cov , is defined as 
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FIGURE 2.9 Comparison of the 
covalent radius, r cov , and the van 
der Waals radius, r vdw . 



FIGURE 2.10 Covalent radii (pm) of a typical group and 
short period. 



FIGURE 2.11 The variation of 
electron probability with distance 
from the nucleus for electrons in 
Is and 2s orbitals. 


the half-distance between the nuclei of two atoms of the same element joined in a 
single covalent bond. The van der Waals radius, r vdw , is defined as the half-distance 
between the nuclei of two atoms of neighboring molecules (Figure 2.9). Further¬ 
more, for the metallic elements, it is possible to measure a metallic radius: the 
half-distance between the nuclei of two neighboring atoms in the solid metal. 

Covalent radii are experimental values, and there are significant variations 
in the values derived from different sets of measurements. It is important to re¬ 
alize that some values are obtained only from extrapolation of trends. For ex¬ 
ample, many general chemistry texts list covalent radii for all the noble gases. 
However, since isolable compounds of helium, neon, and argon have never 
been synthesized, it is obvious these values are, at best, rough estimates or 
theoretical values. Likewise, covalent radii for metallic elements are of limited 
validity and the values cited are often those of the metallic radius. Figure 2.10 
provides some of the more reliable values of covalent radii (in picometers, 
1CT 12 m) for the Group 17 elements and for the nonmetals, semimetal, and 
“weak” metal of Period 2. Though the numerical values may differ between 
sources, the trend is always the same: with few exceptions, radii decrease from 
left to right across a period and increase descending a group. 

To explain these trends, we must examine the model of the atom. Let us 
start with lithium. A lithium atom contains three protons, and its electron con¬ 
figuration is 1 s 2 2s\ The apparent size of the atom is determined by the size 
of the outermost orbital containing electrons, in this case, the 2s orbital. The 
electron in the 2s orbital is shielded from the full attraction of the protons by 
the electrons in the Is orbital (Figure 2.11). Hence, the effective nuclear charge, 
Z eff , felt by the 2s electron will be much less than 3 and closer to 1. The elec¬ 
trons in the inner orbitals will not completely shield the 2s electron; however, 
because the volumes of the 2s and Is orbitals overlap, the Z eff will be slightly 
greater than 1. In fact, its value can be estimated as 1.3 charge units. 

A beryllium nucleus has four protons, and the electron configuration of 
beryllium is ls 2 2s 2 . There will be two factors to consider in estimating atomic 
radius: the increased Z eff as a result of the increased number of protons and the 
repulsions between the two negative electrons themselves. Each 2s electron 
will experience the higher Z eff since each 2s electron, having the same average 
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distance from the nucleus, will offer little shielding to the other. It is found 
that the nuclear attraction is more significant than the inter-electron repulsion; 
hence, there will be a contraction of the 2s orbitals. 

Proceeding across the period, the contraction continues and we can explain 
this trend in terms of the effect of Z eff . The Z eff increases as a result of the in¬ 
creasing nuclear charge and has a greater and greater effect on the electrons 
that are being added to orbitals (s and p of the same principal quantum num¬ 
ber) that overlap substantially. In other words, we can consider the value of Z eff 
for the outer electrons to determine the apparent outer orbital size and hence 
the radii of the atoms across a period. 

Descending a group, the atoms become larger (see Figure 2.10). This trend 
is also explainable in terms of the increasing size of the orbitals and the influ¬ 
ence of the shielding effect. Let us compare a lithium atom (three protons) 
with the larger sodium atom (11 protons). Because of the greater number of 
protons, one might expect the greater nuclear charge to cause sodium to have 
the smaller atomic radius. However, sodium has 10 “inner” electrons, ls 2 2s 2 2p 6 , 
shielding the electron in the 3s 1 orbital. As a result, the 3s electron will feel a 
much reduced nuclear attraction. Thus, the outermost orbital of sodium will 
be quite large (radially diffuse), accounting for the larger measured covalent 
radius of sodium than that of lithium. 

There are a few minor variations in the smooth trend. For example, gallium 
has the same covalent radius (126 pm) as aluminum, the element above it. If 
we compare the electron configurations—aluminum is [Ne]3s 2 3p 1 and gallium 
is [Ax^As^d^Ap 1 —we see that gallium has 10 additional protons in its nucleus; 
these protons correspond to the electrons in the 3d orbitals. However, the 3d 
orbitals do not shield outer orbitals very well. Thus, the Ap electrons are exposed 
to a higher Z eff than expected. As a result, the radius is reduced to a value similar 
to that of the preceding member of the group. 

Slater s Rules 

Up to now, we have used Z eff in very vague terms. In 1930, J. C. Slater proposed 
a set of empirical rules to semiquantify the concept of effective nuclear charge. 
He proposed a formula that related Z eff to the actual nuclear charge, Z: 

Z ef f = Z — CT 

where a is called Slater’s screening constant. Slater derived a series of empiri¬ 
cal rules for the calculation of a. To use this series of rules, we must order the 
orbitals by principal quantum number, that is, Is, 2s, 2p, 3s, 3p, 3d, As, Ap, Ad, 
Af, and so on. 

To find the screening constant for a particular electron, the rules are as 
follows: 

1. All electrons in orbitals of greater principal quantum number contribute zero. 

2. Each electron in the same principal quantum number contributes 0.35, ex¬ 
cept when the electron studied is in a d or an/orbital; then the electrons in the 
s and p orbitals count 1.00 each. 


The largest atom in the periodic 
table is francium. 


32 


CHAPTER 2 


An Overview of the Periodic Table 


TABLE 2.3 

Values of effective nuclear charge for electrons in 
elements according to Clementi and Raimondi 

second period 

Element 

Li 

Be 

B 

C 

N 

O 

F 

Ne 

Z 

3 

4 

5 

6 

7 

8 

9 

10 

Is 

2.69 

3.68 

4.68 

5.67 

6.66 

7.66 

8.65 

9.64 

2s 

1.28 

1.91 

2.58 

3.22 

3.85 

4.49 

5.13 

5.76 

2 P 



2.42 

3.14 

3.83 

4.45 

5.10 

5.76 


3. Electrons in the ( n - 1) principal quantum level contribute 0.85 each, 
except when the electron studied is in a d or / orbital; then the electrons 
count 1.00 each. 

4. All electrons in the lesser principal quantum levels count 1.00 each. 

For example, to calculate the effective nuclear charge on one of the 2 p electrons 
in the oxygen atom (\s 2 2s 2 2p 4 ), we first find the screening constant: 

^(2 X 0.85) + (5 X 0.35) = 3.45 

Hence, Z eff = Z — a = 8 — 3.45 = 4.55. Thus, a 2 p electron in oxygen does not 
experience the full attraction of the eight protons in the nucleus, nor is there 
total shielding by the inner electrons. A net charge of about 4.55 is still a very 
strong nuclear attraction. 

Although the results of calculations using Slater’s rules provide a more quan¬ 
titative feel for the concept of effective nuclear charge, their simplicity makes 
them less than perfect. In particular, the rules assume that both s and p electrons 
in the same principal quantum number experience the same nuclear charge. 
From the orbital diagrams that we discussed in Chapter 1, this is obviously not 
the case. Using calculations based on the atomic wave functions, E. Clementi and 
D. L. Raimondi derived more precise values for the values of effective nuclear 
charge, some of which are shown in Table 2.3. The Clementi and Raimondi val¬ 
ues do indeed show a small but significant difference in effective nuclear charge 
for the more penetrating s electrons compared with the p electrons in the same 
principal quantum number. Note that the increasing Z eff on the outermost elec¬ 
trons along the period correlates well with the trend of decreasing atomic radii. 

Relativistic Effects 

There is a contraction in radius for the elements in the sixth period and beyond 
compared with that predicted from classical calculations. We can explain this in 
terms of a shortcoming of the Schrodinger wave equation: that it fails to take 
into account the effects of relativity on the electrons. This simplification is ac¬ 
ceptable for the lower mass elements, but toward the bottom of the periodic 
table, relativistic effects cannot be ignored. For example, the Is electrons of 
mercury have been estimated to travel at over half the velocity of light. Such 
a speed results in about a 20 percent increase in mass and hence an approxi¬ 
mately 20 percent decrease in orbital size for these electrons. 
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This reduction in size is particularly apparent for s orbitals, as electrons 
in these orbitals have high probabilities close to the nucleus. The p orbitals 
experience a similar but lesser contraction. The d and / orbitals do not pen¬ 
etrate the core and, with the contraction of the 5 and p orbitals, they are more 
strongly shielded from the nucleus. As a result, the d and / orbitals expand. 
However, the outermost orbitals that determine atomic radius are usually s 
and p ; hence, the net effect is a shrinkage in radius among the later-period 
elements. As we see in later chapters, the relativistic effect can also be used to 
explain anomalies in the chemistry of the more massive elements. 

2.6 Periodic Properties: Ionization Energy 


One trend that relates very closely to electron configuration is that of ioniza¬ 
tion energy. Usually we are interested in the first ionization energy, that is, the 
energy needed to remove one electron from the outermost occupied orbital of 
a free atom X: 

x(g) X + (g) + e- 

Whereas the values of covalent radii depend on which molecules are studied and 
the errors in measurement, ionization energies can be measured with great preci¬ 
sion. Figure 2.12 shows the first ionization energies for the first two periods. 

The explanation for the substantial increase from hydrogen to helium 
(1314 kJ*mol _1 to 2368 kJ*mol _1 ) involves the second proton in the nucleus. 
Each electron in the Is orbital of helium is only slightly shielded by the other. 
Thus, the nuclear attraction, Z eff , on each electron is almost twice that for the 
electron of the hydrogen atom. In fact, there is a good correlation between the 
measured first ionization energy of an atom and the calculated value of Z eff for 
the outermost electron. 

In the lithium atom, the ionizing 2s electron is shielded from the nuclear 
attraction by the two electrons in the Is orbital. With a weaker attraction to 
overcome, the energy needed should be much less, and that is what we find 
experimentally. The first ionization energy of beryllium is higher than that of 


PLh 


2.5- 


2.0 


1.5- 


1 . 0 - 


0.5- 


He 



123456789 10 
Number of protons 


FIGURE 2.12 First ionization 
energies (MJ*mol _1 ) for the 
elements in Periods 1 and 2. 
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lithium, and again we use the concept of little shielding between electrons in 
the same orbital set—in this case, the 2s orbital—to explain this result. 

The slight drop in ionization energy for boron shows a phenomenon that 
is not apparent from a comparison of covalent radii; it is an indication that 
the s orbitals do partially shield the corresponding p orbitals. This effect is not 
unexpected; we show in Chapter 1 that the s orbitals penetrate closer to the 
nucleus than do the matching p orbitals. Following boron, the trend of increas¬ 
ing ionization energy resumes as the Z eff increases and the additional electrons 
are placed in the same p orbital set. 

The final deviation from the trend comes with oxygen. The drop in first 
ionization energy here can only be explained in terms of inter-electron repul¬ 
sions. That is, the one paired electron can be lost more readily than would oth¬ 
erwise be the case, leaving the oxygen ion with an electron configuration of 
ls 2 2s 2 2p 3 . Beyond oxygen, the steady rise in first ionization energy continues 
to the completion of Period 2. Again, this pattern is expected as a result of the 
increase in Z eff . 

Proceeding down a group, the first ionization energy generally decreases. 
Using the same argument as that for the increase in atomic radius, we conclude 
that the inner orbitals shield the electrons in the outer orbitals and the succes¬ 
sive outer orbitals themselves are larger. For example, compare lithium and so¬ 
dium again. Although the number of protons has increased from 3 in lithium to 
11 in sodium, sodium has 10 shielding inner electrons. Thus, the Z eff for the out¬ 
ermost electron of each atom will be essentially the same. At the same time, the 
volume occupied by the electron in the 3s orbital of sodium will be significantly 
larger (thus, on average, the electron will be farther from the nucleus) than that 
occupied by the electron in the 2s orbital of lithium. Hence, the 3s electron of 
sodium will require less energy to ionize than the 2s electron of lithium. A simi¬ 
lar trend is apparent among the halogen atoms, although the values themselves 
are much higher than those of the alkali metals (Figure 2.13). 

Looking at a long period, such as that from potassium to bromine, we find 
that the ionization energy rises slowly across the transition metals. Once the 
filling of the 4 p orbitals commences, we find that the ionization energy for 
gallium is quite low, in fact, similar to that of calcium. The sudden drop can 
be explained by the electrons in the 3 d orbitals becoming part of the core and 
hence more effective at shielding. 

We can also gain information from looking at successive ionizations of an 
element. For example, the second ionization energy corresponds to the process 

X + (g) X 2+ (g) + e" 

Lithium provides a simple example of such trends, with a first ionization 
energy of 519 kJ-mol -1 , a second ionization energy of 7.4 X 10 3 kJ-mol -1 , and 
a third ionization energy of 11.8 X 10 3 kTmoL 1 . The second electron, being 
one of the Is electrons, requires greater than 10 times more energy to remove 
than it takes to remove the 2s electron. To remove the third and last electron 
takes even more energy. The lesser value for removing the second electron 
compared to the third can be accounted for by two factors: first, there are 
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FIGURE 2.13 First ionization 
energies (MJ-mol -1 ) of the main 
group elements. 


always electron-electron repulsions when two electrons occupy the same 
orbital; second, even within the same orbital, one electron does partially shield 
the other electron. 


2.7 Periodic Properties: Electron Affinity 


Just as ionization energy represents the loss of an electron by an atom, so elec¬ 
tron affinity represents the gain of an electron. Electron affinity is defined as 
the energy change when an electron is added to the lowest energy unoccupied 
orbital of a free atom: 

X(g) + e- X"(g) 

Note that addition of an electron to an alkali metal is an exothermic process. 
Because losing an electron by ionization is endothermic (requires energy) and 
gaining an electron is exothermic (releases energy), for the alkali metals, form¬ 
ing a negative ion is energetically preferred to forming a positive ion! This 
statement contradicts the dogma often taught in introductory chemistry. (The 
point is relevant to the discussion of ionic bonding in Chapter 5.) However, 
we must not forget that ion formation involves competition between a pair of 
elements for the electrons. Because the formation of an anion by a nonmetal 
is more exothermic (releases more energy) than that for a metal, it is the non- 
metals that gain an electron rather than the metals. 

There are conflicting sets of values for experimental electron affinities, but the 
trends are always consistent, and it is the trends that are important to inorganic 
chemists. One source of confusion is that electron affinity is sometimes defined as 
the energy released when an electron is added to an atom. This definition yields 
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FIGURE 2.14 First electron 
affinities (kJ-mol -1 ) of the main 
group elements. 



signs that are the opposite of those on the values discussed here. To identify which 
sign convention is being used, recall that halogen atoms become halide ions exo¬ 
thermically (that is, the electron affinities for this group should have a negative 
sign). A typical data set is shown in Figure 2.14. 

To explain the weakly positive electron affinity for beryllium, we have to 
assume that the electrons in the 2s orbital shield any electron added to the 2 p 
orbital. Thus, the attraction of a 2 p electron to the nucleus is close to zero. The 
highly negative electron affinity of carbon indicates that addition of an electron to 
give the ls 2 2s 2 2p 3 half-filled p orbital set of the C~ ion does provide some energy 
advantage. The near-zero value for nitrogen suggests that the added interelectron 
repulsion when a 2 p 3 configuration is changed to that of 2 p 4 is a very significant 
factor. The high values for oxygen and fluorine, however, suggest that the high Z eff 
for 2 p electrons for these two atoms outweighs the interelectron repulsion factor. 

Finally, just as there are sequential ionization energies, there are sequential 
electron affinities. These values, too, have their anomalies. Let us look at the 
first and second electron affinities for oxygen: 

O(g) + e - —>0“(g) -141 kJ-moL 1 

O-(g) + e _ —>0 2_ (g) +744 kJ-moL 1 

Thus, the addition of a second electron is an endothermic process. This energeti¬ 
cally unfavorable process is not surprising from the point of view of adding an 
electron to a species that is already negatively charged, but then one has to 
explain how the oxide ion exists in chemical compounds. In fact, as we see in 
Chapter 5, the oxide ion can only exist where there is some other driving force, 
such as the formation of a crystal lattice. 
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Alkali Metal Anions 


* T* 1 ff 1 

I t is so easy to become locked into preconceptions. 

Everyone “knows” that the alkali metals “want” to 
lose an electron and form cations. In fact, this is not 
true: 502 kJ is required to remove the 3s electron from 
a mole of free sodium atoms. However, as we see from 
Figure 2.14, 53 kJ of energy is released when an addi¬ 
tional 3s electron is added to a mole of sodium atoms. 
In other words, sodium would actually prefer a filled 3s 
set of electrons rather than an empty 3s set. The reason 
why this does not happen normally is that the sodium is 
usually combined with an element with a higher electron 
affinity; hence, it “loses out” in the competition for the 
valence electrons. 

It was a Michigan State University chemist, James 
Dye, who realized that, by finding the right conditions, it 


might just be possible to stabilize the alkali metal anion. 
After a number of attempts, he found a complex organic 
compound of formula C 2 oH 36 0 6 that could just contain 
a sodium cation within its structure. He was hoping that, 
by adding this compound to a sample of sodium metal, 
some of the sodium atoms would pass their s electrons 
to neighboring sodium atoms to produce sodium anions. 
This happened as predicted: 

2 Na +C^ 3 6 O 6 ->[Na(C 20 H 36 O 6 )] + Na- 

The metallic-looking crystals were shown to contain the 
sodium anion, but the compound was found to be very 
reactive with almost everything. Although there are few 
uses for the compound, its existence does remind us to 
question even the most commonly held beliefs. 


2.8 The Elements of Life 


Bioinorganic chemistry , the study of the elements in the context of living organ¬ 
isms, is one of the most rapidly growing areas of chemistry. The role of the ele¬ 
ments in biological systems is discussed in the framework of each group, but an 
overview of the essential elements for life is provided here. An element is consid¬ 
ered essential when a lack of that element produces an impairment of function 
and addition of the element restores the organism to a healthy state. Fourteen 
chemical elements are required in considerable quantities (Figure 2.15). 


Micronutrient deficiency affects 
the health of about two billion 
people worldwide both directly 
and by making them more 
susceptible to disease. 
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FIGURE 2.15 The elements necessary for life in large quantities (black) and in ultratrace 
amounts (pale blue). 
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FIGURE 2.16 Variation of 
response with intake dose, 
Bertrand's rule. 


The essentiality of these bulk-requirement elements is easy to determine; 
the challenge is to identify elements that are needed by most organisms but 
only in tiny quantities—the ultratrace elements. Because we need so little 
of them, it is almost impossible to eliminate them from a normal diet to 
examine the effects of any deficiency. Up to now, 12 additional elements are 
confirmed as being needed for a healthy human life. It is amazing that our 
bodies require over one-fourth of the stable elements for healthy function¬ 
ing. The precise functions of some of these ultratrace elements are still unknown. 
As biochemical techniques become more sophisticated, more elements may be 
added to the list of those required. 

For almost all the essential elements, there is a range of intake that is op¬ 
timum, whereas below and above that range some harmful effects are experi¬ 
enced. This principle is known as Bertrand’s rule (Figure 2.16). Many people 
are aware of the Bertrand rule in the context of iron intake. Too little iron can 
cause anemia, yet children also have died after consuming too large a quantity 
of iron supplement pills. The range of optimum intake varies tremendously 
from element to element. One of the narrow ranges is that of selenium, for 
which the optimum intake is between 50 |xg*day _1 and 200 fxg*day _1 . Less 
than 10 fxg*day _1 will cause severe health problems, whereas death ensues 
from intake levels above 1 p,g‘day _1 . Fortunately, most people, through their 
normal food intake, ingest levels of selenium in the required range. 


KEY IDEAS 

• There are a variety of forms of the periodic table, all of 
which are arranged in order of increasing atomic number. 

• Nucleons fill shells analogous to electron shells, with 
filled nucleon shells (“magic numbers”) conferring addi¬ 
tional stability to the nuclei. 

• Elements can be classified as gas/liquid/solid according 
to phase at room temperature or as metals/semimetals/ 
(weak metals)/nonmetals. 


• Atomic (covalent/van der Waals/metallic) radius is 
defined by the effective nuclear charge on the outermost 
electrons. 

• Trends in ionization energy and electron affinity can be 
explained in terms of electron energies. 

• Many chemical elements are essential in biochemical 
processes. 


EXERCISES 

2.1 Define the following terms: (a) rare earth metals; 
(b) van der Waals radius; (c) effective nuclear charge. 

2.2 Define the following terms: (a) second ionization 
energy; (b) electron affinity; (c) Bertrand’s rule. 

2.3 Explain the two reasons why the discovery of argon 
posed problems for the original Mendeleev periodic table. 

2.4 Explain why the atomic mass of cobalt is greater 
than that of nickel even though the atomic number of co¬ 
balt is less than that of nickel. 


2.5 Give one advantage and one disadvantage of the 
long form of the periodic table. 

2.6 Suggest why the Group 11 elements are sometimes 
called the coinage metals. 

2.7 Suggest why it would be more logical to call ele¬ 
ment 2 “helon” rather than helium. Why is the -ium ending 
inappropriate? 

2.8 Why were the names lanthanides and actinides 
inappropriate for those series of elements? 
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2.9 Why is iron the highest atomic number element 
formed in stellar processes? 

2.10 Why must the heavy elements on this planet 
have been formed from the very early supernovas that 
exploded? 

2.11 Identify 

(a) the highest atomic number element for which 
stable isotopes exist; 

(b) the only transition metal for which no stable 
isotopes are known; 

(c) the only liquid nonmetal at SATP. 

2.12 Identify the only two radioactive elements to exist 
in significant quantities on Earth. Explain why they are still 
present. 

2.13 Which element—sodium or magnesium—is likely to 
have only one stable isotope? Explain your reasoning. 

2.14 Suggest the number of neutrons in the most common 
isotope of calcium. 

2.15 Yttrium, element 39, exists in nature as only one 
isotope. Without consulting tables, deduce the number of 
neutrons in this isotope. 

2.16 Suggest why polonium-210 and astatine-211 are the 
isotopes of those elements with the longest half-lives. 

2.17 In the classification of elements into metals and 
nonmetals, 

(a) why is a metallic luster a poor guide? 

(b) why can’t thermal conductivity be used? 

(c) why is it important to define electrical conduc¬ 
tivity in three dimensions as the best criteria for 
metallic behavior? 

2.18 On what basis are elements classified as semimetals? 

2.19 Which atom should have the larger covalent radius, 
potassium or calcium? Give your reasoning. 

2.20 Which atom should have the larger covalent radius, 
fluorine or chlorine? Give your reasoning. 

2.21 Suggest a reason why the covalent radius of germa¬ 
nium (122 pm) is almost the same as that of silicon (117 pm), 
even though germanium has 18 more electrons than silicon. 

2.22 Suggest a reason why the covalent radius of hafnium 
(144 pm) is less than that of zirconium (145 pm), the element 
above it in the periodic table. 

2.23 In Table 2.3, we show the values of effective nu¬ 
clear charge for the second period elements calculated 
by the sophisticated method of Clementi and Raimondi. 


For each of those elements, calculate the effective nuclear 
charge on each of the Is, 2s, and 2 p orbitals according 
to Slater’s rules. Compare them to the Clementi and 
Raimondi values and discuss whether the differences are 
really significant. 

2.24 Using Slater’s rules, calculate the effective nuclear 
charge on an electron in each of the orbitals in an atom of 
potassium. 

2.25 Using Slater’s rules, calculate the relative effective 
nuclear charge on one of the 3d electrons compared to that 
on one of the 4s electrons for an atom of manganese. 

2.26 Using Slater’s rules, calculate the effective nuclear 
charge on a 3 p electron in (a) aluminum and (b) chlorine. 
Explain how your results relate to 

(i) the relative atomic radii of the two atoms; 

(ii) the relative first ionization energies of the two 
atoms. 

2.27 Which element should have the higher ionization 
energy, silicon or phosphorus? Give your reasoning. 

2.28 Which element should have the higher ionization 
energy, arsenic or phosphorus? Give your reasoning. 

2.29 An element has the following first through fourth 
ionization energies in MJ-mol -1 : 0.7,1.5, 7.7,10.5. Deduce 
to which group in the periodic table it probably belongs. 
Give your reasoning. 

2.30 Which one, in each pair of elements—boron and 
carbon and carbon and nitrogen—will have the higher 
second ionization energy? Give your reasoning in each 
case. 

2.31 For the elements sodium and magnesium, which 
has the higher first ionization energy? Second ionization 
energy? Third ionization energy? 

2.32 Which element, sodium or magnesium, should have 
an electron affinity closer to zero? Give your reasoning. 

2.33 Would you expect the electron affinity of helium to 
be positive or negative in sign? Explain your reasoning. 

2.34 What part of the periodic table contains the ele¬ 
ments that we need in large quantities? How does this 
correspond to the element abundances? 

2.35 Without consulting data tables or a periodic table, 
write the mass number for (a) the most common isotope 
of lead (element 82); (b) the only stable isotope of bismuth 
(element 83); (c) the longest-lived isotope of polonium 
(element 84). 
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BEYOND THE BASICS 

2.36 Contrary to the general trend, the first ionization 
energy of lead (715 kJ-mol -1 ) is higher than that of tin 
(708 kJ-mol -1 ). Suggest a reason for this. 

2.37 Why are elemental hydrogen and helium not pres¬ 
ent in any significant amounts in the Earth’s atmosphere 
even though they are the two most abundant elements in 
the universe? 

2.38 Why is it wise for your food to come from a number 
of different geographic locations? 


2.39 When element 117 is synthesized, what would you 
expect qualitatively in terms of its physical and chemical 
properties? 

2.40 Research the claimed synthesis of elements 114,115, 
116, and 118. What do you notice about most of the isotopes 
of these elements? 

2.41 Use an advanced inorganic chemistry or bioinorganic 
chemistry text to identify a role in human nutrition for as many 
of the ultratrace elements shown in Figure 2.15 as possible. 


ADDITIONAL RESOURCES 

For answers to odd-numbered questions: www.whfreeman.com/descriptive5e 

oft gLp; 

YrfC For accompanying video clips: www.whfreeman.com/descriptive5e 




CHAPTER 3 


Covalent Bonding 


The covalent bond, one of the most crucial concepts in chemistry, is explained 
best in terms of molecular orbitals. We use molecular orbitals to explain the 
bonding in simple diatomic molecules. For complex molecules, the construction 
of molecular orbital diagrams requires sophisticated computation, and we use 
more simplistic models to predict their shapes. To account for the values of the 
melting points and boiling points of small covalently bonded molecules, we 
invoke the existence of intermolecular forces between neighboring molecules. 
The shapes of molecules can be described definitively by the use of principles 
of symmetry. The symmetry of a molecule determines the pattern of absorption 
of infrared light as a result of molecular vibrations. 


O ne of the tantalizing questions raised at the beginning of the twen¬ 
tieth century was: How do atoms combine to form molecules? 
A great pioneer in the study of bonding was Gilbert N. Lewis, who 
was raised on a small farm in Nebraska. In 1916, he suggested that the 
outer (valence) electrons could be visualized as sitting at the corners 
of an imaginary cube around the nucleus. An atom that was deficient 
in the number of electrons needed to fill eight corners of the cube could 
share edges with another atom to complete its octet (Figure 3.1). 

As with most revolutionary ideas, many of the chemists of the time 
rejected the proposal. The well-known chemist Kasimir Fajans com¬ 
mented: 

Saying that each of two atoms can attain closed electron shells by shar¬ 
ing a pair of electrons is equivalent to a husband and wife, by having a 
total of two dollars in a joint bank account and each having six dollars 
in individual bank accounts, have got eight dollars apiece. 

Despite the initial criticism, the Lewis concept of shared electron 
pairs was generally accepted, although the cube diagrams lost favor. 


ft 
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FIGURE 3.1 The Lewis cube model of the bonding of two halogen atoms. 
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CHAPTER 3 • Covalent Bonding 


The classical view of bonding was soon overtaken by the rise of quantum 
mechanics. In 1937, Linus Pauling devised a model that involved the overlap¬ 
ping of atomic orbitals. Pauling was awarded the Nobel Prize in Chemistry in 
1954 for his work on the nature of the chemical bond. 


3.1 Models of Covalent Bonding 


o-.-.q 

FIGURE 3.2 Electron-dot 
diagram for dioxygen with a 
double bond. 


• 6:0 

FIGURE 3.3 Electron-dot 
diagram for dioxygen with two 
unpaired electrons. 


In Chapter 1, we saw that the quantum mechanical model of the atom pro¬ 
vides the best means of understanding the properties and trends among the 
elements. For example, the underlying structure of the periodic table could be 
explained by means of the occupancy of the s, p, d, and / orbitals. The trends 
in such properties as ionization energy also become understandable using the 
probability model and such concepts as shielding. 

Just as the properties of atoms can best be interpreted in terms of atomic 
orbitals, so the properties of covalent compounds can best be explained in 
terms of molecular orbitals. An electron in a molecular orbital is the property 
of the whole molecule, not of an individual atom. The construction of molecu¬ 
lar orbital energy levels enables us to explain aspects of chemical bonding that 
are difficult to comprehend in terms of the simple Lewis electron-dot repre¬ 
sentations that are taught in general chemistry. 

Interestingly, it is one of the simplest molecules, dioxygen, 0 2 , that provides 
one of the greatest shortcomings of electron-dot diagrams. In 1845, Michael 
Faraday showed that oxygen gas was the only common gas to be attracted into 
a magnetic field; that is, dioxygen is paramagnetic, so it must possess unpaired 
electrons (two, as we now know). Later, bond strength studies showed that the 
dioxygen molecule has a double bond. Thus, any acceptable electron-dot dia¬ 
gram should possess these two properties. In fact, we cannot devise a reasonable 
electron-dot diagram that will combine both attributes. We can draw a diagram 
with a double bond (Figure 3.2)—but that has no unpaired electrons. Alterna¬ 
tively, we can draw a diagram with two unpaired electrons (Figure 3.3)—but 
that has a single bond. However, the ground-state molecular orbital diagram 
for dioxygen, as we will see, corresponds correctly to a double bond and two 
unpaired electrons. 

Since the molecular orbital model flows naturally from the atomic orbital 
model of Chapter 1, it is with molecular orbitals that we start the chapter. How¬ 
ever, molecular orbital energy levels must be calculated for each individual 
molecule and can only simply be applied to diatomic molecules (our focus here). 
Thus, when we look at the properties and shapes of more complex molecules and 
ions, we will revert to the electron-dot diagrams and the valence-shell electron- 
pair repulsion (VSEPR) rules that enables us to deduce molecular shape. 

There is an intermediate approach that can be applied to explain the shapes 
of molecules—atomic orbital hybridization. In this method, electrons are still 
the property of individual atoms, but by means of hybridization the individual 
atomic orbitals of an atom can be considered to mix (hybridize) to give optimal 
bonding directions. This approach is described later in the chapter. 



3.2 Introduction to Molecular Orbitals 
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3.2 Introduction to Molecular Orbitals 


When two atoms approach each other, according to the molecular orbital concept, 
their atomic orbitals overlap. The electrons no longer belong to one atom but 
to the molecule as a whole. To represent this process, we can combine the two 
atomic wave functions to give two molecular orbitals. This realistic representa¬ 
tion of the bonding in covalent compounds involves the linear combination of 
atomic orbitals and is thus called the LCAO method. 

If it is s orbitals that mix, then the molecular orbitals formed are given 
the representation of a and a* (pronounced sigma and sigma-star). Figure 3.4 
shows simplified electron density plots for the atomic orbitals and the resulting 
molecular orbitals. 



<7 


FIGURE 3.4 The combination of twos atomic orbitals to form a and a* molecular orbitals. 

For the a orbital, the electron density between the two nuclei is increased 
relative to that between two independent atoms. There is an electrostatic 
attraction between the positive nuclei and this area of higher electron density, 
and the orbital is called a bonding orbital. Conversely, for the a* orbital, the 
electron density between the nuclei is decreased, and the partially exposed ^ 

nuclei cause an electrostatic repulsion between the two atoms. Thus, the £ 

a* orbital is an antibonding orbital. Figure 3.5 illustrates the variation in the p 3 
energies of these two molecular orbitals as the atoms are brought together. 

When the atoms are an infinite distance apart, there is no attraction or 
repulsion, and so under those conditions they can be considered as having 
a zero energy state. As a result of electrostatic attraction between the elec¬ 
trons of one atom and the nuclear protons of the other, bringing together 
two atoms results in a decrease in energy. Figure 3.5 shows that the energy 
of the bonding orbital reaches a minimum at a certain internuclear separa¬ 
tion. This point represents the normal bond length in the molecule. At that sepa¬ 
ration, the attractive force between the electron of one atom and the protons of 
the other atom is just balanced by the repulsions between the two nuclei. When 
the atoms are brought closer together, the repulsive force between the nuclei 
becomes greater, and the energy of the bonding orbital starts to rise. For electrons 
in the antibonding orbital, there is no energy minimum. Electrostatic repulsion 
increases continuously as the partially exposed nuclei come closer and closer. 
Another way to picture the two types of molecular orbitals is to consider them 
as wave combinations. The overlap of electron wave functions of the constituent 
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FIGURE 3.5 Molecular orbital 
energies as a function of atom 
separation for two hydrogen-like 
atoms. 
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FIGURE 3.6 Molecular orbital 
diagram for the H 2 + molecular ion. 


atoms in constructive interference corresponds to a bonding orbital. Destructive 
interference, however, corresponds to an antibonding orbital. 

Several general statements can be made about molecular orbitals: 

1. For orbitals to overlap, the signs on the overlapping lobes must be the same. 

2. Whenever two atomic orbitals mix, two molecular orbitals are formed, one 
of which is bonding and the other antibonding. The bonding orbital is always 
lower in energy than the antibonding orbital. 

3. For significant mixing to occur, the atomic orbitals must be of similar energy. 

4. Each molecular orbital can hold a maximum of two electrons, one with 
spin +|, the other 

5. The electron configuration of a molecule can be constructed by using the 
Aufbau principle by filling the lowest energy molecular orbitals in sequence. 

6. When electrons are placed in different molecular orbitals of equal energy, 
the parallel arrangement (Hund’s rule) will have the lowest energy. 

7. The bond order in a diatomic molecule is defined as the number of bond¬ 
ing electron pairs minus the number of antibonding pairs. 

In the next section, we see how the formation of molecular orbitals can be 
used to explain the properties of diatomic molecules of Period 1 and then, in the 
following section, look at the slightly more complex cases of Period 2 elements. 

3.3 Molecular Orbitals for Period 1 Diatomic Molecules 


The simplest diatomic species is that formed between a hydrogen atom and a 
hydrogen ion, the H 2 + molecular ion. Figure 3.6 is an energy-level diagram that 
depicts the occupancy of the atomic orbitals and the resulting molecular orbitals. 
Subscripts are used to indicate from which atomic orbitals the molecular orbit¬ 
als are derived. Flence, the a orbital arising from the mixing of two Is atomic 
orbitals is labeled as cr ls . Notice that the energy of the electron is lower in the cr ls 
molecular orbital than it is in the Is atomic orbital. This is a result of the simulta¬ 
neous attraction of the electron to two hydrogen nuclei. It is the net reduction in 
total electron energy that is the driving force in covalent bond formation. 


Atomic Molecular Atomic 

orbitals orbitals orbitals 



a l s 
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The electron configuration of the dihydrogen cation is written as (cr^) 1 . A 
“normal” covalent bond consists of one pair of electrons. Because there is only 
one electron in the dihydrogen ion bonding orbital, the bond order is Experi¬ 
mental studies of this ion show that it has a bond length of 106 pm and a bond 
strength of 255 kFmol -1 . 

The energy-level diagram for the hydrogen molecule, H 2 , is shown in 
Figure 3.7. With a second bonding electron, the bond order is 1. The greater 
the bond order, the greater the strength of the bond and the shorter the 
bond length. This correlation matches our experimental findings of a shorter 
bond length (74 pm) and a much stronger bond (436 kJ*mol _1 ) than that in 
the dihydrogen cation. The electron configuration is written as (cr^) 2 . 

It is possible under extreme conditions to combine a helium atom and a helium 
ion to give the He 2 + molecular ion. In this species, the third electron will have to 
occupy the a* orbital (Figure 3.8). The molecular ion has an electron configura¬ 
tion of (a l5 ) 2 (ai 5 ) x and the bond order is (1-^), or The existence of a weaker 
bond is confirmed by the bond length (108 pm) and bond energy (251 kJ^moF 1 )— 
values about the same as those of the dihydrogen ion. 

We can make up a molecular orbital diagram for the He 2 molecule (Figure 3.9). 
Two electrons decrease in energy on formation of the molecular orbitals while 


FIGURE 3.7 Molecular orbital 
diagram for the H 2 molecule. 


FIGURE 3.8 Molecular orbital 
diagram for the He 2 + ion. 
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FIGURE 3.9 Molecular orbital 
diagram for the Is atomic orbitals 
of the (theoretical) He 2 molecule. 
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two electrons increase in energy by the same quantity. Thus, there is no net 
decrease in energy by bond formation. An alternative way of expressing the same 
point is that the net bond order will be zero. Thus, no covalent bonding would 
be expected to occur, and, indeed, helium is a monatomic gas. 

3.4 Molecular Orbitals for Period 2 Diatomic Molecules 


Whenever we start a new period, the inner (core) electrons become irrel¬ 
evant to the bonding process. Hence, for the first two elements of Period 2, 
we need only construct a molecular orbital energy diagram corresponding to 
the 2s atomic orbitals. These outermost occupied orbitals, at the “edge” of the 
molecule, are often called the frontier orbitals , and they are always the crucial 
orbitals for bonding. Here we will focus on the highest occupied molecular 
orbitals (HOMOs), although for chemical reactions, the next levels, the lowest 
unoccupied molecular orbitals (LUMOs), are also important. 

Lithium is the simplest of the Period 2 elements. In both solid and liquid 
phases, the bonding is metallic, a topic that we discuss in Chapter 4. In the gas 
phase, however, there is evidence for the existence of diatomic molecules. The two 
electrons from the 2s atomic orbitals occupy the molecular orbital, thereby 
producing a bond order of 1 (Figure 3.10). Both the measured bond length and 
the bond energy are consistent with this value for the bond order. The occupancy 
of the frontier (valence) molecular orbitals is represented as (a 25 ) 2 . 

Before we consider the heavier Period 2 elements, we must examine the for¬ 
mation of molecular orbitals from 2 p atomic orbitals. These orbitals can mix in 
two ways. First, they can mix end to end. When this orientation occurs, a pair of 
bonding and antibonding orbitals is formed and resembles those of the orbit¬ 
als. These orbitals are designated the <j 2p and <j* p molecular orbitals (Figure 3.11). 
In fact, a a bond is defined as one formed by atomic orbital overlap along the axis 
joining the two nuclear centers. As we mentioned earlier, orbitals can only overlap 
if the signs of the lobes are the same—in this case, we show positive to positive. 
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FIGURE 3.10 Molecular orbital 
diagram for the 2s atomic orbitals 
of the Li 2 (gas-phase) molecule. 


FIGURE 3.11 The combination 
of two 2 p atomic orbitals end to 
end to form cr 2p and a 2p molecular 
orbitals. 


FIGURE 3.12 The combination 
of two 2 p atomic orbitals side 
to side to form n 2p and it \ p 
molecular orbitals. 


Alternatively, the 2 p atomic orbitals can mix side to side. The bonding and 
antibonding molecular orbitals formed in this way are designated tt orbitals 
(Figure 3.12). For tt orbitals, the increased electron density in the bonding 
orbital is not between the two nuclei but above and below a plane containing 
the nuclei. Thus, in contrast to a a bond, a tt bond is formed by overlap of orbit¬ 
als at right angles to the axis joining the two nuclear centers. 

Because every atom has three 2 p atomic orbitals, when two such atoms 
combine, there will be three bonding and three antibonding molecular orbitals 
produced in total from the 2 p orbital set. If we assume the bonding direction 
to be along the z-axis, the orbitals formed in that direction will be <j 2p and a* p . 
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TABLE 3.1 

Bond order information for the heavier Period 2 elements 

Molecule 

Bond length (pm) 

Bond energy 
(kJmol" 1 ) 

Assigned bond 
order 

N 2 

110 

942 

3 

o 2 

121 

494 

2 

F 2 

142 

155 

1 


At right angles, the other two 2 p atomic orbitals form two pairs of tv 2p and tt 2p 
molecular orbitals. 

It must be emphasized that bonding models are developed to explain ex¬ 
perimental observations. We observe that the shorter the bond length and the 
higher the bond energy, the stronger the bond. For the Period 2 elements, bonds 
with energies of 200-300 kJ*mol _1 are typical for single bonds, those with ener¬ 
gies of 500-600 kJ*mol _1 are defined as double bonds, and those with energies 
of 900-1000 kJ*mol _1 are defined as triple bonds. Thus, for dinitrogen, dioxygen, 
and difluorine, the molecular orbital model must conform to the bond orders 
deduced from the measured bond information shown in Table 3.1. 

For all three of these diatomic molecules, N 2 , 0 2 , and F 2 , the bonding and 
antibonding orbitals formed from both Is and 2s atomic orbitals are filled, and so 
there will be no net bonding contribution from these orbitals. Hence, we need only 
consider the filling of the molecular orbitals derived from the 2 p atomic orbitals. 

For the Period 2 elements beyond dinitrogen, the v 2p orbital is the lowest 
in energy, followed in order of increasing energy by tt 2/? , tt 2/7 , and c r 2p . When the 
molecular orbital diagram is completed for the dioxygen molecule (Figure 3.13), we 
see that, according to Hund’s rule, there are indeed two unpaired electrons; this dia¬ 
gram conforms with experimental measurements. Furthermore, the bond order of 
2 [3 — (2 X ^)] is consistent with bond length and bond energy measurements. Thus, 
the molecular orbital model explains our experimental observations perfectly. 

FIGURE 3.13 Molecular orbital 
diagram for the 2 p atomic orbitals 
of the 0 2 molecule. 
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In difluorine, two more electrons are placed in the antibonding orbital 
(Figure 3.14). Hence, the bond order of 1 represents the net bonding arising 
from three filled bonding orbitals and two filled antibonding orbitals. The 
valence electron configuration is represented as (o- 2/7 ) 2 (tt 2p ) 4 ('tt 5 p ) 4 . 
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FIGURE 3.14 Molecular orbital 
diagram for the 2 p atomic orbitals 
of the F 2 molecule. 


Neon is the last (heaviest) element in Period 2. If a molecular orbital dia¬ 
gram is constructed for the theoretical Ne 2 molecule, all the bonding and anti¬ 
bonding orbitals derived from the 2 p atomic orbitals are filled; as a result, the 
net bond order is O.This prediction is consistent with the observation that neon 
exists as a monatomic gas. 

Up to now, we have avoided discussion of the elements lying in the middle 
part of Period 2, particularly dinitrogen. The reason concerns the relative ener¬ 
gies of the 2s and 2 p orbitals. For fluorine, with a high Z eff , the 2s atomic energy 
level is about 2.5 MTmol -1 lower in energy than that of the 2 p level. This dif¬ 
ference results from the penetration of the s orbital close to the nucleus (as 
discussed in Chapter 2, Section 2.5); hence, an electron in an s orbital is more 
strongly influenced by the increasing nuclear charge. 

However, at the beginning of the period, the levels differ in energy by only 
about 0.2 MJ*mol _1 . In these circumstances, the wave functions for the 2s and 2 p 
orbitals become mixed. One result of the mixing is an increase in energy of the 
d 2 p molecular orbital to the point where it has greater energy than the it 2p 
orbital. This ordering of orbitals applies to dinitrogen and the preceding ele¬ 
ments in Period 2, the c j-tt crossover occurring between dinitrogen and dioxy¬ 
gen. When we use this modified molecular orbital diagram to fill the molecular 
orbitals from the 2 p atomic orbitals for the dinitrogen molecule, a bonding 
order of 3 results (Figure 3.15). This calculation corresponds with the strong 
bond known to exist in the molecule. The valence electron configuration of 
dinitrogen is (tt 2/ ,) 4 (o 2/) ) 2 . 
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FIGURE 3.15 Molecular orbital 
diagram for the 2 p atomic orbitals 
of the N 2 molecule. 
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3.5 Molecular Orbitals for Heteronuclear Diatomic Molecules 


When we combine atomic orbitals from different elements, we have to con¬ 
sider that the atomic orbitals will have different energies. For elements from 
the same period, we find that the higher the atomic number, the higher the Z eff 
and hence the lower the orbital energies. We can use molecular orbital energy 
levels to visualize the bonding of carbon monoxide. A simplified diagram of 
the molecular orbitals derived from the 2s and 2p atomic orbitals is shown in 
Figure 3.16. The oxygen atomic orbitals are lower in energy than those of carbon 
as a result of the greater Z eff , but they are close enough in energy that we 
can construct a molecular orbital diagram similar to that of the homonuclear 
diatomic molecules. 

A major difference between homonuclear and heteronuclear diatomic 
molecules is that the molecular orbitals derived primarily from the 2s atomic 
orbitals of one element overlap significantly in energy with those derived from 
the 2 p atomic orbitals of the other element. Thus, we must consider molecular 
orbitals derived from both these atomic orbitals in our diagram. Furthermore, 
because of the asymmetry of the orbital energies, the bonding molecular orbit¬ 
als are derived mostly from the lower energy oxygen atomic orbitals, whereas 
the antibonding molecular orbitals are derived mostly from the higher energy 
carbon atomic orbitals. Finally, there are two molecular orbitals whose ener¬ 
gies are between those of the contributing atomic orbitals. These orbitals, cr NB , 
are defined as nonbonding molecular orbitals; that is, they do not contribute 
significantly to the bonding. 

To determine the bond order of carbon monoxide, the number of anti¬ 
bonding pairs (0) is subtracted from the number of bonding pairs (3), a calcu¬ 
lation leading to the prediction of a triple bond. The very high bond energy of 
1072 kJ*mol _1 supports this prediction. However, the molecular orbital diagram 


FIGURE 3.16 Simplified 
molecular orbital diagram for the 
2s and 2 p atomic orbitals of the 
CO molecule. 
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FIGURE 3.17 Molecular orbital 
diagram for the 15 atomic orbital 
of hydrogen and the 3 p atomic 
orbitals of chlorine in the HCI 
molecule. 


is much more meaningful because it provides us with a grasp of electron ener¬ 
gies. The molecular orbital diagram also indicates that the triple bond is not 
made up of three equivalent bonds, as the electron-dot diagram suggests, but 
of a combination of one a and two tt bonds. 

The molecular orbital approach can be applied to diatomic molecules con¬ 
taining atoms of different periods. However, it is then necessary to identify the 
orbitals of similar energies on the two atoms, a task well beyond the scope of 
this descriptive inorganic chemistry course. It is instructive, however, to do one 
example. Consider the hydrogen chloride molecule (Figure 3.17). Calculations 
show that the 3 p orbitals of chlorine have a slightly lower energy than that of 
the Is orbital of hydrogen. The Is orbital can only form a a bond, which must be 
with the 3 p orbital that is aligned along the bonding axis (traditionally chosen 
as the p z orbital). Hence, we conclude that a a bonding and a antibonding pair 
of orbitals will be formed between the Is (H) and 3 p (Cl) orbitals. With each 
atom contributing one electron, the bonding molecular orbital will be filled. 
This configuration yields a single bond. The two other 3 p orbitals are oriented 
in such a way that no net overlap (hence, no mixing) with the Is orbital of 
hydrogen can occur. As a result, the electron pairs in these orbitals are consid¬ 
ered to be nonbonding. That is, they have the same energy in the molecule as 
they did in the independent chlorine atom. 

Molecular orbital diagrams can also be constructed to develop bonding 
schemes for molecules containing more than two atoms. However, the energy 
diagrams and the orbital shapes become more and more complex. Nevertheless, 
for most of the polyatomic molecules, we are more interested in the prediction 
of the shapes of molecules than in the finer points of orbital energy levels. 


3.6 A Brief Review of Lewis Structures 


Molecular orbital diagrams can be used to provide a conceptual basis for 
our observations of bond length and bond energy in covalent molecules. The 
method categorizes bonds as a or tt, and the approach can cope with the 
concept of fractional electron bonds. The simplistic bonding representation 
of Lewis—that atoms combine by sharing electron pairs—tells us nothing in 
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ftcf 

FIGURE 3.18 Electron-dot 
diagram for hydrogen chloride. 

FIGURE 3.19 Electron-dot 
diagram for carbon monoxide. 
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FIGURE 3.20 Electron-dot 
diagram for nitrogen trifluoride. 


detail about the bonds themselves. Nevertheless, for complex molecules, con¬ 
structing simple electron-dot representations is very useful. In particular, we 
can use such representations to deduce molecular shape. 

The Lewis, or electron-dot, approach to covalent bond formation is cov¬ 
ered extensively in high school and freshman chemistry; hence, only a brief 
review is provided here. The Lewis concept explains the driving force of bond 
formation as being the attainment by each atom in the molecule of an octet 
of electrons in its outer (valence) energy level (except hydrogen, where a duet 
is required). Completion of the octet is accomplished by a sharing of electron 
pairs between bonded atoms. 

We can illustrate using the two examples from the previous section, hydrogen 
chloride and carbon monoxide. In hydrogen chloride, the sharing of an elec¬ 
tron pair results in a single bond (Figure 3.18)—the a bond of the molecular 
orbital approach. The other electron pairs are lone pairs—the equivalent of 
being in nonbonding molecular orbitals (see Figure 3.17). 

To make up the octet around both carbon and oxygen in carbon monoxide, 
three bonding pairs are needed (Figure 3.19). This is equivalent to the one a 
and two tt bonds of the molecular orbital approach (see Figure 3.16). The lone 
pair on each atom corresponds in the molecular orbital representation to the 
two electron pairs in cr NB orbitals. 

Constructing Electron-Dot Diagrams 

The most commonly used method for constructing electron-dot diagrams is 
the following set of procedures: 

1. Identify the central atom, usually the atom of lower electronegativity (al¬ 
though hydrogen is never central). Write the symbol of the central atom and 
place the symbols of the other atoms around the central atom. 

2. Count the total number of valence electrons. If it is a charged ion and not 
a neutral molecule, add on the number of negative charges or subtract the 
number of positive charges. 

3. Place an electron pair (single covalent bond) between the central atom 
and each of the surrounding atoms. Add lone pairs to the surrounding atoms. 
Then any excess electrons are added to the central atom. 

4. If the number of electrons on the central atom is less than eight and there 
are “leftover” electrons, add lone pairs to the central atom. If the number of 
electrons on the central atom is less than eight and there are no more elec¬ 
trons, construct double and triple bonds using lone pairs from surrounding 
atoms. 

As an example, we can use nitrogen trifluoride. The lower electronegativ¬ 
ity nitrogen atom will be surrounded by the three fluorine atoms. The total 
number of valence electrons is [5 + (3 X 7)] = 26. Six will be used to form 
single covalent bonds. Eighteen electrons are needed to provide lone pairs to 
the fluorine atoms. The remaining electron pair will provide a lone pair on the 
nitrogen atom (Figure 3.20). 
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Exceeding the Octet 

In a few anomalous molecules the central atom has fewer than 8 electrons, 
and in a substantial number of molecules the central atom has shares in more 
than 8 bonding electrons. Lewis did not realize that the maximum of 8 was 
generally applicable only to the Period 2 elements, for which the sum of the 
5 and p electrons could not exceed 8. In reality, compounds of some of the 
higher period elements frequently have central atoms with 8,10, or 12 bond¬ 
ing electrons. For example, phosphorus pentafluoride “pairs up” its 5 outer 
electrons with 1 electron of each of the fluorine atoms to attain an outer set of 
10 electrons (Figure 3.21). 

For elements in Period 3 and higher periods, traditionally, the use of 
d orbitals was invoked to make possible a theoretical maximum of 18 bond¬ 
ing electrons. From experimental studies, it is now established that d orbitals 
are rarely involved in main group bonding. Fortunately, construction of the 
molecular orbital energy level diagram for molecules in which the central 
atom exceeds the octet explains the bonding without need for involvement 
of d orbitals. 
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FIGURE 3.21 Electron-dot 
diagram for phosphorus 
pentafluoride. 


3.7 Partial Bond Order 


In some cases, the only structure that can be drawn does not correlate with our 
measured bond information. The nitrate ion illustrates this situation. A con¬ 
ventional electron-dot diagram for the nitrate ion is shown in Figure 3.22. In 
this structure, one nitrogen-oxygen bond is a double bond, whereas the other 
two nitrogen-oxygen bonds are single bonds. 

However, it has been shown that the nitrogen-oxygen bond lengths are all 
the same at 122 pm. This length is significantly less than the 
“true” (theoretical) nitrogen-oxygen single bond length of 
141 pm. We explain this discrepancy by arguing that the dou¬ 
ble bond is shared between the three nitrogen-oxygen bond 
locations—a concept called resonance. (This is equivalent to 
saying in the molecular orbital approach that the electron pair 
is in a molecular orbital derived from 2 p atomic orbitals on all four constitu¬ 
ent atoms.) The three alternatives could be represented by three electron-dot 
diagrams for the nitrate ion, each with the double bond in a different location 
(Figure 3.23). 

A third approach is to use a structural formula with broken lines to rep¬ 
resent a fractional bond order (Figure 3.24). In this case, because the double 
bond character is shared by three bonds, the average bond order would 
be 1^. This representation is, in most ways, the best of the three. It indicates the 
equivalency of the three bonds and that they each have a bond order between 
1 and 2. The partial bond structure is also the closest to the molecular orbital 
representation, where we would depict each pair of atoms being joined by a a 
bond while a two-electron tt bond is shared over the whole ion (see Chapter 15, 
Section 15.16). 


O:: N 


:o: 

:o: 


FIGURE 3.22 Electron-dot 
diagram for the nitrate ion. 
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FIGURE 3.23 The three 
resonance structures of the 
nitrate ion. 
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FIGURE 3.24 Representation of 
the partial multiple bond character 
of the nitrate ion. 
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(a) (b) 

FIGURE 3.25 Three possible 
electron-dot diagrams for the 
dinitrogen oxide molecule. 


FIGURE 3.26 Assignment of 
formal charges to three electron- 
dot diagrams for the dinitrogen 
oxide molecule. 


N=N — O 

FIGURE 3.27 Representation 
of the partial bond order in the 
dinitrogen oxide molecule. 


3.8 Formal Charge 


In some cases, we can draw more than one feasible electron-dot dia- 
^ O' gram, one such example being dinitrogen oxide. It is known that N 2 0 is 
(c) an asymmetric linear molecule with a central nitrogen atom, but there 
are a number of possible electron-dot diagrams, three of which are 
shown in Figure 3.25. 

To help decide which possibilities are unrealistic, we can use the concept 
of formal charge. To find the formal charge, we divide the bonding electrons 
equally among the constituent atoms and compare the number of assigned 
electrons for each atom with its original number of valence electrons. Any dif¬ 
ference is identified by a charge sign (Figure 3.26). For example, in structure 
(a), the left-hand nitrogen atom is assigned six electrons; the free atom has five. 
Hence, its formal charge is (5 - 6), or -1. The central nitrogen atom has four 
assigned electrons and a formal charge of (5 - 4), or +1; the oxygen atom has 
the same number of electrons as a free atom (6-6), so its formal charge is 0. 
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According to the concept of formal charge, the lowest energy structure 
will be the one with the smallest formal charges on the atoms. In the case of 
dinitrogen oxide, structure (c) is eliminated, but both ( a ) and ( b ) have equal 
but different formal charge arrangements. The optimum representation, then, 
is likely to be a resonance mixture of these two possibilities. This resonance 
form can best be represented by partial bonds, as shown in Figure 3.27. If 
these two resonance forms contributed equally, there would be an N—N bond 
order of 2\ and an N—O bond order of l|, which is close to that estimated 
from measurement of bond lengths. 


3.9 Valence-Shell Electron-Pair Repulsion Rules 


Electron-dot diagrams can be used to derive the probable molecular shape. 
To accomplish this, we can use a very simplistic set of rules that tells us noth¬ 
ing about the bonding but is surprisingly effective at predicting molecular 
shapes—the valence-shell electron-pair repulsion (VSEPR) rules, also called 
the electron domain (ED) model. 

According to the VSEPR rules, repulsions between electron pairs in the 
outermost occupied energy levels on a central atom cause those electron pairs 
to be located as far from each other as is geometrically possible. For the pur¬ 
poses of this method, we must ignore the differences between the energies of 
the s, p, and d orbitals and simply regard them as degenerate. It is these outer 
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electrons that are traditionally called the valence electrons. Although concep¬ 
tually there are many flaws with the VSEPR approach, it is an effective tool for 
deducing molecular shape. 

The VSEPR rules relate to the electron groupings around the central atom. 
An electron grouping can be an electron pair of a single bond, the two electron 
pairs in a double bond, the three electron pairs in a triple bond, a lone pair of 
electrons, or the rare case of a single electron. For simplicity, lone pairs are 
shown only for the central atom in diagrams of molecular geometry. In the fol¬ 
lowing sections, we look at each of the common configurations in turn. 


Linear Geometry 

All diatomic molecules and ions are, by definition, linear. However, our main in¬ 
terest is the few common examples of this simplest geometry with triatomic mole¬ 
cules and ions. The most often used example is beryllium chloride. This compound 
has a complex structure in the room-temperature solid phase, but when it is heated 
above its boiling point of 820°C, it forms simple triatomic molecules. According 
to the Lewis method, the two outer electrons of beryllium pair with one electron 
of each chlorine atom and form two electron pairs around the central beryllium 
atom. Because there are only two electron groupings around the central atom, 
the bonds will be farthest apart when the angle between them is 180°. Hence, the 
molecule should be linear, and that is indeed what we find (Figure 3.28). 

Another example of a molecule with two electron groupings is carbon 
dioxide. Although both carbon-oxygen bonds involve two electron pairs, each 
double bond represents only one electron grouping (Figure 3.29). Hence, the 
carbon dioxide molecule is linear. 


180 ° 



FIGURE 3.28 Predicted and 
actual geometry for the gaseous 
beryllium chloride molecule. 


o=c=o 

FIGURE 3.29 Predicted and 
actual geometry for the carbon 
dioxide molecule. 


Trigonal Planar Geometry 

Boron trifluoride is the common example of trigonal planar geometry. The three 
outer electrons of the boron atom pair with one electron of each of the fluorine 
atoms to produce three electron pairs. The maximum separation of three elec¬ 
tron pairs requires an angle of 120° between each pair, as shown in Figure 3.30. 

The nitrite ion is a good example of a species containing a lone pair on the 
central atom. The electron-pair arrangement around the nitrogen atom is tri¬ 
gonal planar (Figure 3.31). However, we cannot detect lone pairs experimen¬ 
tally. The molecular shape we actually observe is V shaped (also called angular 
or bent). According to the VSEPR rules, the lone pair must occupy that third 
site; otherwise the molecule would be linear. 

Many molecules and ions containing lone pairs have bond angles that devi¬ 
ate from those of the theoretical geometric figure. For example, we find that 
the O—N—O bond angle is “squashed” down to 115° from the anticipated 120° 
value. One suggested explanation is that the lone pairs of electrons occupy a 
greater volume of space than do the bonding pairs. We can use a series of ions 
and molecules to illustrate this concept. The nitronium ion, N0 2 + , with only 
two electron groupings, is linear; the neutral nitrogen dioxide molecule, N0 2 , 
with three electron groupings (one an “odd” electron), has an O—N—O bond 
angle of 134°; the nitrite ion, which has a lone pair rather than a single electron, 



FIGURE 3.30 Predicted and 
actual geometry for the boron 
trifluoride molecule. 




FIGURE 3.31 Predicted and 
actual geometry for the nitrite ion. 
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FIGURE 3.32 Bond angles for 
the nitryl ion (N0 2 + ), the nitrogen 
dioxide molecule (N0 2 ), and the 
nitrite ion (N0 2 _ ). 




115° 


O 


(c) 


has an observed bond angle of 115° (Figure 3.32).Thus, even though we cannot 
experimentally “see” lone pairs, they must play a major role in determining 
molecular shape. The names of the shapes for central atoms that have three 



electron 

groupings are given 

in Table 3.2. 



TABLE 3.2 1 

Molecules and ions with trigonal 
planar geometry 

| TABLE 3.3 | 

Molecules and ions with 
tetrahedral geometry 

Bonding pairs 

Lone pairs 

Shape 

Bonding pairs 

Lone pairs 

Shape 

3 

0 

Trigonal planar 

4 

0 

Tetrahedral 

2 

1 

V 

3 

1 

Trigonal pyramidal 




2 

2 

V 


The tetrahedral geometry around 
the carbon atom was first 
proposed in 1874 by 22-year- 
old Dutch chemist Jacobus van't 
Hoff. The idea was denounced by 
established chemist Adolph Kolbe 
as "phantasmagorical puffery/ 
"fantastic foolishness/ and 
"shallow speculations." 


Tetrahedral Geometry 

The most common of all molecular geometries is that of the tetrahedron. To 
place four electron pairs as far apart as possible, molecules adopt this particular 
three-dimensional geometry in which the bond angles are 109^°. The simplest 
example is the organic compound methane, CH 4 , shown in Figure 3.33.To repre¬ 
sent the three-dimensional shape on two-dimensional paper, it is conventional 
to use a solid wedge to indicate a bond directed above the plane of the paper 
and a broken line to indicate a bond angled below the plane of the paper. 

Ammonia provides the simplest example of a molecule where one of the 
four electron pairs on the central atom is a lone pair. The resulting molecular 
shape is trigonal pyramidal (Figure 3.34). Like the earlier example of the nitrite 
ion, the H—N—H bond angle of 107° is slightly less than the expected 109^°. 

The most familiar molecule with two lone pairs is water (Figure 3.35). The 
H—O—H bond angle in this V-shaped molecule is reduced from the expected 
109^° to 104^°. The names of the shapes for central atoms that have four elec¬ 
tron groupings are given in Table 3.3. 


H 

A 

h<L\"h 

10 9 I° H 

FIGURE 3.33 Predicted and 
actual geometry for the methane 
molecule. 
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107° H 

FIGURE 3.34 Actual geometry 
for the ammonia molecule. 



104 2° H 


FIGURE 3.35 Actual geometry 
for the water molecule. 
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Trigonal Bipyramidal Geometry 

Atoms beyond Period 2 can possess more than four electron pairs when oc¬ 
cupying the central position in a molecule. An example of five electron pairs 
around the central atom is provided by phosphorus pentafluoride in the gas 
phase (Figure 3.36). This is the only common molecular geometry in which the 
angles are not equal. Thus, three (equatorial) bonds lie in a single plane and 
are separated by angles of 120°; the other two (axial) bonds extend above and 
below the plane and make an angle of 90° with it. 

Sulfur tetrafluoride provides an example of a molecule that has a trigonal 
bipyramidal electron-pair arrangement with one lone pair. There are two pos¬ 
sible locations for the lone pair: one of the two axial positions (Figure 337a) or 
one of the three equatorial positions (Figure 331b). In fact, we find that lone 
pairs are located so that, first, they are as far from each other as possible and, 
second, they are as far from the bonding pairs as possible. Sulfur tetrafluoride 
possesses one lone pair, so only the second guideline is applicable. If the lone 
pair were in an axial position, there would be three bonding pairs at 90° and 
one at 180°. However, if the lone pair were in an equatorial position, there 
would be only two bonding pairs at an angle of 90° and the other two at 120°. It 
is the second possibility, in which the atoms are arranged in the seesaw shape, 
that provides the optimum situation. This arrangement has been confirmed by 
bond angle measurements. In the measured angles, the axial fluorine atoms are 
bent away from the lone pair by 93^° rather than by 90°. Much more striking is 
the compression of the F—S—F equatorial angle from 120° to 103°, presumably 
as a result of the influence of the lone pair (Figure 3.38). 

The bromine trifluoride molecule provides an example of trigonal bipyra¬ 
midal electron-pair arrangement with two lone pairs (Figure 3.39). The mini¬ 
mum electron repulsions occur with both lone pairs in the equatorial plane. 
Hence, the molecule is essentially T shaped, but the axial fluorine atoms are 
bent away from the vertical to form an F axial —Br—F equatorial angle of only 86°. 

There are a number of examples of molecules with trigonal bipyramidal 
electron-pair arrangements having three lone pairs. One of these is the xenon 
difluoride molecule (Figure 3.40). The third lone pair occupies the equatorial 
position as well, and so the observed molecular shape is linear. The names for 
the shapes of molecules and ions that have a trigonal bipyramidal geometry 
are given in Table 3.4. 


TABLE 3.4 1 

Molecules and ions with trigonal bipyramidal 
geometry 

Bonding pairs 

Lone pairs 

Shape 

5 

0 

Trigonal bipyramidal 

4 

1 

Seesaw 

3 

2 

T 

2 

3 

Linear 


Cl 

90 ° r l XI 0 
Cl—P<^ 120° 

Cl 

FIGURE 3.36 Predicted and 
actual geometry for the gaseous 
phosphorus pentachloride 
molecule. 
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(a) (b) 


FIGURE 3.37 Possible 
geometries for the sulfur 
tetrafluoride molecule (a) with 
the lone pair in the axial position 
and (b) with the lone pair in the 
equatorial position. 
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FIGURE 3.38 Actual geometry 
for the sulfur tetrafluoride molecule. 


F 



F 

FIGURE 3.39 Actual geometry 
for the bromine trifluoride molecule. 

F 

: —Xe<: 

F 

FIGURE 3.40 Predicted and 
actual geometry for the xenon 
difluoride molecule. 
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F 

FIGURE 3.41 Predicted and 
actual geometry for the sulfur 
hexafluoride molecule. 



FIGURE 3.42 Actual geometry 
for the iodine pentafluoride 
molecule. 



FIGURE 3.43 Predicted and 
actual geometry for the xenon 
tetrafluoride molecule. 


Octahedral Geometry 

The common example of a molecule with six electron groupings is sulfur hexa¬ 
fluoride. The most widely spaced possibility arises from bonds at equal angles 
of 90°, the octahedral arrangement (Figure 3.41). 

Iodine pentafluoride provides an example of a molecule with five bonding 
electron pairs and one lone pair around the central atom. Because theoreti¬ 
cally all the angles are equal, the lone pair can occupy any site (Figure 3.42), 
thus producing an apparent square-based pyramidal shape. However, experi¬ 
mental measurements show that the four equatorial fluorine atoms are slightly 
above the horizontal plane, thus giving a F axial —I—F equatorial angle of only 82°. 
Once again, this result indicates that the lone pair occupies a greater volume 
than do the bonding pairs. 

Finally, xenon tetrafluoride proves to be an example of a molecule that has 
four bonding pairs and two lone pairs around the central xenon atom. The lone 
pairs occupy opposite sides of the molecule, thereby producing a square planar 
arrangement of fluorine atoms (Figure 3.43). The names for the shapes of mol¬ 
ecules and ions that have an octahedral geometry are given in Table 3.5. 


TABLE 3.5 1 

Molecules and ions with octahedral geometry 

Bonding pairs 

Lone pairs 

Shape 

6 

0 

Octahedral 

5 

1 

Square-based pyramidal 

4 

2 

Square planar 


Greater Than Six Bonding Directions 

There are a few examples of molecules and ions in which the central atom is 
bonded to more than six neighbors. To accommodate seven or eight atoms 
around a central atom, the central atom itself has to be quite large and the 
surrounding atoms and ions quite small. Thus, heavier elements from the lower 
portion of the periodic table combined with the small fluoride ion provide 
examples of these structures. The MX 7 species are particularly interesting 
because they can assume three possible geometries: pentagonal bipyramid, 
capped trigonal prism, and capped octahedron. The pentagonal bipyramid re¬ 
sembles the trigonal bipyramid and octahedron except that it has five rather 
than three and four bonds, respectively, in the equatorial plane. The capped 
trigonal prism has three atoms in a triangular arrangement above the central 
atom and four atoms in a square plane below the central atom. The capped 
octahedron is simply an octahedral arrangement in which three of the bonds 
are opened up from the 90° angle and a seventh bond inserted between. 

These three structures must be almost equally favored in terms of rela¬ 
tive energy and atom spacing because all are found: the uranium(V) fluoride 
ion, UF 7 2 ~, adopts the pentagonal bipyramidal arrangement, whereas the 
niobium(V) fluoride ion, NbF 7 2 ~, adopts the capped trigonal prismatic structure, 
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and it is believed that xenon hexafluoride, XeF 6 , adopts the capped octahedral 
structure in the gas phase (Figure 3.44). 


3.10 The Valence-Bond Concept 


The valence-bond concept builds on the Lewis proposal that bonding results 
from electron pairing between neighboring atoms. The Lewis approach was 
put into a quantum mechanical context and then the results (the valence-bond 
concept) were refined by Linus Pauling. The concept is used much less now 
than it used to be but is still employed by some chemists, particularly those in 
organic chemistry. We will see in Chapter 19, Section 19.6, that the valence-bond 
method can also be applied to the bonding in transition metal compounds. 

The principles of the valence-bond method can be summarized in a series 
of statements: 

1. A covalent bond results from the pairing of unpaired electrons in neigh¬ 
boring atoms. 

2. The spins of the paired electrons must be antiparallel (one up and one down). 

3. To provide enough unpaired electrons in each atom for the maximum 
bond formation, electrons can be excited to fill empty orbitals during bond 
formation. 

4. The shape of the molecule results from the directions in which the orbitals 
of the central atom point. 

Orbital Hybridization 

Solving the Schrodinger wave equation using the valence-bond method re¬ 
quires that the original atomic orbitals be combined into hybrid orbitals that 
better fit the known geometries. A good example is the ammonia molecule, NH 3 . 
Assuming the three unpaired 2 p electrons on the central nitrogen atom are 
used, we see that statement 4 above tells us that the bonds to the hydrogen 
atoms should follow the axes of the bonding orbitals, 2p x , 2p y , and 2 p z . That is, 
the hydrogen atoms should be 90° apart. We now know from actual measure¬ 
ments that the bond angles in ammonia are 107°. To account for the substantial 
difference in theoretical versus actual bond angles for this and other covalent 
compounds, we invoke the modification known as orbital hybridization. 

The orbital hybridization concept asserts that the wave functions of elec¬ 
trons in atomic orbitals of an atom (usually the central atom of a molecule) 
can mix together during bond formation to occupy hybrid atomic orbitals. Ac¬ 
cording to this approach, electrons in these hybrid orbitals are still the prop¬ 
erty of the donor atom. If the wave functions of an s orbital and one or more 
p orbitals are combined, the possible hybrid orbitals produced are all similar to 
that shown in Figure 3.45. Such hybrid orbitals are given the symbols sp, sp 2 , 
and sp 3 depending on whether the wave functions of one, two, or three p orbit¬ 
als are “mixed in” with the s orbital wave function. These hybrid orbitals are 
oriented in a particular direction and should overlap more with the orbitals of 
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(c) 

FIGURE 3.44 (a) The 

pentagonal bipyramidal structure 
of uranium(V) fluoride; (b) 
the capped trigonal prismatic 
structure of niobium(V) fluoride; 

(c) the probable capped octahedral 
structure of xenon hexafluoride. 



FIGURE 3.45 The 90 percent 
probability surface of a hybrid 
orbital involving combinations of 5 
and p orbitals. The black dot in the 
smaller lobe identifies the location 
of the nucleus. 
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another atom than do those of a spherical s orbital or of a two-lobed p orbital. 
A greater overlap means that the wave functions of the two atoms will mix 
better and form a stronger covalent bond. 

The number of hybrid orbitals formed will equal the sum of the number of 
atomic orbitals that are involved in the mixing of wave functions. Like s and 
p orbitals, d orbitals can also be mixed in, although theoretical chemists now 
contend that d orbitals play a minimal role in covalent bonding. Nevertheless, 
for our simplistic bonding approach, it is often useful to propose d orbital involve¬ 
ment to account for the shapes of molecules where the central atom has more than 
four neighbors. The number of atomic orbitals used, the symbol for the hybrid 
orbital, and the geometry of the resulting molecule are all listed in Table 3.6. 


TABLE 3.6 

Number of hybrid orbitals and type of hybridization for various 
molecular geometries 

Orbitals 



Number of hybrid 

Resulting molecular 

s P 

d 

Type of hybridization 

orbitals 

geometry 

1 1 

0 

sp 

2 

Linear 

1 2 

0 

sp 2 

3 

Trigonal planar 

1 3 

0 

3 

sp 

4 

Tetrahedral 

1 3 

1 

sp 3 d 

5 

Trigonal bipyramidal 

1 3 

2 

sp 3 d 2 

6 

Octahedral 


We can illustrate the concept of hybridization using boron trifluoride. Prior to 
compound formation, the boron atom has an electron configuration of [¥ie]2s 2 2p l 
(Figure 3.46a). Suppose that one of the 2s electrons moves to a 2p orbital (Figure 
3.465). The wave functions of the three orbitals, each containing a single elec¬ 
tron, mix to provide three equivalent sp 2 orbitals (Figure 3.46c). These orbitals, 
oriented at 120° to one another, overlap with the singly occupied 2 p orbital on 
each fluorine atom to give three a covalent bonds (Figure 3A6d). This explana- 

2 p -2 - 2p -2 - 1 - 2p - 2p - 

sp 2 -2 -1-L_ sp 2 _ll—1!—1L_ 


2s Jk 


(a) (b ) (c) (d) 

FIGURE 3.46 The concept of hybrid orbital formation applied to boron trifluoride. ( a ) The 
electron configuration of the free atom. ( b ) The shift of an electron from the 2s orbital to the 
2 p orbital, (c) The formation of three sp 2 hybrid orbitals, (d) Pairing of boron electrons with 
three electrons (open half arrows) of the fluorine atoms. 
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tion matches our experimental findings of equivalent boron-fluorine bonds, each 
forming 120° angles with the other two—the trigonal planar geometry. 

Carbon dioxide provides an example of a molecule in which we assume that 
not all of the occupied orbitals are hybridized. We assume that the [He]2s 2 2/? 2 
configuration of the carbon atom (Figure 3.47a) is altered to [He]2 l y 1 2p 3 (Fig¬ 
ure 3.47Z?).The s orbital and one of the p orbitals hybridize (Figure 3.47c). The 
resulting sp hybrid orbitals are 180° apart, and they overlap with one 2 p orbital 
on each oxygen atom to provide a single a bond and a linear structure. This 
leaves single electrons in the other two 2 p orbitals of the carbon atom. Each 
p orbital overlaps side to side with a singly occupied 2 p orbital on an oxygen 
atom to form a tt bond with each of the two oxygen atoms (Figure 3.47d).Thus, 
the concept of hybridization can be used to explain the linear nature of the carbon 
dioxide molecule and the presence of two carbon-oxygen double bonds. 
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FIGURE 3.47 The concept of hybrid orbital formation applied to carbon dioxide. 

(a) The electron configuration of the free carbon atom. ( b ) The shift of an electron from 
the 2s orbital to the 2 p orbital, (c) The formation of two sp hybrid orbitals, (d) Pairing of the 
carbon electrons with four oxygen electrons (open half arrows). 

Limitation of the Hybridization Concept 

To review, the formation of hybrid orbitals can be used successfully to account 
for a particular molecular shape. However, hybridization is simply a mathe¬ 
matical manipulation of wave functions, and we have no evidence that it actu¬ 
ally happens. Furthermore, the hybridization concept is not a predictive tool: 
we can only use it when the molecular structure has actually been established. 

The construction of a set of molecular orbitals, in which the electrons are con¬ 
sidered the property of the molecule as a whole, is predictive. The problem, of 
course, with molecular orbitals is the complexity of the calculations that are 
needed to deduce molecular shape. 

3.11 Network Covalent Substances 


Up to now, we have been discussing elements and compounds that exist as 
small, individual molecules. However, there are some structures, such as diamond 
or quartz, in which all the atoms are held together by covalent bonds. Such 
linking by covalent bonds throughout a substance is known as network covalent 
bonding . The whole crystal is one giant molecule. Diamond is a form of carbon 
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FIGURE 3.48 Arrangement of 
carbon atoms in diamond. 



in which each and every carbon atom is bonded in a tetrahedral arrangement 
to all its neighbors (Figure 3.48). The second common example of network 
covalent bonding is silica (mineral name, quartz), the common crystalline form 
of silicon dioxide, Si0 2 . In this compound, each silicon atom is surrounded by 
a tetrahedron of oxygen atoms, and each oxygen atom is bonded to two silicon 
atoms. 

To melt a substance that contains network covalent bonds, one must break 
the covalent bonds. But covalent bonds have energies in the range of hundreds 
of kilojoules per mole, so very high temperatures are needed to accomplish this 
cleavage. Thus, diamond sublimes at about 4000°C, and silicon dioxide melts at 
2000°C. For the same reason, network covalent substances are extremely hard: 
diamond is the hardest naturally occurring substance known. Furthermore, 
such substances are insoluble in all solvents. 

Amorphous Silicon 

Amorphous solids are materials in which the atoms are not arranged in a sys¬ 
tematic repeating manner. Researchers discovered that amorphous silicon 
(a-Si) is 40 times more efficient at absorbing solar radiation than crystalline silicon; 
thus, a-Si is far superior for solar panels. In addition, a-Si can be deposited at 
temperatures as low as 75°C, allowing it to be deposited on organic polymer 
substrates. 

Crystalline silicon has the diamond lattice structure, with each silicon 
atom covalently bonded to four silicon atoms in a tetrahedral arrangement. In 
amorphous silicon, the atoms are arranged more randomly and are often only 
bonded to three other silicon atoms, leaving what are referred to as dangling 
bonds (bond vacancies) at the fourth bonding site. It is the randomness of the 
structure, together with the dangling bonds, that gives a-Si its unique properties. 
On its own, a-Si is too insulating for use in electronic devices. The conductiv¬ 
ity of the amorphous solid can be increased by condensing the silicon in the 
presence of small amounts of hydrogen. The hydrogen reacts with the dangling 
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bonds of the silicon, forming silicon-hydrogen bonds and modifying the electri¬ 
cal conductivity of the amorphous silicon. 

An even better electron mobility than amorphous silicon is shown by nano¬ 
crystalline silicon (nc-Si). Nanocrystalline silicon has nanometer-size crystal¬ 
lites embedded within an amorphous silicon matrix. Another advantage of 
nc-Si over a-Si is that nc-Si has a higher stability. Thus, nc-Si is favored for the 
manufacture of thin film solar cells. 


3.12 Intermolecular Forces 


Network covalent substances are rare. Almost all covalently bonded sub¬ 
stances consist of independent molecular units. If there were only intramo¬ 
lecular forces (the covalent bonds), there would be no attractions between 
neighboring molecules, and, consequently, all covalently bonded substances 
would be gases at all temperatures. We know this is not the case. Thus, there 
must be forces between molecules, or intermolecular forces. Indeed, there is 
one intermolecular force that operates between all molecules: induced dipole 
attractions, also called dispersion forces or London forces (after the scientist 
Fritz London, not the British capital). The other types of forces—dipole- 
dipole, ion-dipole, and hydrogen bonding—only occur in specific circumstances, 
which we discuss later in this chapter. 


Dispersion (London) Forces 

In the orbital representation of atoms and molecules, the probability distri¬ 
bution of the electrons (electron density) is a time-averaged value. It is the 
oscillations from this time-averaged value that lead to the attractions between 
neighboring molecules. The noble gas atoms provide the simplest example. 
On average, the electron density should be spherically symmetric around the 
atomic nucleus (Figure 3.49a). However, most of the time, the electrons are 
asymmetrically distributed; consequently, one part of the atom has a higher 
electron density and another part has a lower electron density (Figure 3.49Z?). 
The end at which the nucleus is partially exposed will be slightly more positive 
(8 + ), and the end to which the electron density has shifted will be partially 
negative (8-). This separation of charge is called a temporary dipole. The par¬ 
tially exposed nucleus of one atom will attract electron density from a neigh¬ 
boring atom (Figure 3.50a), and it is this induced dipole between molecules 
that represents the dispersion force between atoms and molecules. However, 
an instant later, the electron density will have shifted, and the partial charges 
involved in the attraction will be reversed (Figure 3.50 b). 

The strength of the dispersion force depends on a number of factors, and 
their discussion is more appropriate to an advanced physical chemistry course. 
However, a qualitative and predictive approach is to consider that the disper¬ 
sion force relates to the number of electrons in the atom or molecule. On this 
basis, it is the number of electrons that determines how easily the electron 



(a) (b) 

FIGURE 3.49 (a) Average 

electron density for an atom. 

(l b ) Instantaneous electron density 
producing a temporary dipole. 




(b) 


FIGURE 3.50 (a) The 

instantaneous attraction between 
neighboring molecules, (b) The 
reversal of polarity in the next instant. 
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FIGURE 3.51 Dependence of 
the boiling points of the Group 14 
hydrides on the number of 
electrons. 


SnH density can be polarized, and the greater the polarization, the stronger 

• the dispersion forces. In turn, the stronger the intermolecular forces, the 

higher will be both the melting and the boiling points. This relationship 
is illustrated by the graph in Figure 3.51, which shows the dependence of 
the boiling points of the Group 14 hydrides on the number of electrons in 
the molecule. 

Molecular shape is a secondary factor affecting the strength of disper¬ 
sion forces. A compact molecule will allow only a small separation of charge, 
whereas an elongated molecule can allow a much greater charge gradient. 
— r A good comparison is provided by sulfur hexafluoride, SF 6 , and decane, 

60 CH 3 CH 2 CH 2 CH 2 CH 2 CH 2 CH 2 CH 2 CH 2 CH 3 . The former has 70 electrons 
and a melting point of — 51°C, whereas the latter has 72 electrons and a 
melting point of -30°C. Hence, the dispersion forces are greater between 
the long decane molecules than between the near-spherical sulfur hexafluoride 
molecules. 
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FIGURE 3.52 Paulings 
electronegativity values of various 
main group elements. 


Electronegativity 

A very simple experiment shows the existence of two types of molecules. In 
this experiment, a positively charged rod is held near a stream of liquid. Many 
liquids (for example, carbon tetrachloride) are unaffected by the charged rod, 
whereas others (for example, water) are attracted by the rod. If the positively 
charged rod is replaced by a negatively charged rod, those liquids unaffected 
by the positive charge are also unaffected by the negative charge, whereas 
those attracted by the positive charge are also attracted by the negative charge. 
To explain these observations, we infer that the deflected liquids consist of 
molecules in which there is a permanent charge separation (a permanent 
dipole). Thus, the partially negative ends of the molecules are attracted toward 
the positively charged rod, and the partially positive ends are attracted toward 
the negatively charged rod. But why should some molecules have a permanent 

charge separation? For an explanation, we need 
to look at another concept of Linus Pauling’s— 
electronegativity. 

Pauling defined electronegativity as the power 
of an atom in a molecule to attract shared elec¬ 
trons to itself. This relative attraction for bonding 
electron pairs really reflects the comparative Z eff 
of the two atoms on the shared electrons. Thus, the 
values increase from left to right across a period and 
decrease down a group in the same way as ion¬ 
ization energies do. Electronegativity is a relative 
concept, not a measurable function. The Pauling 
electronegativity scale is an arbitrary one, with 
the value for fluorine defined as 4.0. Some useful electronegativity values are 
shown in Figure 3.52. 



















3.12 Intermolecular Forces 


65 


The Origins of the Electronegativity Concept 


IBB a 

* 5 . B' +* 

fr t ^ 

E lectronegativity is probably the most widely used 
concept in chemistry, yet its roots seem to have 
become forgotten. As a result, Pauling electronegativity 
values are sometimes imbued with a greater significance 
than was originally intended. 

In his book The Nature of the Chemical Bond, Paul¬ 
ing made it clear that his development of the concept of 
electronegativity in the 1930s arose from studies of bond 
energies, for which he used the symbol A. He considered 
two elements A and B and argued that, for a purely cova¬ 
lent bond, the A—B bond energy should be the geometric 
mean of the A—A and B—B bond energies. However, he 
found this was often not the case. He defined this differ¬ 
ence as A', where 

A'=D(A-B)-{(D(A-A)(B-B)}2 

For example, the Cl—Cl bond has an energy of 242 
kJ*mol _1 and that of the H—H bond is 432 kJ*mol -1 . The 
geometric mean is 323 kJ-mol -1 , but the experimental 
value for the H—Cl bond energy is 428 kJ*mol _1 . Thus, 
A' (H—Cl) is 105 kJ*mol _1 . Pauling ascribed this differ¬ 


ence to an ionic contribution to the bonding, making the 
heterogeneous bond stronger than the mean of the two 
homogeneous bonds. 

Pauling produced a table of data for combinations 
of 14 main group elements that expressed the “excess 
ionic energy” of heteronuclear covalent bonds; for 
example, that of C—H was 0.4, while that of H—F was 
1.5. To provide a better fit, he adjusted some of the num¬ 
bers; for example, he upped that of the H—F bond to 1.9. 
Taking the electronegativity of hydrogen as zero, Paul¬ 
ing assigned the balance of the ionic energy difference 
to the other element. Then he added 2.05 to all values to 
produce a simple numerical sequence across the second 
period elements. 

Since Pauling published his first work on a scale of 
electronegativity, others have derived tables using alter¬ 
native parameters. In particular, the Allred-Rochow 
electronegativity scale, widely used by inorganic chem¬ 
ists (see Section 5.6), employs the concept of effective 
nuclear charge to derive more quantitative electroneg¬ 
ativity values. 


Thus, in a molecule such as hydrogen chloride, the bonding electrons will 
not be shared equally between the two atoms. Instead, the higher Z eff of chlo¬ 
rine will cause the bonding pair to be more closely associated with the chlorine 
atom than with the hydrogen atom. As a result, there will be a permanent 
dipole in the molecule. This dipole is depicted in Figure 3.53, using the 8 sign to 
indicate a partial charge and an arrow to indicate the dipole direction. 

Individual bond dipoles can act to “cancel” each other. A simple example 
is provided by carbon dioxide, where the bond dipoles are acting in opposite 
directions. Hence, the molecule does not possess a net dipole; in other words, 
the molecule is nonpolar (Figure 3.54). 

Dipole-Dipole Forces 

A permanent dipole results in an enhancement of the intermolecular forces. 
For example, carbon monoxide has higher melting and boiling points (—205°C 
and -191°C, respectively) than does dinitrogen (-210°C and -196°C), even 
though the two compounds are isoelectronic. 

It is important to realize that dipole-dipole attractions are often a secondary 
effect in addition to the induced dipole effect. This point is illustrated by com¬ 
paring hydrogen chloride with hydrogen bromide. If the dipole-dipole effect 
were the more important, then the bigger electronegativity difference between 
hydrogen and chlorine atoms than between the atoms in hydrogen bromide 


8 + 8 - 


H—Cl 


FIGURE 3.53 Permanent 
dipole of the hydrogen chloride 
molecule. 


8 - 8 + 8 - 


o=c = o 


FIGURE 3.54 Because it 
has opposing bond dipoles, 
the carbon dioxide molecule is 
nonpolar. 
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TABLE 3.7 


A comparison of hydrogen chloride and hydrogen bromide 


Hydrogen chloride Hydrogen bromide 


Boiling point (°C) 

-85 

-67 

H-X electronegativity 

1.0 

0.8 

difference 



Number of electrons 

18 

36 


(Table 3.7) would lead us to expect that the boiling point of hydrogen chloride 
would be higher than that of hydrogen bromide. However, the converse is true, 
with hydrogen bromide having the higher boiling point. Therefore, induced 
dipole (dispersion) forces, which will be higher for the hydrogen bromide with its 
greater number of electrons, must be the predominant factor. In fact, complex 
calculations show that dispersion forces account for 83 percent of the attrac¬ 
tion between neighboring hydrogen chloride molecules and 96 percent of the 
attraction between neighboring hydrogen bromide molecules. 


Hydrogen Bonding 


+ 20 - 


• HF 


CJ 0 - 

o 

<u — 20 - 
u 

S -40 - 

<L) 

n. 

a -60 - 

<D 

H -80 - 

-100 - 
0 


HI 


HBr 

HC1 

-i-1-1-1-1— 

10 20 30 40 50 
Number of electrons 


FIGURE 3.55 Boiling points of 
the Group 17 hydrides. 


If we look at the trend in boiling points of the Group 17 hydrides (Figure 3.55), 
we see that hydrogen fluoride has an anomalously high value. Similar plots 
for the Groups 15 and 16 hydrides show that the boiling points of ammonia 
and water also are anomalous. The elements involved have high electronega¬ 
tivities; thus, it is argued that the much stronger intermolecular forces are a 
result of exceptionally strong dipole-dipole forces. These forces are given the 
special name of hydrogen bonds . In chemistry, the hydrogen bonding of the 
water molecule is particularly important, as we will see in Chapter 10. 

-r Hydrogen bonding, then, is by far the strongest intermolecular force; 
6° indeed, it can represent 5 to 20 percent of the strength of a covalent bond. 
The strength of the hydrogen bond between molecules also depends on the 
identity of the non-hydrogen element. Thus, hydrogen bond strength de¬ 
creases in the order H—F > H—0>H—N, and this order parallels the decrease 
in electronegativity differences. However, this factor cannot be the whole answer, 
because the H—Cl bond is more polar than the H—N bond, yet hydrogen chloride 
molecules do not exhibit very strong intermolecular attractions. 

Because the distances between two molecules sharing a hydrogen bond are 
significantly less than the sum of the van der Waals radii, it is argued that elec¬ 
tron density is shared across a hydrogen bond. In this approach, a hydrogen 
bond is less of an intermolecular force and more of a weak covalent bond. 


3.13 Molecular Symmetry 

In synthesis of inorganic compounds (such as in a lab component of this 
course), we need to deduce the structure, the atomic arrangement, of the prod¬ 
uct molecule. One of the simplest means is through the study of the vibrational 
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spectra of the compound, the topic of the next section. However, in order to 
interpret the spectra, it is first necessary to understand the basic principles of 
symmetry, the topic of this section. 

Symmetry permeates the natural world. Flower petals are arranged sym¬ 
metrically. Most creatures, like ourselves, have bilateral symmetry; that is, one 
side of us is almost exactly the mirror reflection of the other. Rotational sym¬ 
metry, such as that found in the letters S and Z, is also part of our everyday 
experience. The chemical world is based on symmetrical principles; in fact, the 
symmetry of a molecule determines some of the properties of that molecule. 
In our day-to-day lives, we use qualitative judgments on whether something 
“looks symmetrical,” but in science we have a set of mathematical rules to 
precisely define the symmetry of an object. 

Symmetry Operations 

Molecular symmetry is deduced from a set of symmetry operations. A sym¬ 
metry operation is a procedure performed on a molecule that leaves it in 
a conformation indistinguishable from, and superimposable on, the origi¬ 
nal conformation. A symmetry operation is performed with respect to a 
symmetry element: a point, an axis, or a plane. There are five symmetry 
operations: 

1. Identity 

2. Proper rotation: rotation about an n-fold axis of symmetry 

3. Reflection through a plane of symmetry 

4. Inversion through a center of symmetry 

5. Improper rotation: rotation about an axis followed by a reflection (real or 
imagined) perpendicular to that axis 

Identity 

The identity operator, E, leaves the molecule unchanged. Thus, all molecules 
possess E. This may seem a senseless activity, but the symmetry of molecules 
is linked to the mathematics of group theory. Group theory requires the exis¬ 
tence of the identity operator. 

Proper Rotation 

The rotation operation, symbol C n x , involves rotating the molecule by 360 In 
degrees about an axis, symbol C n , through the molecule. The value of n 
represents the number of times the molecule can be rotated during a com¬ 
plete 360° rotation while matching the original conformation after each 
rotation. 

For example, rotating the planar boron trifluoride molecule about an axis 
(line) perpendicular to the plane and passing through the boron atom results 
in a conformation identical to the original position at angles of 120°, 240°, and 
360°. In this case, n has a value of 3: three rotations are required to return the 
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FIGURE 3.56 The rotation axes 
of the boron trifluoride molecule. 
[Adapted from C. E. Housecroft and 
A. C. Sharpe, Inorganic Chemistry 
(London: Prentice Hall, 2004).] 



molecule to its original position. Alternatively, we can define n as 360° divided 
by the first angle at which matching occurs, in this case 


n = 


360° 

120 ° 


= 3 



FIGURE 3.57 The vertical 
mirror planes of the boron 
trifluoride molecule. The 
horizontal mirror plane is at right 
angles to the C 3 axis, bisecting 
all of the atoms. [Adapted from 
C. E. Housecroft and A. C. Sharpe, 
Inorganic Chemistry (London: 
Prentice Hall, 2004).] 


We call the axis about which the three operations of rotation were per¬ 
formed a C 3 (threefold) rotation axis. The three individual rotations are desig¬ 
nated as C 3 1 , C 3 2 , and C 3 3 , respectively. 

In addition, if we look along each B—F bond axis, there is a replication of 
the molecule following a 180° rotation about a line perpendicular to the C 3 
axis. That is, the molecule also possesses three C 2 (twofold) axes. The rotation 
axes of boron trifluoride are shown in Figure 3.56. 

For molecules with more than one axis of symmetry, the axis with the high¬ 
est value of n is called the principal axis, and that axis is said to be the axis of 
highest molecular symmetry. For linear molecules, a rotation through any angle 
about the molecular axis will match the original position. The presence of infi¬ 
nitely many rotational operations is indicated by the symbol Co. 

Reflection through a Plane of Symmetry (Mirror Plane) 

If a plane is constructed through a molecule and the atoms on one side of the 
plane reflect perfectly onto the locations of the atoms on the other side of the 
plane, the molecule is said to have a mirror plane, represented by the symbol a. 
We further define the mirror plane with reference to the location of the princi¬ 
pal axis, which is, by convention, considered as defining the vertical direction. 
For example, in the case of the boron trifluoride molecule, we can “slice” the 
molecule through all of its atoms perpendicular to the principal axis, C 3 . This 
plane, following the convention, is called a horizontal mirror plane, symbol cr h . 

In addition, we can “slice” the molecule with a plane through one B—F bond 
and bisect the angle between other two B—F bonds. This plane contains the 
principal axis and is called the vertical mirror plane, a v . The boron trifluoride 
molecule has three vertical mirror planes, as shown in Figure 3.57. 

The dihedral mirror plane, cr d , is a third type of mirror plane. Dihedral 
mirror planes are vertical mirror planes that are between two vertical mirror 
planes or between two rotation axes. 
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Inversion through a Center of Symmetry 

If inversion of all parts of the molecule through the center produces an indis¬ 
tinguishable configuration, the molecule is said to possess a center of symmetry, 
also called a center of inversion, and given the symbol i. For example, boron 
trifluoride does not possess a center of inversion. However, any molecule with 
an even-numbered rotation axis, for example, C 2 , C 4 , or C 6 , and a mirror plane 
perpendicular to that axis does have a center of symmetry. Inversion can be 
considered as the combination of a C 2 and a cr h . 

There is an alternative way of identifying a center of symmetry. Consider 
the example of the sulfur hexafluoride molecule: if the sulfur atom is said to 
be at the center of a three-dimensional grid (point 0, 0, 0), then three of the 
fluorine atoms would be at a distance r along the x-, y-, and z-axes. For each 
fluorine atom, there is a matching atom along the same axis at distance -r from 
the sulfur (that is, on the opposite side of the sulfur atom). 

Improper Rotation 

A so-called improper axis of rotation is the combination of a rotation opera¬ 
tion and a reflection through a plane perpendicular to the axis of rotation. An 
improper axis of rotation is denoted by the symbol S n . 

To provide an example of an improper rotation, we choose a tetrahedral 
molecule, such as methane, CH 4 . Methane contains four C 3 axes, one along 
each C—H bond. In addition, and harder to see, is a C 2 axis bisecting each 
H—C—H bond angle, giving a total of three C 2 axes. Figure 3.58 shows how 
the rotation by 90° about one of the C 2 axes followed by reflection through a 
plane at right angles (an imaginary a h plane) results in a conformation match¬ 
ing that of the original position. This transformation represents an S 4 axis. An 
S 4 axis corresponds to each of the C 2 axes, and so methane possesses three S 4 
improper rotation axes. Thus, it is possible to have a molecular shape with an 
improper rotation axis with a higher value of n than the highest value of n for 
a proper rotation. 


Axis bisects the 
H-C-H bond 
angle 



Reflect 
through a 
plane that is 
perpendicular 
to the original 
rotation axis 



FIGURE 3.58 The improper 
rotation of the methane molecule. 
The rotation through 90° followed 
by a reflection provides a fourfold 
improper rotation axis, designated 
5 4 . [Adapted from C. E. Housecroft 
and A. G. Sharpe, Inorganic 
Chemistry (London: Prentice Hall, 
2004).] 


Point Groups 

Any particular molecular shape can possess only certain combinations of sym¬ 
metry elements. For example, the tetrahedral shape of methane possesses four 
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C 3 axes, three C 2 axes, six cr v planes, three S 4 improper rotation axes, and the 
ubiquitous E. The collection (a group) of symmetry elements all of which coin¬ 
cide at the center of a molecule (a point) is called a point group. In the case of 
methane, the point group is called T d . 

To determine a point group, it is often sufficient to identify the number and 
type of proper rotation axes, the number of vertical and horizontal planes, and 
whether the molecular shape possesses a center of symmetry. Table 3.8 lists the 


TABLE 3.8 

The common point groups: corresponding rotation axes and vertical 
and horizontal reflection planes, structure, and common examples 

Point group 

c„, (T h , and <T V 
symmetry elements 

Structure 

Example 

Cl 

None 

— 

CHFCIBr 

Q 

Center of inversion 

— 

— 

C s 

One plane 


SOCl 2 

C 2 

One C 2 axis 

— 

h 2 o 2 

Qv 

One C 2 axis 

AIT bent 

h 2 o 


Two a v planes 

or XAB 2 planar 

bfci 2 

Qv 

One C 3 axis 

AB 3 trigonal pyramidal 

nh 3 

Qv 

Three cr v planes 

One C 4 axis 

AB 4 square-based pyramid 

BrF 5 

c 

^ooy 

Two cr v planes 

One Coo axis 

ABC linear 

HCN 

D 2h 

oo a v planes 

Three C 2 axes 

One CT h , two cr v planes 

Planar 

N 2 o 4 

D 3h 

Center of symmetry 
One C 3 , three C 2 axes 

AB 3 trigonal planar 

bf 3 

D 4h 

One a h , three a v planes 
One C 4 , four C 2 axes 

AB 4 square planar 

XeF 4 

^ooh 

One CT h , four a v planes 
Center of symmetry 
One Coo, 00 C 2 axes 

AB 2 linear 

co 2 

T d 

oo cr v , one <r h planes 
Center of symmetry 
Four C 3 , three C 2 axes 

AB 4 tetrahedral 

ch 4 

o h 

Six cr v planes 

Three C 4 , four C 3 , 

AB 6 octahedral 

sf 6 


six C 2 axes 

Nine cr v planes 

Center of symmetry 
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common point groups, their basic symmetry elements (proper rotation axes, a v 
and a h reflection planes, center of symmetry), corresponding molecular shape, 
and examples. A flowchart for identifying the common space groups is shown 
in Figure 3.59. 



FIGURE 3.59 Scheme for 
assigning common point groups 
of molecules. The rare D nd groups 
are excluded. [Adapted from 
C. E. Housecroft and A. C. Sharpe, 
Inorganic Chemistry (London: 
Prentice Hall, 2004).] 
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FIGURE 3.60 The C 3 axis 
and the three vertical mirror 
planes of the ammonia molecule. 
[Adapted from C. E. Housecraft and 
A. G. Sharpe, Inorganic Chemistry 
(London: Prentice Hall, 2004).] 


The example of ammonia shows the flowchart’s usefulness. Having a lone 
pair in addition to three bonding pairs around the central nitrogen atom, the 
ammonia molecule is pyramidal in shape (see Figure 3.35). We can proceed 
through the flowchart in question-and-answer format: 

Is the molecule linear? No. 

Does the molecule have T d or O h symmetry? No. 

Is there a principal C n axis? Yes, a C 3 axis. 

Are there nC 2 axes perpendicular to the C 3 axis? No. 

Are there three a v planes? Yes. 

Then the point group is C 3v . 

The C 3 axis and the three a v planes of the ammonia molecule are shown in 
Figure 3.60. 


3.14 Symmetry and Vibrational Spectroscopy 

Symmetry plays an important role in molecular behavior. For example, in tran¬ 
sition metal compounds, molecular symmetry is key in determining the num¬ 
ber and energies of electronic excited states and the probability of an electron 
being excited into each of those states (see Chapter 19). These electronic exci¬ 
tations result in the color and color intensity of the compound. 

Here we focus on the effects of symmetry on vibrational excitations (transi¬ 
tions). Atoms within molecules are in constant motion. For example, when we 
state that the water molecule has O—H bond lengths of 95.7 pm and a bond 
angle of 104.47°, these are mean values. The bonds are constantly undergoing 
lengthening and shortening while the scissoring results in the angle becoming 
larger and smaller. There are only a certain number of possible vibrations. For 
a molecule consisting of N atoms 

Nonlinear molecules have 3 N — 6 possible vibrations 

Linear molecules have 3 N - 5 possible vibrations 

The pattern of vibrations relates to the molecular symmetry. A molecule 
of a particular symmetry has a set of characteristic vibrations; for example, 
Figure 3.61 shows the three vibrations of the water molecule: symmetric 
stretch, bending (scissoring), and asymmetric stretch. From the pattern of 
vibrations, we can deduce the molecular shape. The energy of the vibrations 
of a molecule provides us with information about the strength of each bond 


FIGURE 3.61 The three 
vibrational modes of the water 
molecule. 
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within the molecule. We find that the stronger the bond, the higher the energy 
of the vibration. Because each molecule has a unique set of vibrational energies, 
we can use vibrational spectroscopy to identify an unknown substance, provided 
it contains covalent bonds. 

Vibrational Spectroscopy 

There are two ways to study the vibrations of molecules: infrared spectroscopy 
and Raman spectroscopy. The former is the more common technique, but now 
that a low-cost Raman spectrophotometer has become available, the latter 
technique will become increasingly commonplace. In fact, the combination of 
the two techniques provides the most detailed molecular information about 
molecular structure and bond energies. 

Infrared spectroscopy involves the passing of a beam of infrared light 
through a substance. The molecules of that substance will selectively absorb 
the energies of infrared light corresponding to certain, and not necessarily 
all, molecular vibrations. For a bond vibration to absorb infrared radiation, 
the bond must be polar and there must be a change in dipole moment of the 
bond. As a result, symmetrical stretching vibrations are often nonabsorbing. 
Because water is a low-symmetry molecule itself, all three vibrations absorb 
infrared radiation. We usually report the absorption values in frequency units 
of reciprocal centimeters, cm -1 , often called wave numbers. For water, the two 
stretching modes are at 3450 cm -1 and 3615 cm -1 and the bending absorption 
is at 1640 cm -1 . For linear symmetric carbon dioxide, the symmetric stretch is 
not active in the infrared spectrum, so we observe only two absorptions for 
that molecule. 

Raman spectroscopy uses the passage of a beam of visible light. Molecules 
absorb and re-emit the light, but some of the energy is absorbed by the mo¬ 
lecular vibrations. Thus, a very small proportion of the light is re-radiated at a 
frequency that differs from the original frequency by the vibrational energy. 
The rules that govern the Raman-active vibrations are different from those 
of the direct infrared absorption; that is, there must be a change in polariz¬ 
ability of the molecule during the vibration. As a result, the vibrations that we 
observe in the Raman spectrum of a molecule are often quite different from 
those in the infrared. The vibrations in the Raman spectrum are most often 
symmetric modes such as symmetric stretching. Absorptions also tend to be 
strong for nonpolar bonds, whereas such vibrations are weak in the infrared 
spectrum. 

If a molecule has a center of inversion, there are no absorptions that are 
common between the infrared and Raman spectra. The Raman technique has 
one great practical advantage over infrared: Raman can be used with aqueous 
solutions, whereas it is difficult to measure infrared spectra of aqueous solutions 
due to the strong absorption of the radiation by water molecules. Figure 3.62 
shows the pair of infrared and Raman spectra for the nitrate ion; Figure 3.63 
shows the corresponding vibrational modes. The two stretching modes, the sym¬ 
metric (vi, Raman active) and asymmetric (v 3 , infrared active), are particularly 
prominent. 


Raman spectroscopy is named 
after its discoverer, Indian chemist 
C. V. Raman. 
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Transient Species—A New Direction for Inorganic Chemistry 


* 5 
5 * 

* i» 

T raditionally, inorganic chemicals were substances 
found in bottles, but more and more, inorganic 
chemists are interested in transient species—those 
short-lived compounds only detectable and identifiable 
by spectroscopic means. In this text, we introduce several 
such compounds. 

Chemists have long been fascinated by the chemical 
inertness of the noble gases, helium, neon, and argon 
and have gone to extreme lengths to produce any sign 
of chemical behavior in those gases. Small quantities of 
HArF can be made at -255°C, and HeH + can be formed 
in gaseous molecular beams (both compounds are de¬ 
scribed in Chapter 18, Section 18.4). However, no isolable 
compound has been made of any of these three noble 
gases to date. 

We now know that short-lived free-radical species 
(molecules with unpaired electrons) are particularly 
important in the chemistry of the atmosphere. Two mole¬ 
cules act as scavengers of atmospheric pollutants: the 
nitrate radical, N0 3 (see Chapter 15, Section 15.8), at 
night, and the hydroxyl radical, OH (see Chapter 16, 
Section 16.10), in the daytime. In the upper atmosphere, 
the stratosphere, a key species is the chlorine monoxide 
radical, CIO (see Chapter 17, Section 17.8). 

Some chemists are turning their attention to cosmo- 
chemistry to study species that may not exist on Earth but 
may be of importance under very different conditions. For 
example, the trihydrogen ion, H 3 + , is believed to lurk in 


the outer atmospheres of gas-giant planets such as Jupiter 
and Saturn (see Chapter 10, Section 10.3). From the spec¬ 
tacular colors on the surface of Io, the sulfur-rich moon of 
Jupiter, chemists are convinced that some unique chemistry 
must be occurring on this moon involving exotic molecules 
unknown on Earth (see Chapter 16, Section 16.12). 

Everyone has heard of the two common oxides of 
carbon, carbon monoxide and carbon dioxide, and we 
also mention the intermediate in a reaction, dicarbon 
tetroxide, C 2 0 4 (see Chapter 14, Section 14.7). There 
are even more oxides of carbon, two of which may exist 
on the surfaces of comets and the moons of the outer 
planets: carbon trioxide, C0 3 , and carbon tetroxide, C0 4 . 
Chemists have proposed that such species are formed by 
the effect of ultraviolet radiation from the Sun on carbon 
dioxide. Replication of the conditions in the cold outer 
parts of the solar system showed that at 10 K, carbon 
monoxide molecules and excited oxygen atoms were 
formed on a solid carbon dioxide surface. Some of the 
excited oxygen atoms then combined with carbon di¬ 
oxide to give carbon trioxide and a smaller proportion of 
carbon tetroxide. Three possible structures of carbon tri¬ 
oxide exist (Figure 3.64), and from the infrared spectra, 
the reaction produced the D 3h isomer, together with the 
C 2v isomer of carbon tetroxide (Figure 3.65). These mol¬ 
ecules were not stable at higher temperatures but may 
exist transiently in the upper atmospheres of the inner 
planets. 



p 

<4 

FIGURE 3.64 The structures of three possible isomers of 
carbon trioxide. They are of C s , D 3h , and C 2v symmetry respectively. 
Infrared spectra of known carbon trioxide shows it to be of D 3h 
symmetry. 


FIGURE 3.65 The structure of 
carbon tetroxide. 
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FIGURE 3.63 The four vibrations of the nitrate ion corresponding to the infrared and 
Raman absorptions shown in Figure 3.62 (the plus and minus of the v 2 vibration indicates 
the motion is above and below the plane of the molecule). 


Radiation Trapping: The Greenhouse Effect 

Most of us have heard of the so-called greenhouse effect, yet few people 
really understand the issues. The greenhouse effect—more correctly called ra¬ 
diation trapping —is nothing more than the large-scale application of princi¬ 
ples of infrared vibrational spectroscopy. The energy from the Sun reaches the 
Earth’s surface as electromagnetic radiation, particularly in the visible, ultra¬ 
violet, and infrared regions. This energy is absorbed by the Earth’s surface and 
atmosphere. It is re-emitted mainly as infrared radiation (“heat” rays). If all the 
incoming energy were lost back into space as infrared radiation, the tempera¬ 
ture of the Earth’s surface would be between -20°C and -40°C. Fortunately, 
molecules in the atmosphere with infrared-absorbing frequencies absorb light 
with energy corresponding to those frequencies. It is the re-radiation of the 
absorbed energy back to Earth that warms the oceans, land, and air. As a result, 
the average temperature of the Earth’s surface is about +14°C. In other words, 
the greenhouse effect makes this planet habitable. 

The three predominant gases in the atmosphere, nitrogen, oxygen, and argon, 
do not possess infrared-absorbing vibrational modes; otherwise, radiation 
trapping would result in a surface temperature well above the boiling point 
of water. Argon does not because it is a monatomic gas and therefore has no 
covalent bonds. Dinitrogen and dioxygen do not because symmetric diatomic 


FIGURE 3.62 Matching pair 
of infrared and Raman spectra 
of the nitrate ion, showing the 
four active modes. y 1 is the 
symmetrical stretching mode; v 5 is 
the asymmetric stretching mode. 
[Courtesy of Delta Nu Division, 

CC Technology Inc., Laramie, WYJ 
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molecules have no infrared-active vibrations. However, two of the atmospheric 
trace gases, carbon dioxide and water vapor, possess infrared-absorbing vibra¬ 
tions. Thus, these two species are responsible for almost all of the atmospheric 
infrared absorption. The remainder of the absorption comes from other trace 
species, including ozone, methane (see Chapter 10), chlorofluorocarbons 
(CFCs), and sulfur hexafluoride (see Chapter 16). 

These molecules will also absorb energy with wavelengths that are mul¬ 
tiples of the frequencies of these vibrations, but to a much lesser extent. The 
important thing to note is that only concentrations in the range of parts per 
million or even parts per billion are required for a compound having infrared- 
active modes to have an influence on the degree of radiation trapping. 

Figure 3.66 shows the infrared spectrum of our atmosphere. The absorptions 
at wavelengths corresponding to the frequencies of the vibrations of the water and 
carbon dioxide molecules are the dominant features of the longer wavelengths. 
At shorter wavelengths, most of the absorption occurs at wavelengths corre¬ 
sponding to the multiples (harmonics) of the frequencies of these vibrations. 

The atmospheric water vapor concentration of about 1 percent has re¬ 
mained fairly constant over geologic time as a result of the large bodies of 
water on this planet. For carbon dioxide, the gaseous outpourings of volcanoes 
have roughly balanced the uptake of the gas by silicate rock weathering and 
photosynthesis. As a result, the level of carbon dioxide in our atmosphere has 



FIGURE 3.66 Infrared spectrum showing absorption of infrared radiation by various 
components of the atmosphere. 
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FIGURE 3.67 The variation 
of tropospheric carbon dioxide 
concentrations over the past 50 
years. Continuous data recorded 
at Mauna Loa, Hawaii. [D. Keeling 
and T. Worf, Scripps Institution of 
Oceanography.] 


been fluctuating in the hundreds of parts per million for most of geologic time. 
For example, in the warm Carboniferous period, from 350 million to 270 million 
years ago, the carbon dioxide level seems to have been over six times higher 
than it is now. 

Over the whole history of the Earth, the general trend has been for the 
carbon dioxide level to decrease. This is fortunate, as the Sun has been getting 
hotter over the same period (known as the faint young Sun phenomenon). 
Hence, the decreasing greenhouse effect from reduction in carbon dioxide 
level has approximately balanced the increasing solar radiation. 

Now, however, by burning fossil fuels, we are injecting additional carbon 
dioxide into the atmosphere much faster than it can be removed by natural 
processes. This rapid increase in atmospheric carbon dioxide levels is causing 
concern among climatologists (Figure 3.67). 

Because carbon dioxide is an infrared absorber, logically, more carbon 
dioxide in the atmosphere will cause atmospheric warming. It is the degree 
of warming that is disputed. We also have to take into account contributions 
to global climate change from increases in atmospheric concentration of the 
other infrared-absorbing gases, such as methane. 

A rapid increase in surface temperature will cause significant climate changes 
and accompanying ecological problems. For example, the melting of the Antarctic 
and Greenland ice caps, together with the expansion of warming seawater, will 
result in a sea-level increase that will swamp coastal areas and actually wipe out 
many island nations. Over the longer term, about one-third of the densely popu¬ 
lated country of Bangladesh will probably disappear underwater. In the United 
States much of coastal Florida and all of the Mississippi delta will be inundated 
by rising water levels. 


The high surface temperature- 
about 480°C—of our sister planet, 
Venus, has been caused by a 
runaway greenhouse effect. 
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3.15 Covalent Bonding and the Periodic Table 


In this chapter, we have emphasized the existence of covalent bonds in com¬ 
pounds containing nonmetals and semimetals. The chemistry of nonmetals is 
dominated by the covalent bond. Yet as we will see throughout this text, covalent 
bonding is also very important for compounds containing metals, such as metal- 
containing polyatomic ions.The permanganate ion, Mn0 4 ~, contains manganese 
covalently bonded to four oxygen atoms. We will see in Chapter 5 that the bond¬ 
ing of many metallic compounds is more easily described as covalent than as 
ionic. However, it is better to discuss this topic in the chapter on ionic bonds, 
because we need to discuss the nature of the ionic bond before we can appreci¬ 
ate why a compound adopts one or the other of the bonding types. 


KEY IDEAS 

• Molecular orbitals provide chemists with the best un¬ 
derstanding of the properties and behavior of molecules. 

• The linear combination of atomic orbitals results in the 
formation of bonding and antibonding molecular orbitals. 

• The combination of p (or d ) orbitals gives sets of orbitals 
formed by end-on overlap (a) and side-to-side overlap (tt). 

• For more complex molecules, valence-shell electron-pair 
repulsion (VSEPR) rules are usually adequate to provide an 
explanation for bond angles and comparative bond lengths. 


• The valence-bond approach, involving the theoretical 
hybridization of atomic orbitals, can be used to rationalize 
molecular shapes. 

• There are two classes of covalently bonded compounds: 
network covalent and small-molecule covalent. 

• The properties of small-molecule covalent compounds 
are defined by their intermolecular forces (dispersion, 
dipole-dipole, hydrogen bonding). 


EXERCISES 

3.1 Define the following terms: (a) LCAO; (b) a orbital; 

(c) VSEPR; (d) hybridization; (e) principal axis. 

3.2 Define the following terms: (a) network covalent 
molecules; (b) intramolecular forces; (c) electronegativity; 

(d) hydrogen bonding; (e) point group. 

3.3 Use a molecular orbital diagram to determine the 
bond order of the H 2 ~ ion. Would the ion be diamagnetic or 
paramagnetic? 

3.4 Would you expect Be 2 to exist? Use a molecular 
orbital diagram to explain your reasoning. 

3.5 Use a molecular orbital diagram to determine the 
bond order in the N 2 + ion. Write a valence-electron con¬ 
figuration [(cr 2 s) 2 ] for this ion. 

3.6 Use a molecular orbital diagram to determine the 
bond order in the 0 2 + ion. Write a valence-electron con¬ 
figuration [(cr 2 s) 2 ] for this ion. 


3.7 Assuming that it has similar molecular orbital ener¬ 
gies to those of carbon monoxide, deduce the bond order of 
the NO + ion. 

3.8 Assuming that it has similar molecular orbital ener¬ 
gies to those of carbon monoxide, deduce the bond order of 
the NO ion. 

3.9 Construct a molecular orbital diagram for diboron, B 2 . 
What would you predict for the bond order? Construct 
a similar diagram for diboron using the ordering for the 
heavier Period 2 elements and compare the two results. 
What experimental property could be used to confirm this 
different ordering? 

3.10 Construct a molecular orbital diagram and write the 
valence-electron configuration of the dicarbon anion and 
cation, C 2 _ and C 2 + . Determine the bond order in each of 
these ions. 
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3.11 Construct electron-dot diagrams for (a) oxygen 
difluoride; (b) phosphorus trichloride; (c) xenon difluoride; 
(d) the tetrachloroiodate ion, IC1 4 _ . 

3.12 Construct electron-dot diagrams for (a) the ammo¬ 
nium ion; (b) carbon tetrachloride; (c) the hexafluorosili- 
cate ion, SiF 6 2- ; (d) the pentafluorosulfate ion, SF 5 “. 

3.13 Construct an electron-dot diagram for the nitrite ion. 
Draw the structural formulas of the two resonance possibili¬ 
ties for the ion and estimate the average nitrogen-oxygen 
bond order. Draw a partial bond representation of the ion. 

3.14 Construct an electron-dot diagram for the carbonate 
ion. Draw the structural formulas of the three resonance pos¬ 
sibilities for the ion and estimate the average carbon-oxygen 
bond order. Draw a partial bond representation of the ion. 

3.15 The thiocyanate ion, NCS - , is linear, with a central 
carbon atom. Construct all feasible electron-dot diagrams 
for this ion; then use the concept of formal charge to iden¬ 
tify the most probable contributing structures. Display the 
result using a partial bond representation. 

3.16 The boron trifluoride molecule is depicted as having 
three single bonds and an electron-deficient central boron 
atom. Use the concept of formal charge to suggest why a 
structure involving a double bond to one fluorine, which 
would provide an octet to the boron, is not favored. 

3.17 For each of the molecules and polyatomic ions in 
Exercise 3.11, determine the electron-pair arrangement 
and the molecular shape according to VSEPR rules. 

3.18 For each of the molecules and polyatomic ions in 
Exercise 3.12, determine the electron-pair arrangement 
and the molecular shape according to VSEPR rules. 

3.19 Which of the following triatomic molecules would 
you expect to be linear and which would you expect to be 
V shaped? For those V shaped, suggest approximate bond 
angles, (a) carbon disulfide, CS 2 ; (b) chlorine dioxide, C10 2 ; 
(c) gaseous tin(II) chloride, SnCl 2 ; (d) nitrosyl chloride, NOC1 
(nitrogen is the central atom); (e) xenon difluoride, XeF 2 . 

3.20 Which of the following triatomic ions would you 
expect to be linear and which would you expect to be V 
shaped? For those V shaped, suggest approximate bond 
angles, (a) BrF 2 + ; (b) BrF 2 - ; (c) CN 2 2_ . 

3.21 For each of the molecules and polyatomic ions in 
Exercise 3.11, identify in which cases distortion from the 
regular geometric angles will occur due to the presence of 
one or more lone pairs. 

3.22 For each of the molecules and polyatomic ions in 
Exercise 3.12, identify in which cases distortion from the 


regular geometric angles will occur due to the presence of 
one or more lone pairs. 

3.23 For each of the electron-pair arrangements de¬ 
termined in Exercise 3.11, identify the hybridization that 
would correspond to the shape. 

3.24 For each of the electron-pair arrangements de¬ 
termined in Exercise 3.12, identify the hybridization that 
would correspond to the shape. 

3.25 Using Figure 3.46 as a model, show how the concept 
of hybrid orbitals can be used to explain the shape of the 
gaseous beryllium chloride molecule. 

3.26 Using Figure 3.46 as a model, show how the concept 
of hybrid orbitals can be used to explain the shape of the 
methane molecule. 

3.27 Which would you expect to have the higher boiling 
point, hydrogen sulfide, H 2 S, or hydrogen selenide, H 2 Se? 
Explain your reasoning clearly. 

3.28 Which would you expect to have the higher melting 
point, dibromine, Br 2 , or iodine monochloride, IC1? Explain 
your reasoning clearly. 

3.29 For each of the molecules and polyatomic ions 
in Exercise 3.11, determine whether they are polar or 
nonpolar. 

3.30 For each of the molecules and polyatomic ions in Ex¬ 
ercise 3.12, determine whether they are polar or nonpolar. 

3.31 Which would you expect to have the higher boiling 
point, ammonia, NH 3 , or phosphine, PH 3 ? Explain your 
reasoning clearly. 

3.32 Which would you expect to have the higher boiling 
point, phosphine, PH 3 , or arsine, AsH 3 ? Explain your rea¬ 
soning clearly. 

3.33 For each of the following covalent compounds, deduce 
its molecular shape and the possible hybridization of the 
central atom: (a) indium(I) iodide, Ini; (b) tin(II) bromide, 
SnBr 2 ; (c) antimony tribromide, SbBr 3 ; (d) tellurium tetra¬ 
chloride, TeCl 4 ; (e) iodine pentafluoride, IF 5 . 

3.34 Arsenic trifluoride and arsenic trichloride have bond 
angles of 96.2° and 98.5°, respectively. Suggest reasons for 
the difference in angles. 

3.35 How many vibrational modes will the methane 
molecule possess? 

3.36 In what way do infrared and Raman spectroscopy 
differ? 

3.37 Determine the symmetry elements (rotation axes, 
mirror planes, and improper axes) and hence identify the 
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space group for (a) phosphorus pentachloride (see Figure 
3.36); (b) iodine pentafluoride (see Figure 3.42); (c) xenon 
tetrafluoride (see Figure 3.43). 

3.38 Determine the symmetry elements (rotation axes, 
mirror planes, and improper axes) and hence identify the 
space group for the two different possible geometric forms 
of the sulfur tetrafluoride molecule (see Figure 3.37). 

3.39 Use VSEPR rules to determine the shapes of each 
of the following species. Then establish their rotation axes 
and mirror planes and hence identify the point group to 


which they belong. Hint: Constructing a molecular model 
will help (a) phosphine, PH 3 ; (b) the carbonate ion, C0 3 2- ; 
(c) the sulfate ion, S0 4 2- ; (d) the hexafluorophosphate 
ion, PF 6 ". 

3.40 Use VSEPR rules to determine the shapes of each 
of the following species. Then establish their rotation axes 
and mirror planes and hence identify the point group to 
which they belong. Hint: Constructing a molecular model 
will help (a) the thiocyanate ion, SCN - ; (b) the ammonium 
ion, NH 4 + ; (c) carbon disulfide, CS 2 ; (d) sulfur dioxide, S0 2 . 


BEYOND THE BASICS 

3.41 Research the molecular orbitals formed by the over¬ 
lap of d orbitals with s and p orbitals. Draw diagrams to 
show how the d atomic orbitals overlap with the s and p 
orbitals to form a and tt molecular orbitals. 

3.42 The C0 2 “ ion has been synthesized. What shape and 
approximate bond angles would you expect? 

3.43 The dinitrogen oxide molecule has the atomic order 
NNO rather than the symmetrical NON arrangement. Sug¬ 
gest a possible reason. 

3.44 The cyanate ion, OCN - , forms many stable salts, 
while the salts of the isocyanate ion, CNO - , are often explo¬ 
sive. Suggest a possible reason. 

3.45 Following from Exercise 3.38, a third possible 
arrangement would be CON - . Explain why this order is 
unlikely to be a stable ion. 

3.46 Carbon forms similar free-radical species with 
hydrogen and fluorine: CH 3 - and CF 3 -; yet one is planar 
whereas the other is pyramidal in shape. Which one adopts 
which geometry? Suggest an explanation. 

3.47 Using molecular orbital diagrams, predict which of 
the following free-radical gas-phase reactions is the more 
favored and give your reasoning. 

NO + CN->NO + + CN - 
NO + CN^NO - + CN + 

3.48 It is possible to synthesize the ion C(CN) 3 - . Draw an 
electron-dot structure and deduce its most likely geometry. 


In fact, the ion is planar. Draw one of the resonance struc¬ 
tures that would be compatible with this finding. 

3.49 Phosphorus pentafluoride has a higher boiling point 
(-84°C) than phosphorus trifluoride (—101°C), while an¬ 
timony pentachloride, SbCl 5 , has a lower boiling point 
(140°C) than antimony trichloride, SbCl 3 (283°C). Suggest 
why the two patterns are different. 

3.50 The pentafluoroxenate(IV) anion, XeF 5 - , has been 
prepared. The actual shape matches that predicted by 
VSEPR rules. What is that shape? 

3.51 Iodine heptafluoride has a pentagonal bipyramid 
shape (see Figure 3.44a). Identify the rotation axes and 
mirror planes of the molecule and hence identify its point 
group. 

3.52 The tetrachloroplatinum(II) ion, PtCl 4 2- , is square 
planar. How many vibrational modes will this ion exhibit? 
What can you say about the infrared and Raman spectra of 
this ion? 

3.53 Why is trioxygen (ozone), 0 3 , a greenhouse gas, 
whereas dioxygen, 0 2 , is not? 

3.54 Contrast the structures of amorphous silicon, nano¬ 
crystalline silicon, and polycrystalline silicon. Research and 
identify an alternative name for nanocrystalline silicon. 

3.55 The planet Mars used to have a substantial and 
warm atmosphere. However, the small planet’s core cooled 
and solidified. Why did this lead to a loss of atmosphere and 
atmospheric cooling? 


ADDITIONAL RESOURCES 

For answers to odd-numbered questions: www.whfreeman.com/descriptive5e 
For accompanying video clips: www.whfreeman.com/descriptive5e 




CHAPTER 4 


Metallic Bonding 


The bonding in metals is explained best by the molecular orbital theory, 
which we have already discussed in the context of covalent bonding. The 
arrangement of atoms in a metal crystal can be interpreted in terms of the 
packing of hard spheres. These packing arrangements are common to both 
metals and ionic compounds. Thus, a study of metallic bonding provides a 
link between covalent and ionic bonding. 


T he extraction of metals from their ores coincided with the rise 
of civilization. Bronze, an alloy of copper and tin, was the first 
metallic material to be widely used. As smelting techniques became 
more sophisticated, iron became the preferred metal because it is a 
harder material and more suitable than bronze for swords and plows. 
For decorative use, gold and silver were easy to use because they are 
very malleable metals (that is, they can be deformed easily). 

Over the ensuing centuries, the number of metals known climbed 
to its present large number, the great majority of the elements in the 
periodic table. Yet in the contemporary world, it is still a small number 
of metals that dominate our lives, particularly iron, copper, aluminum, 
and zinc. The metals that we choose must suit the purpose for which 
we need them, yet the availability of an ore and the cost of extraction 
are often the main reasons why one metal is chosen over another. 



4.1 Metallic Bonding 

4.2 Bonding Models 

4.3 Structure of Metals 

4.4 Unit Cells 

4.5 Alloys 

Memory Metal: The Shape of 
Things to Come 

4.6 Nanometal Particles 

4.7 Magnetic Properties of 
Metals 


4.1 Metallic Bonding 

In our discussions on the classification of elements (see Chapter 2), 
we noted that high three-dimensional electrical conductivity at SATP 
was the one key characteristic of metallic bonding. We can relate this 
property to the bonding in metals. Unlike nonmetals, where electron 
sharing is almost always within discrete molecular units, metal atoms 
share outer (valence) electrons with all nearest neighboring atoms. It 
is the free movement of electrons throughout the metal structure that 
can be used to explain the high electrical and thermal conductivity of 
metals together with their high reflectivity. 

The lack of directional bonding can be used to account for the 
high malleability and ductility of most metals since metal atoms can 
readily slide over one another to form new metallic bonds. The ease of 
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formation of metal bonds accounts for our ability to sinter the harder metals; 
that is, we can produce solid metal shapes by filling a mold with metal powder 
and placing the powder under conditions of high temperature and pressure. In 
those circumstances, metal-metal bonds are formed across the powder grain 
boundaries without the metal actually bulk melting. 

Whereas simple covalent molecules generally have low melting points and 
ionic compounds have high melting points, metals have melting points ranging 
from -39°C for mercury to +3410°C for tungsten. Metals continue to conduct 
heat and electricity in their molten state. (In fact, molten alkali metals are often 
used as heat transfer agents in nuclear power units.) This is evidence that metallic 
bonding is maintained in the liquid phase. 

It is the boiling point that correlates most closely with the strength of the 
metallic bond. For example, mercury has a boiling point of 357°C and an enthalpy 
of atomization of 61 kTmoP 1 , while the boiling point of tungsten is 5660°C and 
its enthalpy of atomization is 837 kJ*mol _1 . Thus, the metallic bond in mercury is 
as weak as some intermolecular forces, whereas that in tungsten is comparable 
in strength to a multiple covalent bond. In the gas phase, however, metallic ele¬ 
ments like lithium exist as pairs, Li 2 , or, like beryllium, as individual atoms and 
hence lose their bulk metallic properties. Metals in the gas phase do not even 
look metallic; for example, in the gas phase, potassium has a green color. 


4.2 Bonding Models 


Any theory of metallic bonding must account for the key properties of metals, 
the most important feature of which is the high electrical conductivity (see 
Chapter 2). Furthermore, any model should account for the high thermal con¬ 
ductivity and the high reflectivity (metallic luster) of metals. 

The simplest metallic bonding model is the electron-sea (or electron-gas) 
model. In this model, the valence electrons are free to move through the bulk 
metal structure (hence the term electron sea) and even leave the metal, thereby 
producing positive ions. It is valence electrons, then, that convey electric current, 
and it is the motion of the valence electrons that transfers heat through a metal. 
However, this model is more qualitative than quantitative. 

Molecular orbital theory provides a more comprehensive model of metallic 
bonding. This extension of molecular orbital theory is sometimes called band 
theory, which we will illustrate by looking at the orbitals of lithium. In Chapter 3, 
we saw that two lithium atoms combined in the gas phase to form the dilithium 
molecule. The molecular orbital diagram showing the mixing of two 2s atomic 
orbitals is given in Figure 4.1. (Both sets of atomic orbitals are shown on the 
left.) Now suppose that the atomic orbitals of four lithium atoms are mixed. 
Again, there must be the same number of cr 2s molecular orbitals as 2s atomic 
orbitals, half of which are bonding and the other half antibonding. To avoid 
violating the quantum rules, the energies of the orbitals cannot be degenerate. 
That is, one cr 2s cannot have exactly the same energy as the other cr 2s orbital. 
Figure 4.2 shows the resulting orbital arrangement. 
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FIGURE 4.1 Molecular orbital 
diagram for the dilithium 
(gas-phase) molecule. 
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FIGURE 4.2 Molecular orbital diagram for the 
combination of four lithium atoms. 


In a large metal crystal, the orbitals of n atoms, where n is some enormous 
number, are mixed. These orbitals interact throughout the three dimensions of 
the metal crystal, yet the same principles of bonding apply. There will be \n cr 2s 
(bonding) molecular orbitals and \n cr 2s (antibonding) molecular orbitals. With 
such a large number of energy levels, the spacing of levels becomes so close that 
they essentially constitute a continuum. This continuum is referred to as a band. 
For lithium, the band derived from the 2s atomic orbitals will be half filled. That is, 
the d 2s part of the band will be filled and the cr 2s part will be empty (Figure 4.3). 

We can visualize electrical conductivity simplistically as the gain by an 
electron of the infinitesimally small quantity of energy needed to raise it into 
the empty antibonding orbitals. It can then move freely through the metal struc¬ 
ture as electric current. Similarly, the high thermal conductivity of metals can 
be visualized as “free” electrons transporting translational energy throughout 
the metal structure. It is important to remember, however, that the “real” expla¬ 
nation of these phenomena requires a more thorough study of band theory. 

In Chapter 1, we saw that light is absorbed and emitted when electrons 
move from one energy level to another. The light emissions are observed as a 
line spectrum. With the multitudinous energy levels in a metal, there 
is an almost infinite number of possible energy-level transitions. As 
a result, the atoms on a metal surface can absorb any wavelength 
and then re-emit light at that same wavelength as the electrons re¬ 
lease that same energy when returning to the ground state. Hence, 
band theory accounts for the luster of metals. 

Beryllium also fits the band model. With an atomic configura¬ 
tion of [He] 2s 2 , both the cr 2s and <j 2s molecular orbitals will be fully 
occupied. That is, the band derived from overlap of the 2s atomic 
orbitals will be completely filled. At first, the conclusion would be 
that beryllium could not exhibit metallic properties because there is 
no space in the band in which the electrons can “wander.” However, 
the empty 2 p band overlaps with the 2s band, enabling the electrons to 
through the metal structure (Figure 4.4). 
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FIGURE 4.3 Band derived 
from the 2s atomic orbitals by the 
combination of n lithium atoms. 
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FIGURE 4.4 Bands derived 
from the frontier orbitals (2s and 
2p) of beryllium. 
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FIGURE 4.5 Schematic of 

the band structure of 

(a) a nonmetal, (b) an intrinsic 

semiconductor, and (c) an impurity 

semiconductor. 
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We can use band theory to explain why some substances are electrical 
conductors, some are not, and some are semiconductors. In the metals, bands 
overlap and allow a free movement of electrons. In nonmetals, bands are 
widely separated, so no electron movement can occur (Figure 4.5 a). These 
elements are called insulators. In a few elements, the bands are close enough 
to allow only a small amount of electron excitation in an upper unoccupied 
band (Figure 4.5b). These elements are known as intrinsic semiconductors. 

Our modern technology depends on the use of semiconducting materials, and 
it has become necessary to synthesize semiconductors with very specific proper¬ 
ties. This can be done by taking an element with a wide band gap and “doping” it 
with some other element, that is, adding a trace impurity. The added element has 
an energy level between that of the filled and empty energy levels of the main 
component (Figure 4.5c). This impurity band can be accessed by the electrons in 
the filled band, enabling some conductivity to occur. By this means, the electrical 
properties of semiconductors can be adjusted to meet any requirements. 


4.3 Structure of Metals 



FIGURE 4.6 Simple cubic 
packing. Successive layers are 
superimposed over the first array. 


The way in which metal atoms pack together in a crystal is interesting in itself, but, 
of equal importance to an inorganic chemist, it also provides a basis from which to 
discuss the ion packing in an ionic compound (which we do in Chapter 5, Section 
5.5). The concept of crystal packing assumes that the atoms are hard spheres. In 
a metal crystal, the atoms are arranged in a repeating array that is called a crystal 
lattice. The packing of metal atoms is really a problem in geometry. That is, we are 
concerned with the different ways in which spheres of equal size can be arranged. 

It is easiest to picture the atomic arrays by arranging one layer and then plac¬ 
ing successive layers over it. The simplest possible arrangement is that in which 
the atoms in the base are packed side by side. The successive layers of atoms are 
then placed directly over the layer below. This is known as simple cubic packing 
(sc) (Figure 4.6), or primitive cubic. Each atom is touched by four other atoms 
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FIGURE 4.7 Body-centered 
cubic packing. The second layer 
(gray) is placed over holes in the 
first layer and the third over the 
holes in the second. 
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FIGURE 4.8 The first layer of 
the hexagonal arrangement. 



FIGURE 4.9 In hexagonal 
packing, the second layer (gray) 
fits over alternate holes in the first 
layer. 


in its own plane plus one atom above and one below, a total of six neighboring 
atoms. As a result, it is said that each atom has a coordination number of six. 

The simple cubic arrangement is not very compact and is known only for 
polonium in metal structures, although as we will see in Chapter 5, it is found in 
some ionic compounds. An alternative cubic packing arrangement is to place the 
second layer of atoms over the holes in the first layer. The third layer then fits over 
the holes in the second layer—which happens to be exactly over the first layer. This 
more compact arrangement is called body-centered cubic ( bcc ) (Figure 4.7). Each 
atom is touched by four atoms above and four atoms below its plane. Thus, body- 
centered cubic results in a coordination number of eight. 

The other two possibilities are based on a hexagon arrangement for each 
layer; that is, each atom is surrounded by six neighbors in the plane. In the 
hexagonal arrangement, the holes between the atoms are much closer to¬ 
gether than in the cubic arrangement (Figure 4.8). When the second hexa¬ 
gonal layer is placed over the first, it is physically impossible to place atoms 
over all the holes in the first layer. In fact, only half the holes can be covered 
(Figure 4.9). If the third layer is placed over holes in the second layer so that 
it is superimposed over the first layer, then a hexagonal close-packed {hep) 
arrangement is obtained (Figure 4.10). The fourth layer is then superimposed 
over the second layer. Flence, it is also known as an abab packing arrangement 
(Figure 4.10). 

An alternative hexagonal packing arrangement involves placement of 
the third layer over the holes in the first and second layers (Figure 4.11). It 
is the fourth layer, then, that repeats the alignment of the first layer. This 
abcabc packing arrangement is known as cubic close-packed (ccp) or face- 
centered cubic (fee). Both packings based on the hexagonal arrangement are 
12-coordinate. 

The types of packing, the coordination numbers, and the percentage of oc¬ 
cupancy (filling) of the total volume are shown in Table 4.1. An occupancy of 
60 percent means that 60 percent of the crystal volume is occupied by atoms 
and the spaces between atoms account for 40 percent. Hence, the higher the 
percentage of occupancy, the more closely packed the atoms. 



FIGURE 4.10 The hexagonal 
close-packed arrangement 
involves placing the third layer 
over the top of the first layer (*). 



FIGURE 4.11 The cubic close- 
packed arrangement has the third 
layer (*) placed over voids in both 
the first and second layers. 
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Properties of the different packing types 

Packing type 

Coordination number 

Occupancy (%) 

Simple cubic (sc) 

6 

52 

Body-centered cubic (bcc) 

8 

68 

Hexagonal close packed (hep) 

12 

74 

Cubic close packed (ccp/fcc) 

12 

74 


Most metals adopt one of the three more compact arrangements ( bcc , 
hep, fee), though some metals, particularly those to the right-hand side of the 
periodic table, adopt distorted or nonstandard packing arrangements. The hard 
sphere model of packing does not enable us to predict which arrangement a 
particular metal will adopt. However, there seems to be a general rule that as 
the number of outer electrons increases, the preferred packing arrangement 
changes from bcc to hep and finally to fee. Figure 4.12 shows the common pack¬ 
ing arrangements for the metals. The packing arrangement for several metals 
is temperature dependent. For example, iron adopts a bcc structure (a-iron) 
at room temperature, converting to an fee structure (y-iron) above 910°C and 
back to a bcc structure (a-iron) at about 1390°C. As we will see in Chapter 14, 
Section 14.23, the temperature dependence of packing is of particular impor¬ 
tance in the case of tin. 


FIGURE 4.12 Part of the 
periodic table, showing the 
common stable packing 
arrangements of the metals 
at SATP. 
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FIGURE 4.13 The simple cubic 
unit cell. 


4.4 Unit Cells 


The simplest arrangement of spheres, which, when repeated, will reproduce 
the whole crystal structure, is called a unit cell. The cell is easiest to see in 
the simple cubic case (Figure 4.13). In the unit cell, we have cut a cube from 
the center of eight atoms. Inside the unit cell itself, there are eight pieces, 
each one-eighth of an atom. Because 8(|) = 1, we can say that each unit cell 
contains one atom. 

To obtain a unit cell for the body-centered cubic, we must take a larger clus¬ 
ter, one that shows the repeating three-layer structure. Cutting out a cube pro¬ 
vides one central atom with eight one-eighth atoms at the corners. Hence, the 
unit cell contains [1 + 8(|)], which is equivalent to two atoms (Figure 4.14). 
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FIGURE 4.14 The body-centered 
cubic unit cell. 



FIGURE 4.15 The face-centered 
cubic unit cell. 


At first inspection, the cubic close-packed arrangement does not provide 
a simple unit cell. However, if a slice is taken through the corner of the face- 
centered cubic array, we can construct a face-centered cube in which there is 
an atom at each corner and an atom in the middle of each face (Figure 4.15). 
When we do this, the cube contains [6(|) + 8(|)] segments, which is equivalent 
to four atoms. 

4.5 Alloys 

A combination of two or more solid metals is called an alloy. The number of 
possible alloys is enormous. Alloys play a vital role in our lives, yet chemists 
rarely mention them. The atoms in alloys are held together by metallic bonds 
just like the component metallic elements. This bonding parallels the covalent 
bonding of nonmetals. Covalent bonds hold together molecules formed from 
pairs of different nonmetallic elements as well as from pairs of identical non- 
metallic elements. Similarly, the metallic bonds of an alloy hold together atoms 
of different metallic elements. 

There are two types of alloys: the solid solutions and the alloy compounds. 
In the former, the molten metals blend to form a homogeneous mixture. To 
form a solid solution, the atoms of the two metals have to be about the same 
size, and the two metallic crystals must have the same structure. In addition, 
the metals must have similar chemical properties. 

Gold and copper, for example, form a single phase all the way from 100 
percent gold to 100 percent copper. These two metals have similar metallic 
radii (144 pm for gold and 128 pm for copper), and they both adopt cubic 
close-packed structures. Lead and tin have very similar metallic radii (175 pm 
and 162 pm, respectively), but lead forms a face-centered cubic structure and 
tin has a complex packing arrangement. Very little of one metal will crystallize 
with the other. 

Traditional plumber’s solder contained about 60 percent tin and 40 percent 
lead, and it is this very immiscibility that enabled it to function as metallic “glue.” 
During the cooling of the liquid, there is a range of about 100°C over which crys¬ 
tallization occurs. A solid solution cannot exist with more than 20 percent tin. 
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Memory Metal: The Shape of Things to Come 


A lthough science is usually depicted as progressing 
through well-thought-out advances, an amazing 
number of scientific discoveries are unexpected. One of 
the most interesting examples of chance’s role in science 
is the discovery of memory metal. The story begins with 
attempts to develop a fatigue-resistant alloy for U.S. 
Navy missile nose cones. William J. Buehler, a metallur¬ 
gist, discovered that an equimolar alloy of titanium and 
nickel had exactly the desired properties. He named the 
alloy nitinol (ATckel T/tanium TVaval Ordnance Labora¬ 
tory). As a demonstration of nitinol’s properties, he took 
long straight bands of the alloy and folded them into an 
accordion shape. He would show how the metal could 
be stretched repeatedly without breaking. The flexibility 
in itself was a very useful property. At one such demon¬ 
stration, an attendee produced a lighter and idly heated 
the metal. Much to everyone’s astonishment, the strip 
straightened out! The metal had “remembered” its origi¬ 
nal pre-accordion shape. 

With an ordinary metal, bending it causes neighbor¬ 
ing crystals to slide over one another. Nitinol has a very 
unusual crystal structure in that it consists of a simple 
cubic array of nickel atoms with a titanium atom at 
each nickel cube center, while the titanium atoms them¬ 
selves are in simple cubic arrays with a nickel atom at 
each titanium cube center (Figure 4.16). This interlock¬ 
ing structure is what prevents neighboring crystals from 
moving relative to one another and imparts the super¬ 
elastic properties of the material. At high temperatures, 
the symmetrical (austinite) phase is stable, but on cooling, 
the alloy undergoes a phase change to a distorted cubic 
(martensite) phase. In this phase, the martensite crystals 
are flexible enough that the bulk metal can be repeatedly 


bent without fracturing. Gentle warming will then cause 
the crystals to revert to their original shape. To impart 
a new shape, the metal must be heated above its phase 
transition temperature (which depends on the precise 
mole ratio of the two constituents). 








FIGURE 4.16 The austenite phase of nitinol. 
Nickel atoms (gray) adopt a cubic arrangement 
with a titanium atom at each cube center. The 
titanium atoms (blue) adopt an interlocking cubic 
arrangement with a nickel atom at each cube 
center. 


Nitinol has many uses, including in the manufacture 
of more comfortable and efficient orthodontic braces 
and unbreakable eyeglass frames. Automatic tweezers 
are another use. An ear specialist can bend open the tips 
of the tweezers, slide them into a patient’s ear until the 
tip surrounds a foreign object, and apply a low current 
to the wire. The warming of the wire and the resulting 
return to the original atomic structure will cause the tips 
to close on the object so that it can be removed safely. 


As a result, the crystals are richer in the higher melting lead and the remaining 
solution has a lower solidification temperature. This “slushy” condition enabled 
plumbers to work with the solder. The mandatory replacement as a plumbing 
standard in the United States is 95 percent tin and 5 percent antimony. Old water 
supplies should be checked for lead from old solder in pipe joints. 

In some cases in which the crystal structures of the components are differ¬ 
ent, mixing molten metals results in the formation of precise stoichiometric 
phases. For example, copper and zinc form three “compounds”: CuZn, Cu 5 Zn 8 , 
and CuZn 3 . Table 4.2 lists some of the common alloys, their compositions, and 
their uses. 
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1 Common alloys 

Name 

Composition (%) 

Properties 

Uses 

Brass 

Cu 70-85, Zn 15-30 

Harder than pure Cu 

Plumbing 

Gold, 18-carat 

Au 75, Ag 10-20, 

Cu 5-15 

Harder than pure 
(24-carat) gold 

Jewelry 

Stainless steel 

Fe 65-85, Cr 12-20, 

Corrosion resistance 

Tools, chemical 


Ni 2-15, Mn 1-2, 

C 0.1-1, Si 0.5-1 


equipment 

4.6 Nanometal Particles 


Up to now we have been discussing the properties of bulk metals. If the metal 
atoms are in very small clusters, then their properties, such as color and melting 
point, can be significantly different from those of a large crystal. Nanochemistry is 
not something new: it is our understanding of the phenomenon and the realization 
of applications that are new. As an example of its early use, in medieval Europe, 
the makers of the stained glass windows of cathedrals used nanochemistry: silver 
nanoparticles to give the glass a transparent yellow color and gold nanoparticles 
to provide a transparent red color. 

The dependence of melting point on particle size is the phenomenon that 
we will discuss here. Figure 4.17 shows the decrease in melting point of tin 
from its bulk value as the particle size is decreased. This decrease for tin has 
potential importance for the electronics industry and for the environment. In 
the previous section, we described how the traditional low-melting solder was 
a tin-lead alloy. Bulk tin alone has too high a melting point for a solder, par¬ 
ticularly for connecting electronic devices. However, the 160°C melting point 
of 5-nm-particle tin would make a tin-only solder feasible when a matrix can 
be devised to surround the nanoparticles. 

The decrease in melting point with decreasing particle size is a common 
feature of nanometals. The phenomenon can be explained in terms of metallic 



FIGURE 4.17 Plot of the melting 
point of tin against particle size. 
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bonding. For bulk metals, the atoms are bonded to their nearest neighbors 
through the delocalized orbitals. In the case of nanometals, the particles are so 
small—always of the order of tens of nanometers—a high proportion of the 
atoms are on the particle surface and therefore are only bonded to the atoms 
beside or beneath them. Since atoms near the surface have fewer bonds, they 
require less energy to escape from the crystal lattice and the melting point will 
be lower. 

4.7 Magnetic Properties of Metals 



Diamagnetism and paramagnetism (discussed in Chapter 1, Section 1.5) oc¬ 
cur within individual atoms. Here we introduce two types of bulk magnetic 
behavior: ferromagnetism and antiferromagnetism. In ferromagnetic materials, 
the unpaired electrons are parallel-aligned with their neighbors even in the 
absence of a magnetic field. These groups of mutually aligned spins are known 
as magnetic domains. Application of a magnetic field causes all these domains 
to align with the magnetic field (Figure 4.18a). This alignment is much stronger 
than that of paramagnetism, and it can be permanent. 

Ferromagnetism is found in metals that have unpaired electrons in their 
d or / orbitals. Electrons in these orbitals must weakly interact with those in 
neighboring atoms for the effect to occur. The phenomenon only occurs in 
the later 3d- and 4/-block elements. When a ferromagnetic material is heated, 
the atomic vibrations cause a breakdown of the magnetic domains until, at 
the Curie point (Figure 4.19), the material reverts to the weaker paramagnetic 
behavior. Only four metals exhibit ferromagnetism and have a Curie transition 
above 0°C: iron, cobalt, nickel, and gadolinium. 

In addition to ferromagnetic materials, there are antiferromagnetic ones. 
Antiferromagnetism is similar to ferromagnetism except that the weak interactions 
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FIGURE 4.18 Diagramatic representations of [a) ferromagnetism, (b) antiferromagnetism, 
and (c) ferrimagnetism. 
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FIGURE 4.19 The effect 
of temperature change on 
paramagnetic, ferromagnetic, and 
antiferromagnetic materials. 


between neighboring atoms result in an antiparallel alignment (Figure 4.18Z?). 
Thus, the attraction into a magnetic field is weaker than the paramagnetic effect 
would predict but only up to the Neel temperature (Figure 4.19), at which the 
antiferromagnetic material reverts to paramagnetic behavior. Antiferromagnet¬ 
ism is the rarer of the two bulk behaviors. It is found for chromium and in iron- 
manganese alloys. 

In a special case of antiferromagnetism, the numbers of opposing spins do 
not balance, resulting in a net magnetization in one direction (Figure 4.18c). 
This is called ferrimagnetism. The most common ferrimagnetic material is 
Fe 3 0 4 , the mixed-oxidation-state iron(II)-iron(III) oxide. This oxide is impor¬ 
tant as the magnetic component of ferrofluids —magnetic liquids. These liquids 
are attracted to magnetic fields; actually, the colloidal solid iron oxide particles 
within the bulk liquid are attracted into the magnetic field. A ferrofluid can be 
simply prepared by the reaction of iron(III) and iron(II) chlorides with aque¬ 
ous ammonia in the presence of a surfactant (the surfactant prevents the oxide 
from coagulating and settling out): 



2FeCl 3 (aq) + FeC\ 2 (aq) + 8NH 3 (aq) + 4H 2 0(/) -^Fe 3 0 4 (s) + 8NH 4 C1(^) 


KEY IDEAS 

• Metallic bonding is best described in terms of band theory 
derived from molecular orbital theory. 

• Metal atoms can pack in only four ways. 

• Each one of these packing arrangements has a charac¬ 
teristic simplest unit, the unit cell. 


• Alloys, mixtures of two metals, can be solid solutions or 
alloy compounds. 

• Nanometal particles can have significantly different 
properties from those of bulk metals. 
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EXERCISES 

4.1 Define the following terms: (a) electron-sea model 
of bonding; (b) unit cell; (c) alloy. 

4.2 Explain the meanings of the following terms: (a) crys¬ 
tal lattice; (b) coordination number; (c) amalgam. 

4.3 What are the three major characteristics of a metal? 

4.4 What are the four most widely used metals? 

4.5 Using a band diagram, explain how magnesium can 
exhibit metallic behavior when its 3s band is completely full. 

4.6 Construct a band diagram for aluminum. 

4.7 Explain why metallic behavior does not occur in the 
gas phase. 

4.8 What is the likely formula of potassium in the gas 
phase? Draw a molecular orbital diagram to show your 
reasoning. 


4.9 What are the two types of layer arrangements in 
metals? Which has the closer packing? 

4.10 What is the difference in layer structure between 
cubic close-packed and hexagonal close-packed arrange¬ 
ments? 

4.11 Draw the simple cubic unit cell and show how the 
number of atoms per unit cell is derived. 

4.12 Draw the body-centered cubic unit cell and show 
how the number of atoms per unit cell is derived. 

4.13 What conditions are necessary for the formation of 
a solid solution alloy? 

4.14 Suggest two reasons why zinc and potassium are un¬ 
likely to form a solid solution alloy. 


BEYOND THE BASICS 

4.15 Use geometry to show that about 48 percent of a 
simple cubic lattice is empty space. 

4.16 Use geometry to show that about 32 percent of a 
body-centered cubic lattice is empty space. 

4.17 In a face-centered cubic unit cell, the atoms usually 
touch across the diagonal of the face. If the atomic radius is r, 
calculate the length of each side of the unit cell. 

4.18 In a body-centered cubic unit cell, the atoms usually 
touch along the diagonal from one corner through the center 
of the cell to the opposite corner. If the atomic radius is r, 
calculate the length of each side of the unit cell. 

4.19 Chromium forms a body-centered cubic lattice in 
which the edge length of the unit cell is 288 pm. Calculate 


(a) the metallic radius of a chromium atom and (b) the 
density of chromium metal. 

4.20 The atoms in barium metal are arranged in a body- 
centered cubic unit cell. Calculate the radius of a barium 
atom if the density of barium is 3.50 g-cm“ 3 . Hint: Use your 
answer to Exercise 4.18. 

4.21 The atoms in silver metal are arranged in a face- 
centered cubic unit cell. Calculate the radius of a silver 
atom if the density of silver is 10.50 g-cm“ 3 . Hint: Use your 
answer to Exercise 4.17. 

4.22 Suggest what might be a problem with placing two 
clean metal surfaces in contact in outer space. 

4.23 Research the properties of gold nanoparticles. 


ADDITIONAL RESOURCES 


For answers to odd-numbered questions: www.whfreeman.com/descriptive5e 




For accompanying video clips: www.whfreeman.com/descriptive5e 





CHAPTER 5 


Ionic Bonding 


Chemical bonding can also occur through transfer of electrons and the 
subsequent electrostatic attraction between the charged particles. Elementary 
chemistry courses usually imply that there is a rigid division between ionic 
and covalent bonding. In fact, there are few cases of "pure" ionic compounds, 
and chemical bonding is best regarded as a continuum between the extremes 
of covalent, ionic, and metallic bonding. 


O ne of the simplest chemical experiments is to take a beaker of de¬ 
ionized water and insert a lightbulb conductivity tester. The bulb 
does not light. Then some salt is stirred into the water and the bulb lights. 
This experiment was crucial in the history of chemistry. In 1884, Svante 
Arrhenius proposed the modern explanation of this experiment. At the 
time, hardly anyone accepted his theory of electrolytic dissociation. In fact, 
his doctoral dissertation on the subject was given a low grade in view of the 
unacceptability of his conclusions. Not until 1891 was there general sup¬ 
port for his proposal that the particles in salt solutions dissociate into ions. 
In 1903, when the significance of his work was finally realized, Arrhenius’s 
name was put forward to share in both the chemistry and the physics No¬ 
bel Prize. The physicists balked at the proposal, and as a result, Arrhenius 
was the recipient of the 1903 Nobel Prize in Chemistry for this work. 

Although we may ridicule those who opposed Arrhenius, at the 
time the opposition was quite understandable. The scientific commu¬ 
nity was divided between those who believed in atoms (the atomists) 
and those who did not. The atomists were convinced of the indivisibility 
of atoms. Enter Arrhenius, who argued against both sides: he asserted 
that sodium chloride broke down into sodium ions and chloride ions 
in solution but that these ions were not the same as sodium atoms and 
chlorine atoms. That is, the sodium was no longer reactive and metallic, 
nor was the chlorine green and toxic. No wonder his ideas were rejected 
until the era of J. J. Thomson and the discovery of the electron. 



5.1 The Ionic Model and the Size 
of Ions 

5.2 Hydrated Salts 

5.3 Polarization and Covalency 

5.4 Ionic Crystal Structures 

5.5 Crystal Structures Involving 
Polyatomic Ions 

5.6 The Bonding Continuum 

Concrete: An Old Material with a 
New Future 


5.1 The Ionic Model and the Size of Ions 


Whereas covalent substances at room temperature can be solids, liquids, 
or gases, all conventional ionic compounds are solids and have the fol¬ 
lowing properties: 
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1. Crystals of ionic compounds are hard and brittle. 

2. Ionic compounds have high melting points. 

3. When heated to the molten state (if they do not decompose), ionic com¬ 
pounds conduct electricity. 

4. Many ionic compounds dissolve in high-polarity solvents (such as water), 
and, when they do, the solutions are electrically conducting. 

According to the “pure” ionic model, some of the outermost electrons have 
been completely transferred from the element of lower electronegativity to the el¬ 
ement of higher electronegativity. This model is surprisingly useful although there 
is evidence for some small degree of covalency even when the electronegativity 
difference is very large. As we study the chemistry of the different groups, we will 
see many examples of covalent character in supposedly ionic compounds. 

In Chapter 2, we saw that the size of atoms decreases from left to right in a 
period as a result of an increase in Z eff . However, the conversion of many atoms 
to ions results in a significant change in size. The most noticeable examples are 
the main group metals, where cation formation usually involves the removal of 
all the outer (valence) electrons. The cation that remains possesses only the core 
electrons. Thus, the cation will be very much smaller than the parent atom. For 
example, the metallic radius of sodium is 186 pm, whereas its ionic radius is only 
116 pm. In fact, the decrease in size is really more dramatic. The volume of a sphere 
is given by the formula V = (%)'nr 3 . Hence, the reduction of the radius of sodium 
on ionization actually means that the ion is one-fourth the size of the atom! 

It should be noted that ionic radii cannot be measured directly and so the 
values are subject to error. For example, we can measure precisely the distance 
between the centers of a pair of sodium and chloride ions in a salt crystal, but 
this gives the sum of the two radii. The choice of how to apportion the distance 
between the two ions relies on an empirical formula rather than on a definitive 
measurement. In this text, we will use what are known as the Shannon-Prewitt 
values of ionic radii for consistency. 

Trends in Ionic Radii 

The cation radii become even smaller if the ions have a multiple charge. We 
can see this from the set of isoelectronic ions in Table 5.1. Each of the ions 
has a total of 10 electrons (ls 2 2s 2 2p 6 ). The only difference is the number of 
protons in the nucleus: the larger the proton number, the higher the effective 
nuclear charge, Z eff , and hence the stronger the attraction between electrons 
and nucleus and the smaller the ion. 

For anions, the reverse situation is true: the negative ion is larger than the 
corresponding atom. For example, the covalent radius of the oxygen atom is 
74 pm, whereas the radius of the oxide ion is 124 pm, resulting in a fivefold 
increase in volume. It can be argued that, with added electrons, the Z eff on each 
individual outer electron will be less, resulting in a weaker nuclear attraction. 
There will also be additional inter-electron repulsions between the added elec¬ 
tron and those present in the atom. Hence, the anion will be larger than the 
atom. Table 5.2 shows that, for an isoelectronic series, the smaller the nuclear 
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TABLE 5.T 

Selected isoelectronic 
Period 3 cation radii 

Ion 

Radius (pm) 

Na + 

116 

Mg 2+ 

86 

Al 3+ 

68 


TABLE 5.2 

Selected isoelectronic 
Period 2 anion radii 

Ion 

Radius (pm) 

N 3 - 

132 

O 2- 

124 

F“ 

117 


charge, the larger the anion. These anions are isoelectronic with the cations in 
Table 5.1 and illustrate how much larger anions are than cations. It is generally 
true, then, that the metal cations are smaller than the nonmetal anions. 

In Chapter 2, Section 2.5, we showed that atomic radius increases down 
each main group. It is also true that ions of the same charge, both anions and 
cations, increase in radius down a group. Values for the Group 17 anions are 
given in Table 5.3. 

Trends in Melting Points 

The ionic bond is a result of the attraction of one ion to the ions of opposite 
charge that surround it in the crystal lattice. The melting process involves par¬ 
tially overcoming the strong ionic attractions and allowing the free movement 
of the ions in the liquid phase. The smaller the ion, the shorter the interionic 
distance; hence the stronger the electrostatic attraction and the higher the 
melting point. As shown in Table 5.3, the anion radii increase down the halogen 
group. This increase in radii corresponds to a decrease in melting points of the 
potassium halides (Table 5.4). 


TABLE 5.3 

Radii of the Group 

17 anions 

■ TABLE 5.4 

Melting points of the 
potassium halides 

Ion 

Radius (pm) 

Compound 

Melting point (°C) 

F“ 

119 

KF 

857 

cr 

167 

KC1 

772 

Br” 

182 

KBr 

735 

r 

206 

KI 

685 


A second and usually more crucial factor in determining the value of melt¬ 
ing points is ion charge: the higher the charge, the higher the melting point. 
Thus, magnesium oxide (Mg 2+ 0 2- ) has a melting point of 2800°C, whereas that 
of isoelectronic sodium fluoride (Na + F - ) is only 993°C. 


5.2 Hydrated Salts 


When an ionic compound crystallizes from an aqueous solution, water mol¬ 
ecules often become incorporated in the solid crystal. These water-containing 
ionic compounds are known as hydrates. In some hydrates, the water molecules 
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are simply sitting in holes in the crystal lattice, but in the majority of hydrates, 
the water molecules are associated closely with either the anion or the cation, 
usually the cation. 

As an example, aluminum chloride crystallizes as aluminum chloride hexa- 
hydrate, A1C1 3 *6H 2 0. In fact, the six water molecules are organized in an octa¬ 
hedral arrangement around the aluminum ion, with the oxygen atoms oriented 
toward the aluminum ion, and so, the solid compound is more accurately rep¬ 
resented as [Al(OH 2 ) 6 ] 3+ *3Cr, hexaaquaaluminum chloride (the water molecule 
is written reversed to indicate that it is the 8- oxygen that forms an ion-dipole 
interaction with the positive aluminum ion). Thus, in the crystal of hydrated 
aluminum chloride, there are alternating hexaaquaaluminum cations and chloride 
anions. 

The extent of hydration of ions in the solid phase usually correlates with 
the ion charge and size, in other words, the charge density. We can therefore ac¬ 
count for the anhydrous nature of the simple binary alkali metal salts, such as 
sodium chloride, because both ions have low charge densities. Crystallization 
of an ion with a 3+ charge from aqueous solution always results in a hexahy- 
drated ion in the crystal lattice. That is, the small, highly charged cation causes 
the ion-dipole interaction to be particularly strong. 

The more highly charged oxyanions are almost always hydrated, with the 
8+ hydrogen atoms of the water molecules attracted toward the anions. Hy¬ 
dration of anions is usually less than that of the (smaller) cations. For example, 
zinc sulfate, ZnS0 4 , is a heptahydrate with six of the water molecules associ¬ 
ated with the zinc ion and the seventh with the sulfate ion. Hence, the com¬ 
pound is more accurately represented as [Zn(0H 2 ) 6 ] 2+ [S0 4 (H 2 0)] 2_ . Many 
other dipositive metal sulfates form heptahydrates with the same structure as 
that of the zinc compound. 


5.3 Polarization and Covalency 

Even though most combinations of metals and nonmetals have the character¬ 
istics of ionic compounds, there are a variety of exceptions. These exceptions 
arise when the outermost electrons of the anion are so strongly attracted to the 
cation that a significant degree of covalency is generated in the bond; that is, 
the electron density of the anion is distorted toward the cation. This distortion 
from the spherical shape of the ideal anion is referred to as polarization. 

The chemist Kasimir Fajans developed the following rules summarizing the 
factors favoring polarization of ions and hence the increase in covalency: 

1. A cation will be more polarizing if it is small and highly positively charged. 

2. An anion will be more easily polarized if it is large and highly negatively 
charged. 

3. Polarization is favored by cations that do not have a noble gas configuration. 

A measure of the polarizing power of a cation is its charge density. The 
charge density is the ion charge (number of charge units times the proton 
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charge in coulombs) divided by the ion volume. For example, the sodium ion 
has a charge of 1+ and an ionic radius of 116 pm (we use radii in millimeters 
to give an exponent-free charge density value). Hence, 


charge density = 


1 X (1.60 X 10“ 19 C) 

(3) x it x (1.16 x 10“ 7 mm) 3 


24 C-mm 3 


Similarly, the charge density of the aluminum ion can be calculated as 364 Omm - . 
With a much greater charge density, the aluminum ion is much more polarizing 
than the sodium ion and so more likely to favor covalency in its bonding. 


Fajans' First Rule 

Because the ionic radius is itself dependent on ion charge, we find that the 
value of the cation charge is often a good guide in determining the degree of 
covalency in a simple metal compound. As cation charge increases, the prob¬ 
ability of covalent behavior increases. 

One of the most obvious ways of distinguishing ionic behavior from covalent 
behavior is by observing melting points: those of ionic compounds (and network 
covalent compounds) tend to be high; those of small molecule covalent com¬ 
pounds, low. This principle is illustrated by a comparison of two of the manganese 
oxides: manganese(II) oxide, MnO, and manganese(VII) oxide, Mn 2 0 7 . Studies 
have confirmed that high-melting manganese(II) oxide forms an ionic crystal lat¬ 
tice, whereas manganese (VII) oxide, a liquid at room temperature, consists of co¬ 
valently bonded Mn 2 0 7 molecules. Table 5.5 shows that the ionic manganese(II) 
has a much lower charge density than the covalent manganese(VII). 


TABLE 5.5 

A comparison of manganese(ll) oxide and manganese(VII) oxide 

Compound 

Melting point (°C) 

Cation charge 
density (C*mm -3 ) 

Bonding classification 

MnO 

1785 

84 

Ionic 

Mn 2 0 7 

6 

1238 

Covalent 


Fajans' Second Rule 

To illustrate the effects of anion size, we can compare aluminum fluoride (m.p. 
1290°C) and aluminum iodide (m.p. 190°C). The fluoride ion, with an ionic 
radius of 117 pm, is much smaller than the iodide ion, of radius 206 pm. In fact, 
the iodide ion has a volume more than five times greater than that of the fluo¬ 
ride ion. The fluoride ion cannot be polarized significantly by the aluminum 
ion. Hence, the bonding is essentially ionic. The electron density of the iodide 
ion, however, is distorted toward the high-charge-density aluminum ion to such 
an extent that covalently bonded aluminum iodide molecules are formed. 

Fajans' Third Rule 

The third Fajans’ rule relates to cations that do not have a noble gas electron con¬ 
figuration. Most common cations, such as calcium, have an electron configuration 
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TABLE 5.6 


A comparison of potassium chloride and silver chloride 


Charge density 

Compound Melting point (°C) (C •mm" 3 ) Bonding classification 


KC1 770 11 Ionic 

AgCl 455 15 Partially covalent 


that is the same as that of the preceding noble gas (for calcium, [Ar]). How¬ 
ever, some do not. The silver ion (Ag + ), with an electron configuration of 
[Kr]4d 10 , is a good example (among the others are Cu + , Sn 2+ , and Pb 2+ ). Since 
the ionic radius (and hence charge density) of the silver ion is close to that of 
the potassium ion, for the purely ionic model we might expect the melting 
points of silver salts to be close to those of the corresponding potassium salt. 
Table 5.6 shows that the melting point for silver chloride is considerably below 
that of potassium chloride. 

We explain the comparatively low melting point of silver chloride as fol¬ 
lows. In the solid phase, the silver ions and halide ions are arranged in a crystal 
lattice, like any other “ionic” compound. However, the overlap of electron den¬ 
sity between each anion and cation is sufficiently high, it is argued, that we can 
consider the melting process to involve the formation of actual silver halide 
molecules. Apparently, the energy needed to change from a partial ionic solid 
to covalently bonded molecules is less than that needed for the normal melting 
process of an ionic compound. 

Another indication of a difference in the bonding behaviors of the po¬ 
tassium ion and the silver ion is their different aqueous solubility. All of 
the potassium halides are highly water soluble, whereas the silver chloride, 
bromide, and iodide are essentially insoluble in water. The solution process, 
as we will see later, involves the interaction of polar water molecules with 
the charged ions. If the ionic charge is decreased by partial electron sharing 
(covalent bonding) between the anion and the cation, then the ion-water 
interaction will be weaker and the tendency to dissolve will be less. How¬ 
ever, unlike the other silver halides, silver fluoride is soluble in water. This 
observation is consistent with Fajans’ second rule, which predicts that silver 
fluoride should have the weakest polarization and the most ionic bonding of 
all the silver halides. 

Often in chemistry, there is more than one way to explain an observed 
phenomenon. This is certainly true for the properties of ionic compounds. To 
illustrate this point, we can compare the oxides and sulfides of sodium and of 
copper(I). Both these cations have about the same radius, yet sodium oxide 
and sodium sulfide behave as typical ionic compounds, reacting with water, 
whereas copper(I) oxide and copper(I) sulfide are almost completely insolu¬ 
ble in water. We can explain this in terms of the third rule of Fajans; that is, the 
non-noble gas configuration cation has a greater tendency toward covalency. 
Alternatively, we can use the Pauling concept of electronegativity and say 
that the electronegativity difference for sodium oxide of 2.5 would indicate 
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predominantly ionic bonding, whereas that of copper(I) oxide (1.5) would 
indicate a major covalent character to the bonding. 

The Ionic-Covalent Boundary 

Unfortunately, there is no firm predictable boundary between ionic and co¬ 
valent behavior for solid compounds of metals and nonmetals. As predicted 
from Fajans’ first rule, increasing theoretical cation charge results in increas¬ 
ing charge density, which will favor covalent behavior. However, as predicted 
by Fajans’ second rule, the anion also plays a role: thus as the metal oxidation 
state increases, the iodide is first likely to exhibit a low melting point, then the 
bromide, then the chloride, and finally the fluoride and oxide. 

In aqueous solution, +1 and +2 hydrated cations are commonly found, the 
latter often as octahedral [M(OH 2 ) 6 ] 2+ units. For +3 ions, [M(OH 2 ) 6 ] 3+ , such as 
aluminum (see Chapter 13, Section 13.6) and iron(III) (see Chapter 20, Section 
20.6), the hydrated cations readily lose a hydrogen ion to give an acid solution 
and in this way reduce the charge of the “cluster”: 

[M(OH 2 ) 6 ] 3+ (ag) + H 2 O(0 ^ [M(OH 2 ) 5 (OH)] 2+ (ag) + H 3 0 + (a ? ) 

With higher oxidation states, the free metal ions do not exist in solution. Instead, 
the metal ions sometimes reduce the charge by forming an oxo-cation. For ex¬ 
ample, vanadium(IV) in solution is found as the vanadyl ion, [VO] 2+ , or more 
correctly, [VO(OH 2 ) 5 ] 2+ (see Chapter 20, Section 20.3), while uranium(VI) oc¬ 
curs as the hydrated uranyl ion, [U0 2 ] 2+ (see Chapter 23, Section 23.2). Guide¬ 
lines for the type of bonding are given in Table 5.7. 


TABLE 5.7 

Guidelines to bonding type for ionic compounds 

Theoretical metal 


ion charge 


Most predominant bonding type 

+ 1 


Ionic, except some lithium compounds 

+2 


Ionic, except some magnesium and beryllium compounds 

+3 


Covalent, except some oxides and fluorides of the heavier 
elements and hydrated cations 

+4, +5 


Covalent, except some oxides and fluorides of the heavier 
elements and oxo-cations 

+6 


Covalent, except some oxides and oxo-cations 

+7,+8 


Covalent 

5.4 Ionic Crystal Structures 


In Chapter 4, Section 4.3, we showed four different packing arrangements for 
metal atoms. The same packing arrangements are common among ionic com¬ 
pounds as well. Generally, the anions are much larger than the cations; thus, 
it is the anions that form the array and the smaller cations fit in holes (called 
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FIGURE 5.1 Representation of 
six anions surrounding a cation. 


interstices ) between the anions. Before discussing the particular types of packing, 
however, we should consider general principles that apply to ionic lattices: 

1. Ions are assumed to be charged, incompressible, nonpolarizable spheres. 
We have seen that there is usually some degree of covalency in all ionic com¬ 
pounds, yet the hard sphere model seems to work quite well for most of the 
compounds that we classify as ionic. 

2. Ions try to surround themselves with as many ions of the opposite charge 
as possible and as closely as possible. This principle is of particular importance 
for the cation. Usually, in the packing arrangement adopted, the cation is just 
large enough to allow the anions to surround it without touching one another. 

3. The cation-to-anion ratio must reflect the chemical composition of the 
compound. For example, the crystal structure of calcium chloride, CaCl 2 , must 
consist of an array of chloride anions with only half that number of calcium 
cations fitting in the interstices in the crystal lattice. 

As mentioned in point 2, the packing arrangement adopted by an ionic 
compound is usually determined by the comparative sizes of the ions. Figure 5.1 
shows four solid circles representing the anions of part of a body-centered 
cubic anion array and a dashed circle representing the anions below and above 
the plane. To fit exactly in the space between these six anions, the cation has to 
be the size shown by the shaded circle. By using the Pythagorean theorem, we 
can calculate that the optimum ratio of cation radius to anion radius is 0.414. 
The numerical value, r + /r_, is called the radius ratio. 

If the cation is larger than one giving the optimum 0.414 ratio, then the an¬ 
ions will be forced apart. In fact, this happens in most cases, and the increased 
anion-anion distance decreases the anion-anion electrostatic repulsion. How¬ 
ever, when the radius ratio reaches 0.732, it becomes possible for eight anions 
to fit around the cation. Conversely, if the radius ratio is less than 0.414, the 
anions will be in close contact and the cations will be “rattling around” in the 
central cavity. Rather than allowing this to happen, the anions rearrange to 
give smaller cavities surrounded by only four anions. A summary of the radius 
ratios and packing arrangements is given in Table 5.8. 


The range of radius ratios corresponding to different 
ion arrangements 

r+/r- Values Coordination number preferred Name 

0.732 to 0.999 8 Cubic 

0.414 to 0.732 6 Octahedral 

0.225 to 0.414 4 Tetrahedral 


TABLE 5.8 


The Cubic Case 

The best way to picture the ionic lattice is to consider the anion arrangement 
first and then look at the coordination number of the interstices in the anion 
arrays. The packing arrangement that can accept the largest cation is the simple 
cubic (see Figure 4.6). In this arrangement, there are eight anions surrounding 
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each cation. The classic example is cesium chloride, and this compound gives 
its name to the lattice arrangement. The chloride anions adopt a simple cubic 
packing arrangement, with each cation sitting at the center of a cube. In ce¬ 
sium chloride, the radius ratio of 0.934 indicates that the cations are sufficiently 
large to prevent the anions from contacting one another. 

To enhance our visualization of the various ion arrangements, we will dis¬ 
play most of the ionic structures as ionic lattice diagrams. In these diagrams, 
the ionic spheres have been shrunk in size and solid lines have been inserted to 
represent points of ionic contact. Ionic lattice diagrams show the coordination 
numbers of the ions more clearly than the space-filling representation. But 
they give a false impression that the lattice is mostly empty space when, in 
reality, it consists of closely packed ions of very different ionic radii. The ionic 
lattice diagram for cesium chloride is shown in Figure 5.2. 

In Chapter 4, Section 4.4, we saw that for metals, when the crystal packing 
arrangement and the density are known, the metallic radius of the element can 
be calculated. For ionic compounds adopting the cesium chloride structure, we 
can determine equally unit cell dimensions and the ionic radii of one or another 
of the ions. 

The cesium chloride unit cell is shown in Figure 5.3; it contains one cesium 
ion and 8(V 8 ) chloride ions. Hence, each unit cell contains, in total, one formula 
unit. The cesium cation separates the chloride anions, so the ions only make 
contact along a diagonal line that runs from one corner through the center of 
the unit cell to the opposite corner. This diagonal has a length equal to the sum 
of two anion radii and two cation radii. 

If the cation-to-anion stoichiometry is not 1:1, then the less common ion 
occupies a certain proportion of the spaces. A good example is calcium fluo¬ 
ride, CaF 2 , in which the cation-to-anion ratio is 1:2. This is called the fluorite 
structure, after the mineral name of calcium fluoride. Each calcium ion is sur¬ 
rounded by eight fluoride ions, similar to the cesium chloride structure. How¬ 
ever, each alternate cation location (that is, every other space) in the lattice is 
empty, thus preserving the 1:2 cation-to-anion ratio (Figure 5.4). 



FIGURE 5.2 Ionic lattice 
diagram of cesium chloride. 
[Adapted from A. F. Wells, Structural 
Inorganic Chemistry, 5th ed. (New 
York: Oxford University Press, 1984), 
p. 246.] 



FIGURE 5.3 Unit cell of cesium 
chloride. [Adapted from G. Rayner- 
Canham et at, Chemistry: A Second 
Course (Don Mills, ON: Addison- 
Wesley, 1989), p. 72.] 



# F“ • Ca 2+ 


FIGURE 5.4 Partial ionic lattice 
diagram of calcium fluoride. 
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It is also possible to have cation-to-anion ratios of 2:1, as found for lithium 
oxide. The structure is again based on the cesium chloride lattice, but this time 
every alternate anion site is empty. Because the unoccupied lattice spaces in 
the lithium oxide structure are the opposite of those left unoccupied in the 
calcium fluoride (fluorite) structure, the name given to this arrangement is the 
antifluorite structure. 

The Octahedral Case 

When the radius ratio falls below 0.732, the anions in the cesium chloride struc¬ 
ture are no longer held apart by the cations. The potential repulsions between 
the anions cause the octahedral geometry to become the preferred arrange¬ 
ment. For this smaller radius ratio, six anions can fit around a cation without 
touching one another (see Figure 5.1). The actual anion arrangement is based 
on the cubic close-packed array in which there are octahedral holes and tetra¬ 
hedral holes. Figure 5.5 shows the array with an O marking the location of the 
octahedral holes in which the cations can fit. 

In the octahedral packing, all the octahedral holes are filled with cations 
and all of the tetrahedral holes are empty. Sodium chloride adopts this par¬ 
ticular packing arrangement, and it gives its name to the structure. In the unit 
cell—the smallest repeating unit of the structure—the chloride anions form 
a face-centered cubic arrangement. Between each pair of anions is a cation. 
Because the cations are acting as separators of the anions, alternating cations 
and anions touch along the edge of the cube. The ionic lattice diagram shows 
that each sodium ion has six nearest-neighbor chloride ions and each chloride 
anion is surrounded by six sodium ions (Figure 5.6). 

The sodium chloride unit cell (Figure 5.7) contains one central sodium ion 
plus 12(|) sodium ions along the edges. The centers of the faces hold 6(V 2 ) chlo¬ 
ride ions, and the corners of the cube hold 8(|) more. As a result, the sodium 
chloride unit cell contains four formula units. The length of the side of the cube 
is the sum of two anion radii and two cation radii. 



FIGURE 5.5 The first two layers 
of the cubic close-packed anion 
array, showing the octahedral 
holes (O) in which cations can fit. 



FIGURE 5.6 Ionic lattice 
diagram of sodium chloride. 
[Adapted from A. F. Wells, Structural 
Inorganic Chemistry, 5th ed. (New 
York: Oxford University Press, 1984), 
p. 239.] 



FIGURE 5.7 Unit cell of sodium 
chloride. [Adapted from G. Rayner- 
Canham et at. Chemistry: A Second 
Course (Don Mills, ON: Addison- 
Wesley, 1989), p. 71.] 
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It is also possible to have octahedral packing for compounds with stoichi¬ 
ometries other than 1 :l.The classic example is that of titanium(IV) oxide, Ti0 2 
(mineral name, rutile). For the crystal, it is easiest to picture the titanium(IV) ions 
as forming a distorted body-centered array (even though they are much smaller 
than the oxide anions), with the oxide ions fitting in between (Figure 5.8). 

The Tetrahedral Case 

Ionic compounds in which the cations are very much smaller than the anions 
can be visualized as close-packed arrays of anions, with the cations fitting into 
the tetrahedral holes (the octahedral holes are always empty). Both hexagonal 
close-packed {hep) and cubic close-packed {cep) arrangements are possible, 
and usually a compound will adopt one or the other, although the reasons for 
particular preferences are not well understood. Figure 5.9 shows the cubic 
close-packed array; a T marks the location of the tetrahedral holes. 

The prototype of this class is zinc sulfide, ZnS, which exists in nature in two 
crystal forms: the common mineral sphalerite (formerly called zinc blende), in 
which the sulfide ions form a cubic close-packed array; and wurtzite, in which 
the anion array is hexagonal close packed (see Chapter 4). Both structures 
have twice as many tetrahedral holes as cations, so only alternate cation sites 
are filled (Figure 5.10). 



FIGURE 5.8 Ionic lattice 
diagram of titanium(IV) oxide. 
[Adapted from A. F. Wells, Structural 
Inorganic Chemistry ; 5th ed. (New 
York: Oxford University Press, 1984), 
p. 247] 



FIGURE 5.9 The first two layers 
of the cubic close-packed anion 
array, showing the tetrahedral 
holes (T) in which cations can fit. 



(a) ( b) 

FIGURE 5.10 Two ionic lattice diagrams of zinc sulfide: 

(a) sphalerite; (b) wurtzite. [Adapted from A. F. Wells, Structural 
Inorganic Chemistry, 5th ed. (New York: Oxford University Press, 
1984), p. 121.] 


Quantum Dots 

The nanochemistry field of quantum dots relates to wurtzite and sphalerite 
structures, particularly the wurtzite structure of cadmium selenide, CdSe. Quan¬ 
tum dots are nanoparticles of tetrahedral-structure semiconductors (such as 
cadmium selenide) in a size range of 1 to 100 nm. Particles of these dimensions 
exhibit a property known as quantum confinement. Quantum confinement re¬ 
sults when the electrons in a substance are restricted to a very small volume 
and the properties of the solid become dependent on particle size. 

One particularly noticeable effect of quantum confinement is that particle 
size determines optical properties. For materials such as cadmium selenide, which 
fluoresces under ultraviolet light, the larger the particle, the more the emission 
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tends toward the red end of the spectrum, while a decrease in size shifts the emis¬ 
sion to the blue end of the spectrum. As a result, very precise color emissions can 
be produced if the particle size range is very small. 

Several semiconducting materials exhibit such properties, all of which have 
the wurtzite or sphalerite structures. These materials include the cadmium 
compounds with the heavier Group 16 elements: cadmium sulfide, CdS; cad¬ 
mium selenide, CdSe; and cadmium telluride, CdTe. Quantum dots can also 
be produced by forming a monolayer of indium arsenide, InAs, over nanopar¬ 
ticles of indium phosphide, InP, or gallium arsenide, GaAs. It is the mismatch 
of ion sizes on the surface to that of the crystal lattice itself that results in the 
fluorescent behavior. 

Exceptions to the Packing Rules 

Up to now, we have discussed the different packing arrangements and their rela¬ 
tionship to the radius ratio. However, the radius ratio is only a guide, and although 
many ionic compounds do adopt the predicted packing arrangement, there are 
many exceptions. In fact, the packing rules appear to predict the correct arrange¬ 
ment in about two-thirds of cases. Table 5.9 shows three of the exceptions. 

Chemistry is not a simplistic subject, and to reduce the reasons for a specific 
packing arrangement to one single criterion, the radius ratio, is to disregard 
many factors. In particular, we discussed earlier that there is an appreciable de¬ 
gree of covalent bonding in most ionic compounds. Thus, the hard sphere model 
of ions is not considered valid for many compounds. For example, mercury(II) 
sulfide is likely to have such a high degree of covalency in its bonding that the 
compound might be equally well regarded as a network covalent substance, like 
diamond or silicon dioxide (see Chapter 3). A high degree of covalency would 
specifically explain the preference of mercury(II) sulfide for the tetrahedral co¬ 
ordination of the ZnS structure, because in its covalent compounds, mercury(II) 
often forms four covalent bonds arranged at the tetrahedral angles. 

Partial covalent behavior is also observed in lithium iodide. On the basis 
of standard values for ionic radii, its adoption of the octahedral coordination 
of the sodium chloride lattice makes no sense. The iodide anions would be in 
contact with one another, and the tiny lithium ions would “rattle around” in 
the octahedral holes. However, the bonding in this compound is believed to be 
about 30 percent covalent, and crystal structure studies show that the electron 
density of the lithium is not spherical but stretched out toward each of the six 
surrounding anions. Thus, lithium iodide, too, cannot be considered a “true” 
ionic compound. 



Selected examples of exceptions to the packing predicted by 
the radius ratio rule 


Compound r+/r_ Expected packing Actual packing 


HgS 

Lil 

RbCl 


0.55 

0.35 

0.84 


NaCl 

ZnS 

CsCl 


ZnS 

NaCl 

NaCl 
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Furthermore, there is evidence that the energy differences between the 
different packing arrangements are often quite small. For example, rubidium 
chloride normally adopts the unexpected sodium chloride structure (see 
Table 5.9), but crystallization under pressure results in the cesium chloride 
structure. Thus, the energy difference in this case between the two packing 
arrangements must be very small. 

Finally, we must keep in mind that the values of the ionic radii are not con¬ 
stant from one environment to another. For example, the cesium ion has a ra¬ 
dius of 181 pm only when it is surrounded by six anion neighbors. With eight 
neighbors, such as we find in the cesium chloride lattice, it has a Shannon- 
Prewitt radius of 188 pm. This is not a major factor in most of our calcula¬ 
tions, but with small ions there is a very significant difference. For lithium, the 
four-coordinated ion has a radius of 73 pm, whereas that of the crowded six- 
coordinated ion is 90 pm. For consistency in this text, all ionic radii quoted are for 
six-coordination, except for the Period 2 elements, for which four-coordination is 
much more common and realistic. 


5.5 Crystal Structures Involving Polyatomic Ions 


Up to this point, we have discussed only binary ionic compounds, but ionic com¬ 
pounds containing polyatomic ions also crystallize to give specific structures. In 
these crystals, the polyatomic ion occupies the same site as a monatomic ion. For 
example, calcium carbonate forms a distorted sodium chloride structure, with the 
carbonate ions occupying the anion sites and the calcium ions, the cation sites. 

In some cases, properties of a compound can be explained in terms of a 
mismatch between the anions and the cations, usually a large anion with a very 
small cation. One possible way of coping with this problem is for the compound 
to absorb moisture and form a hydrate. In the hydration process, the water mol¬ 
ecules usually surround the tiny cation. The hydrated cation is then closer in size 
to the anion. Magnesium perchlorate is a good example of this arrangement. 
The anhydrous compound absorbs water so readily that it is used as a drying 
agent. In the crystal of the hydrate, the hexaaquamagnesium ion, Mg(OH 2 ) 6 2+ , 
occupies the cation sites and the perchlorate ion occupies the anion sites. 

Some ions are so mismatched in size that they cannot form compounds un¬ 
der any circumstances. The effects of ion mismatch constrain large, low-charge 
anions to form stable compounds only with large, single-charge (low-charge- 
density) cations. For example, the hydrogen carbonate ion, HC0 3 _ , forms 
solid stable compounds only with the alkali metals and the ammonium ion: 

evaporate to dryness 

Na + {aq) + HC0 3 “(a<p-» NaHC0 3 (s) 

„ , evaporate to dryness 

Ca 2+ {aq) + 2 HC0 3 “(ag)-> CaC0 3 (.v) + H 2 0(/) + C0 2 (g) 


The concept of matching size and charge enables us to predict how to form 
precipitates. For example, to form a precipitate with cesium ion, we need a 
large, low-charge ion such as perchlorate: 



Cs + (aq) + C10 4 ( aq ) —» CsC10 4 (s) 
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Covalent 



Polar covalent 



Polarized ionic 



5.6 The Bonding Continuum 


In general chemistry courses, the bonding between atoms is depicted as one 
of the three options: covalent, ionic, or metallic. However, in reality, bond¬ 
ing is often a mixture of two or even all three components. In Section 5.2, we 
showed how polarization of ions can result in covalent character of ionic bonds, 
whereas in Chapter 3, Section 3.14, we saw how compounds of two nonmetals 
can have an ionic component to their bonding (polar covalency). Thus, inor¬ 
ganic chemists see not a rigid ionic-covalent divide but a bonding continuum. 
Figure 5.11 shows electron density profiles for four points on this continuum: 
the pure covalent, a polar covalent bond, a polarized ionic bond, and a pure 
ionic bond. The ratio of ionic to covalent character can be defined as the dif¬ 
ference in electronegativities, AEN ,, between the pairs of atoms. Thus, pairs of 
atoms with AEN close to zero will possess essentially pure covalent bonds with 
equally shared electrons, whereas those with AEN > 3.0 are regarded as purely 
ionic (Figure 5.12). 


The Allred-Rochow Electronegativity Scale 

In Chapter 3, we mentioned that there are several scales of electronega¬ 
tivities other than Pauling’s. Although Pauling’s scale is widely used, it does 
have the disadvantage of being very qualitative since Pauling adjusted the 
values to fit a nice linear sequence. A more quantitative scale, especially 
useful for our discussion here, is that devised by Allred and Rochow, based 
on effective nuclear charge values. Inorganic chemists frequently use the 
Allred-Rochow scale. The values for the main group elements are shown in 
Figure 5.13. 


FIGURE 5.11 Four examples 
of electron density profiles of 
diatomic species on the bonding 
continuum. 



Electronegativity 
difference, AEN 


FIGURE 5.12 Approximate 
relationship between 
electronegativity difference and 
ionic character in a bond. 


The Bond Triangle 

The bonding continuum is not confined to two dimensions: metallic bond¬ 
ing provides a third component. This bond triangle (or more correctly, the 
Van Arkel-Ketelaar triangle) has a horizontal axis of electronegativity. The 
metallic-covalent limits of this axis correspond to the change in bonding from 
the delocalized bonding in the metallic structure to the overlap of orbitals in 
particular directions (covalent). Elements lie along this axis, from purely me¬ 
tallic (such as cesium) to purely covalent (such as fluorine). The AEN becomes 
the vertical axis in this plot, the left side of the triangle representing the metal¬ 
lic to ionic transition and the right, the covalent to ionic transition. 

Figure 5.14 shows the bond triangle, with a rough division into metal¬ 
lic, ionic, and covalent “zones.” We can locate any binary compound on this 
triangle by plotting the average electronegativity of the two atoms against 
their electronegativity difference. To illustrate, we show the location of some 
compounds using the Allred-Rochow values of electronegativities. The series 
of oxides shows a nice trend from the ionic magnesium oxide to the covalent 
tetraphosphorus decaoxide. The location of aluminum oxide is appropriate 
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FIGURE 5.13 Allred-Rochow electronegativity values of various main group elements. 


Ionic 



FIGURE 5.14 The Van Arkel-Ketelaar bond triangle. 


AEN 
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since it is sometimes more useful to consider it as ionic and at other times 
as network covalent. The alloy CuA 1 2 fits in the metallic zone, whereas alu¬ 
minum phosphide provides an example of a material whose bonding (and 
properties) is consistent with a hybrid of all three categories. Fortunately, as 
we discuss in later chapters, most elements and compounds appear to have 
properties that can be explained in terms of one bonding type or, at most, a 
combination of two bonding types. 


The Bond Tetrahedron 

South African chemist Michael Laing has expanded the triangle into a tetrahe¬ 
dron. He has argued that network covalent compounds (see Chapter 3, Section 
3.11) should be treated as a completely different bonding type from molecular 
(small molecule covalent) compounds. Figure 5.15 shows the Laing bond tetrahe¬ 
dron and the location of a selection of elements and compounds according to his 
criteria. For example, as we discuss in Chapter 14, tin exists in two allotropes: /5-tin, 
which has weakly metallic properties, and a-tin, which is essentially nonmetallic. 
These allotropes fit along the metallic-network covalent edge of the tetrahedron. 
In a similar manner, selenium forms two common allotropes, /3-selenium, which 
consists of Se 8 individual molecules, and a-selenium, which has a network cova¬ 
lent structure. These allotropes fit along the small molecule covalent-network 
covalent edge of the tetrahedron. However, the bond triangle enables us to pre¬ 
dict bond type (although it doesn’t distinguish type of covalent bonding), whereas 
species can only be placed on the bond tetrahedron when their bonding type is 
established. 


Metallic 

Materials 


Cations in a sea of electrons 



Molecular 

Materials 


Intramolecular covalent bonding 
Intermolecular van der Waals attraction 


Cu Mg 
Na Cr 



(a) (b) 

FIGURE 5.15 The Laing bond tetrahedron, showing (a) the bonding types and (b) how 
selected elements and compounds fit in the tetrahedron. 
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Concrete: An Old Material with a New Future 


A lthough chemists are always devising new and novel 
materials, certain timeless materials will always be 
the backbone of civilization, such as glass and concrete. 
Concrete is used in the construction of our largest build¬ 
ings, bridges, dams, tunnel linings, and other structures that 
require great strength. In fact, over 10 billion tonnes of con¬ 
crete are used each year. The key component of concrete is 
cement, first synthesized by the Romans 2000 years ago. 

To make modern (Portland) cement, limestone (cal¬ 
cium carbonate) is mixed with clay or shale (a mixture of 
aluminosilicates) and heated to about 2000°C. This pro¬ 
cess produces lumps of material called “clinker,” a mix¬ 
ture of about 50 percent tricalcium silicate and Ca 3 Si0 5 , 
30 percent dicalcium silicate, Ca 2 Si0 4 , with the remain¬ 
der calcium aluminate, Ca 3 Al 2 0 6 , and calcium ferroalu- 
minate, Ca 4 Al 2 Fe 2 O 10 . In each of these compounds, the 
framework can be considered to be either an ionic ox¬ 
ide lattice with silicon, aluminum, and iron(III) ions in 
the holes (plus surface calcium ions) or we can picture 
the structure as network covalent with tetrahedral Si0 4 , 
A10 4 , and Fe0 4 units linked (with the free calcium ions 
providing the charge balance).The true structure is prob¬ 
ably somewhere in between the extremes of the ionic 
and network covalent models. 

The clinker is ground with gypsum (calcium sulfate 
dihydrate) to give cement powder. Cement reacts with 
water to form an inorganic “glue” holding together a ma¬ 
trix of sand and small aggregate (crushed rock). A typical 
hydration reaction is 


2 Ca 3 Si0 5 (s) + 7 H 2 Q(/) - 


► Ca 3 Si 2 0 7 -4H 2 0(s) 

+ 3 Ca(OH) 2 (s) 


The silicate product, known as tobermorite, forms 
strong crystals that adhere by means of silicon-oxygen 
covalent bonds to the sand and aggregate. It is the cal¬ 
cium hydroxide product that causes the high basicity of 
the setting cement, making it unwise to handle the mix¬ 
ture without gloves. 

However, even such a traditional substance as con¬ 
crete has been reborn as a new material. Autoclaved aer¬ 
ated concrete (AAC) promises to be a major building 
material of the twenty-first century. This concrete is syn¬ 
thesized by mixing cement with lime (calcium hydrox¬ 
ide), silica sand (silicon dioxide), water, and aluminum 
powder. In addition to the standard cement-setting re¬ 
actions, the aluminum metal reacts with the added hy¬ 
droxide ion and with the hydroxide ion produced in the 
reaction (see Chapter 13) to produce hydrogen gas: 

2 A1 (s) + 2 OH'(^) + 6 H 2 0(/) -> 

2 [Al(OH) 4 ]><7) + 3 H 2 (g) 

The millions of tiny gas bubbles cause the mixture 
to swell to five times its original volume. When the con¬ 
crete has set, it is cut into blocks or slabs of required size, 
then steam-cured in an oven (autoclave). The hydrogen 
gas diffuses out of the structure and is replaced by air. 
This low-density building material has high thermal in¬ 
sulation properties and can be made using fly ash, an 
unwanted product of coal-fired power plants, instead of 
silica sand. At the end of the building’s life, the panels 
can be disassembled and reused or crushed and remade 
into new building materials; hence, AAC is a very envi¬ 
ronmentally friendly construction material. 


KEY IDEAS 

• The strength of ionic bonding depends on an ion’s charge 
and size. 

• Many compounds of metals and nonmetals have proper¬ 
ties consistent with significant covalent character in their 
bonding. 

• Polarization, used to explain covalent character, can be 
estimated from the charge density of the ions. 

• Many ions are hydrated even in the solid phase. 


• In the solid phase, we can consider the anions to form a 
three-dimensional array, with the cations fitting in the inter¬ 
vening holes. 

• The preferred packing arrangement in an ionic com¬ 
pound depends on the relative ionic radii of cation and 
anion. 

• To account for the continuum of bonding types, we can 
use a bond triangle or tetrahedron. 
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EXERCISES 

5.1 Define the following terms: (a) polarization; (b) in¬ 
terstices; (c) bond triangle. 

5.2 Define the following terms: (a) ion-dipole interac¬ 
tions; (b) radius ratio; (c) cubic arrangement. 

5.3 What properties of a compound would lead you to 
expect that it contains ionic bonds? 

5.4 Which would you expect to contain ionic bonds, 
MgCl 2 or SC1 2 ? Explain your reasoning. 

5.5 Which one of each of the following pairs will be 
smaller? Explain your reasoning in each case, (a) K or K + ; 
(b) K + or Ca 2+ ; (c) Br or Rb + . 

5.6 Which one of each of the following pairs will be 
smaller? Explain your reasoning in each case, (a) Se 2_ or 
Br - ; (b) O 2- orS 2- . 

5.7 Which one, NaCl or Nal, would be expected to have 
the higher melting point? Explain your reasoning. 

5.8 Which one, NaCl or KC1, would be expected to have 
the higher melting point? Explain your reasoning. 

5.9 Compare the charge density values of the three sil¬ 
ver ions: Ag + , Ag 2+ , and Ag 3+ (see Appendix 2). Which is 
most likely to form compounds exhibiting ionic bonding? 

5.10 Which would be more polarizable, the fluoride ion 
or the iodide ion? Give your reason. 

5.11 Using data tables, find the melting points of 

uranium(III) fluoride, uranium(IV) fluoride, uranium(V) 
fluoride, and uranium(VI) fluoride. At what point does the 
bonding type appear to change? 

5.12 Using data tables, find the melting points of 

manganese(II) oxide, manganese(III) oxide, manganese(IV) 
oxide, and manganese(VII) oxide. At what point does the 
bonding type appear to change? 

5.13 Using data tables, find the melting points of 

tungsten(IV) fluoride, tungsten(VI) fluoride, tungsten(IV) 
oxide, and tungsten(VI) oxide. Comment on the difference 
between the fluoride pair and the oxide pair. 

5.14 Titanium(IV) exists in aqueous solution, but not as 
the T\ A+ (aq) ion. Suggest the identity of the species. 

5.15 Explain the difference between the 227°C melting 
point of tin(II) chloride, SnCl 2 , and the -33°C melting 
point of tin(IV) chloride, SnCl 4 . 

5.16 Magnesium ion and copper(II) ion have almost the 
same ionic radius. Which would you expect to have the lower 


melting point, magnesium chloride, MgCl 2 , or copper(II) chlo¬ 
ride, CuCl 2 ? Explain your reasoning. 

5.17 Would you expect sodium chloride to dissolve in car¬ 
bon tetrachloride, CC1 4 ? Explain your reasoning. 

5.18 Suggest a reason why calcium carbonate, CaC0 3 , is 
insoluble in water. 

5.19 Which of sodium chloride and magnesium chloride 
is more likely to be hydrated in the solid phase? Explain 
your reasoning. 

5.20 Nickel(II) sulfate commonly exists as a hydrate. Pre¬ 
dict the formula of the hydrate and explain your reasoning. 

5.21 Of lithium nitrate and sodium nitrate, which is more 
likely to exist as a hydrate in the solid phase? Explain your 
reasoning. 

5.22 What are the key assumptions in the ionic lattice 
concept? 

5.23 Explain the factor affecting the ion coordination 
number in an ionic compound. 

5.24 Why, in the study of an ionic lattice, is the anion 
packing considered to be the frame into which the cat¬ 
ions fit? 

5.25 Although calcium fluoride adopts the fluorite struc¬ 
ture, magnesium fluoride adopts the rutile structure. Sug¬ 
gest an explanation. 

5.26 Suggest the probable crystal structure of (a) barium 
fluoride; (b) potassium bromide; (c) magnesium sulfide. 
You can use comparisons or obtain ionic radii from data 
tables. 

5.27 Use Figure 5.4 as a model to draw a partial ionic lattice 
diagram for the antifluorite structure of lithium oxide. 

5.28 Would the hydrogen sulfate ion be more likely to 
form a stable solid compound with sodium ion or magne¬ 
sium ion? Explain your reasoning. 

5.29 Using the bond triangle concept, state the probable 
combinations of bonding in (a) CoZn 3 ; (b) BF 3 . 

5.30 Using the bond triangle concept, state the prob¬ 
able combinations of bonding in (a) As; (b) K 3 As; 
(c) AsF 3 . 

5.31 The element gallium melts in your hand (m.p. 30°C). 
What would be your first suggestion as to the bond type 
in this element? What one test would be most effective in 
confirming the bond type? 
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BEYOND THE BASICS 

5.32 It has been said that a long liquid range is character¬ 
istic of metals. Is this true? Give some examples using data 
tables. Suggest why a long liquid range cannot be used as the 
sole criterion for metallic bonding. 

5.33 The internuclear distance between sodium and chlo¬ 
ride ions in the sodium chloride lattice, NaCl(s), is 281 pm, 
while the bond distance in NaCl(g) from the vaporized lat¬ 
tice is 236 pm. Suggest why the gas-phase distance is much 
shorter. 

5.34 In melting point, the value for sodium fluoride is 
higher than that for sodium chloride while that for carbon tet- 
rafluoride is less than that for carbon tetrachloride. Explain 
the reason for the difference in trends. 

5.35 Which member of the following pairs has the 
higher melting point? Give your reasoning in each case. 

(a) copper(I) chloride, CuCl, or copper(II) chloride, CuCl 2 ; 

(b) lead(II) chloride, PbCl 2 , or lead(IV) chloride, PbCl 4 . 

5.36 In a sodium chloride lattice, the ions usually touch 
along the edge of the unit cell. If the ionic radii are r + and 
r_, calculate the length of each side of the unit cell. 

5.37 In a cesium chloride lattice, the atoms usually touch 
along the diagonal from one corner through the center of 
the cell to the opposite corner. If the ionic radii are r+ and 
r , calculate the length of each side of the unit cell. 

5.38 Calculate the radius of a cesium ion in cesium chlo¬ 
ride if the density of cesium chloride is 3.97 g*cm -3 and it 


is assumed that the ions touch through the diagonal of the 
unit cell. 

5.39 Rubidium chloride adopts the sodium chloride struc¬ 
ture. Calculate the radius of a rubidium ion if the density of 
rubidium chloride is 2.76 g-cm" 3 and it is assumed that the 
ions touch along the edges of the unit cell. 

5.40 Ammonium chloride crystallizes in the cesium chlo¬ 
ride lattice. The cations and anions are in contact across the 
body diagonal of the unit cell and the edge length is 386 pm. 
Determine a value for the radius of the ammonium ion. 

5.41 Sodium hexafluoroantimonate(V), NaSbF 6 , density 
4.37 g-cm" 3 , crystallizes in the sodium chloride lattice. The 
sodium cations and hexafluoroantimonate(V) anions are in 
contact along the edge of the unit cell. Determine a value 
for the radius of the hexafluoroantimonate(V) ion. 

5.42 The unit cell of a particular solid has tungsten atoms 
at the corners, oxygen atoms in the centers of each cube 
edge, and a sodium atom in the cube center. What is the 
empirical formula of the compound? 

5.43 Astatine, the lowest (and radioactive) member of the 
halogen series, can form the astatinide ion, At - , which has 
an approximate ionic radius of 225 pm. What lattice type 
would be expected for each of the alkali metal compounds 
of the astatinide ion? 


ADDITIONAL RESOURCES 

For answers to odd-numbered questions: www.whfreeman.com/descriptive5e 
YJf For accompanying video clips: www.whfreeman.com/descriptive5e 
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CHAPTER 6 


Inorganic Thermodynamics 


Descriptive inorganic chemistry is not simply a study of the chemical elements 
and the myriad compounds that they form. It also involves the need to 
explain why some compounds form and others do not. The explanation 
usually relates to the energy factors involved in the formation of compounds. 
This topic is a branch of thermodynamics, and in this chapter we present a 
simplified introduction to inorganic thermodynamics. 


A lthough much of the development of chemistry took place in 
Britain, France, and Germany, two Americans played important 
roles in the development of thermodynamics. The first of these was 
Benjamin Thompson, whose life would make a good movie script. 
Born in 1753 in Woburn, Massachusetts, he became a major in the 
(British) Second Colonial Regiment and subsequently spied for the 
British, using his chemical knowledge to send messages in invisible 
ink. When Boston fell to the Revolutionary forces, he fled to England 
and then to Bavaria, now part of Germany. For his scientific contri¬ 
butions to Bavaria’s military forces, he was made a count, and he 
chose the title of Count Rumford. At the time, heat was thought to 
be a type of fluid, and among many significant discoveries, Rumford 
showed conclusively that heat is a physical property of matter, not 
a material substance. In fact, it can be argued that he was the first 
thermodynamicist. 

A little less than 100 years later, J. Willard Gibbs was born in New 
Haven, Connecticut. At Yale University in 1863, he gained one of the 
first Ph.D. degrees awarded in the United States. It was Gibbs who 
first derived the mathematical equations that are the basis of modern 
thermodynamics. About that time, the concept of entropy had been 
proposed in Europe, and German physicist Rudolf Clausius had sum¬ 
marized the laws of thermodynamics in the statement, “The energy of 
the universe is a constant; the entropy of the universe tends to a maxi¬ 
mum.” Yet Clausius and other physicists did not appreciate the impor¬ 
tance of the entropy concept. It was Gibbs who showed that everything 
from miscibility of gases to positions of chemical equilibria depend on 
entropy factors. In recognition of his role, the thermodynamic function 
free energy was assigned the symbol G and given the full name of Gibbs 
free energy. 
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6.1 Thermodynamics of the Formation of Compounds 


Compounds are produced from elements by chemical reactions. For example, 
common salt, sodium chloride, can be formed by the combination of the reactive 
metal sodium with a toxic green gas, chlorine: 

2 Na(s) + Cl 2 (g) -► 2 NaCl(s) 

Because this reaction occurs without need for external “help,” it is said to be 
a spontaneous reaction (although being spontaneous does not give any indication 
of how fast or slow the reaction may be). The reverse reaction, the decomposition 
of sodium chloride, is a nonspontaneous process, which is just as well; we certainly 
would not want the salt on the dining table to start releasing clouds of poisonous 
chlorine gas! One way to obtain sodium metal and chlorine gas back again is to pass 
an electric current (an external energy source) through molten sodium chloride: 

2 NaCl(/) electricalenerg - y -» 2 Na(/) + Cl 2 (g) 

The study of the causes of chemical reactions is a branch of thermodynamics. This 
chapter provides a simplified coverage of the topic as it relates to the formation 
of inorganic compounds. 

First, we look at the enthalpy factors involved in the formation of com¬ 
pounds. Enthalpy is often defined as the heat content of a substance. When the 
products of a chemical reaction have a lower enthalpy than the reactants, the 
reaction releases heat to the surroundings; that is, the process is exothermic. 
If the products have a higher enthalpy than the reactants, then heat energy 
is acquired from the surroundings and the reaction is said to be endothermic. 
The difference between the enthalpy of the products and the enthalpy of the 
reactants is called the enthalpy change, A H. 

Enthalpy of Formation 

The enthalpy of a compound is usually listed in data tables as the enthalpy of 
formation value. The enthalpy of formation is defined as the change in heat 
content when 1 mol of a compound is formed from its elements in their stan¬ 
dard phases at 298 K and 100 kPa. By definition, the enthalpy of formation of 
an element is zero. This is an arbitrary standard, just as our geographical 
measure of altitude is taken as height above mean sea level rather than from 
the center of the Earth. The symbol for the enthalpy of formation under 
standard conditions is A H^. Thus, we find in data tables values such as 
AF/j(C0 2 (g)) =-394 kJ-mol -1 . This datum indicates that 394 kJ of energy is 
released when 1 mol of carbon (graphite) reacts with 1 mol of oxygen gas at 
298 K and a pressure of 100 kPa to give 1 mol of carbon dioxide: 

C{s) + 0 2 (g) -► C0 2 (g) A H e f = -394 kJ-moE 1 

Enthalpies of formation can be combined to calculate the enthalpy change 
in other chemical reactions. For example, we can determine the enthalpy 
change when carbon monoxide burns in air to give carbon dioxide: 

co(g) + |o 2 (g) co 2 (g) 
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First, we collect the necessary data from tables: AHf(C0 2 (g)) = -394 kJ*mol 1 
and AHf(CO (g)) =-111 kJ-moP 1 ; by definition, AH J (O 2 (g)) is zero. The 
enthalpy change for the reaction can be obtained from the expression: 

AH° (reaction) = 2 AHf (products) - ^AHf (reactants) 

Hence, 

(reaction) = (-394 kJ-mol -1 ) - (-111 kJ-mol -1 ) = 283 kJ-moF 1 
Thus, the reaction is exothermic, as are almost all combustion reactions. 

Bond Energies (Enthalpies) 

Enthalpies of formation values are very convenient for the calculation of en¬ 
thalpy changes in reactions. However, inorganic chemists are often interested 
in the strength of the attraction between atoms in covalent molecules, the bond 
enthalpy. The term is commonly called bond energy , although there are small 
differences between the two in terms of their definition and numerical values. 
We have already mentioned bond energies in the context of the strength of 
the covalent bond in simple diatomic molecules (see Chapter 3, Section 3.3). 
Bond energy is defined as the energy needed to break 1 mol of the particular 
covalent bond. Energy is released when bonds are formed, and energy must be 
supplied when bonds are broken. 

We can measure the exact bond energy for a particular pair of atoms joined 
by a covalent bond. For example,Table 6.1 lists the bond energies in the diatomic 
molecules of the halogen series. If we look at elements within a group, we see 
that the bond energies usually decrease as one goes down the group as a result 
of the increase in atomic size and decrease in orbital overlap of electron den¬ 
sity. We will see later in this chapter, and in Chapter 17, that the anomalously 
low F—F bond energy has a major effect on fluorine chemistry. 

The bond energy depends on the other atoms that are present in the mol¬ 
ecule. For example, the value of the O—H bond energy is 492 kEmol” 1 in water 
(HO—H) but 435 kEmoF 1 in methanol, CH 3 0—H. Because of this variability, 
data tables provide average bond energies for a particular covalent bond. 

Bond strength depends very strongly on bond order. As the bond order in¬ 
creases, so the energy of a specific bond, and thus the bond strength, increases 
substantially. Table 6.2 shows this trend for the series of carbon-nitrogen aver¬ 
age bond energies. 


TABLE 6.1 

Bond energies of the diatomic 
molecules of the halogens 

Molecule 

Bond energy (kJ-mol -1 ) 

F—F 

155 

Cl—Cl 

242 

Br—Br 

193 

I—I 

151 


TABLE 6.2 

Average bond energies for 
various carbon-nitrogen bonds 

Bond 

Bond energy (kJ-mol -1 ) 

C—N 

305 

C=N 

615 

C=N 

887 
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FIGURE 6.1 Ionic lattice 
diagram of the sodium chloride 
structure, showing the ion charge. 
[Adapted from A. F. Wells, Structural 
Inorganic Chemistry, 5th ed. (New 
York: Oxford University Press, 1984), 
p. 239.] 


Lattice Energies (Enthalpies) 

The lattice energy is the energy change for the formation of 1 mol of an ionic 
solid from its constituent gaseous ions (we are really considering lattice 
enthalpy here, but the difference is negligible). We can illustrate the process 
with sodium chloride. The lattice energy of sodium chloride corresponds to the 
energy change for 

Na + (g) + Cl"(g) Na + Cr(s) 

The lattice energy is really a measure of the electrostatic attractions and repul¬ 
sions of the ions in the crystal lattice. This series of interactions can be illus¬ 
trated by the sodium chloride crystal lattice (Figure 6.1). 

Surrounding the central cation are six anions at a distance of r, where r is 
the distance between centers of nearest neighbors. This is the major attractive 
force holding the lattice together. However, at a distance of (2 ) m r, there are 
12 cations. These will provide a repulsion factor. Adding layers of ions beyond 
the unit cell, we find that there are eight more anions at a distance of (3) 1/2 r, 
then six more cations at 2 r. Hence, the true balance of charge is represented 
by an infinite series of alternating attraction and repulsion terms, although the 
size of the contributions drops off rapidly with increasing distance. The sum¬ 
mation of all of the attraction and repulsion terms, then, becomes a converging 
series. Each type of lattice has a different arrangement of cations and anions 
and hence its own converging series. The numerical values for these series are 
known as Madelung constants, A. Examples of common lattice types are shown 
in Table 6.3. 


TABLE 6.3 1 

Madelung constants for common lattice 
types 

Type of lattice 

Madelung constant, A 


Sphalerite, ZnS 

1.638 

Wurtzite, ZnS 

1.641 

Sodium chloride, NaCl 

1.748 

Cesium chloride, CsCl 

1.763 

Rutile, Ti0 2 

2.408 

Fluorite, CaF 2 

2.519 


In addition to a dependence on lattice type, lattice energy varies considerably 
with ion charge. Doubling the charge from +1 to +2 (or -1 to -2) approxi¬ 
mately triples the lattice energy. For example, the lattice energy of potassium 
chloride is 701 kJ*mol _1 , whereas that of calcium chloride is 2237 kJ-mol” 1 . In 
fact, for the series MX, MX 2 , MX 3 , MX 4 , the lattice energies are related in the 
ratios of 1:3:6:10. The lattice energy is also greater if the ions are smaller, a fac¬ 
tor that results in closer ion centers. 
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It is possible to determine the lattice energy of an ionic crystal from experi¬ 
mental measurements, as we will see shortly, but we often need an estimate of 
lattice energy when experimental data are unavailable. To determine a theo¬ 
retical value, we can use the Born-Lande equation. This equation, shown below, 
derives remarkably accurate values of the lattice energy, U, from combinations 
of simple functions: 


U = 


NAz 


~ z e ,2 


i - — 
n 


4tt£(/o 

where N = Avogadro’s number (6.023 X 10 23 mol 1 ), A = the Madelung con¬ 
stant, z + = the relative cation charge, z~ = the relative anion charge, e = the 
actual electron charge (1.602 X 10 -19 C), tt = 3.142, e 0 = the permittivity of 
free space (8.854 X 10“ 12 C 2 J _1 *m _1 ), r 0 = the sum of the ionic radii, and n = the 
average Born exponent (discussed below). 

The Madelung constant accounts for the attractive forces between ions. 
But when ions approach each other, their filled electron orbitals begin to add a 
repulsion factor that increases rapidly when the two nuclei become very close. 
To account for this repulsive term, the Born exponent , n, is included in the 
Born-Lande equation. In fact, the sum of the ionic radii represents the equi¬ 
librium position between the ion attractions and the interelectron repulsions. 
Some values of the Born exponent are given in Table 6.4. 


TABLE 6.4 


Values for the Born exponent 


Electronic configuration 
of ion 


Born exponent, n Examples 


He 

5 

Li + 

Ne 

7 

Na + ,Mg 2+ ,0 2 “, F" 

Ar 

9 

K + , Ca 2+ , S 2 -, Cl“ 

Kr 

10 

Rb + , Br“ 

Xe 

12 

Cs + ,T 


To illustrate how lattice energy can be calculated from the Born-Lande 
equation, we will use the example of sodium chloride. The charges for this ionic 
compound are +1 (z + ) and -1 (z~). The ionic radii are 116 pm and 167 pm, 
respectively, giving an r 0 value of 283 pm, or 2.83 X 1CT 10 m. The value for the 
Born constant will be the average for that of the sodium and chloride ions: 
(7 + 9)/2 = 8. Substituting in the equation gives: 

(6.02 X 10 23 mol -1 ) X 1.748 X 1 X 1 X (1.602 X 10” 19 C) 2 ( l\ 

4 X 3.142 X (8.854 X 10“ 12 C 2 -J _1 *m _1 )(2.83 X 10 _1 °m) V 87 

= -751 kJ-moL 1 

This is a value close to the best experimental figure of -788 kJ-mol _1 (an 
error of only 4.7 percent). When there is a significant difference between the 
experimental value of lattice energy and that obtained from the Born-Lande 
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equation, it is usually an indication that the interaction between the ions is not 
purely ionic but also contains significant covalent character. 

The Born-Lande equation can only be used to find the lattice energy if 
the crystal structure of the compound is known. If it is not, the Kapustinskii 
equation can be used, where v is the number of ions in the empirical formula 
(for example, for calcium fluoride, v = 3) and the other symbols have the 
same meaning and values as the Born-Lande equation except r 0 is in units 
of pm: 

TT 1.202 X 10 5 vz + z~(, 34.5 \ , 

U = - 1-kJ-moF 1 

ro V r 0 J 

Finally, it should be mentioned that all crystals have a lattice energy. For simple 
covalent compounds, lattice energy is attributable to intermolecular attractions; 
for network covalent substances, lattice energy is the energy of the covalent 
bonds; for metals, it is the attractions that create the metallic bond. However, 
the energy term for simple covalent molecules is commonly called the enthalpy 
of sublimation rather than the lattice energy. 


Enthalpies of Atomization 

Another useful measurement is that of energy of atomization. This is defined 
as the energy needed to produce 1 mol of gaseous atoms of that element from 
the element in its normal phase at room temperature. This energy term can be 
used to represent the breaking of the metallic bond in metals, such as copper: 

Cu(s) Cu(g) A77° = +337 kJ-mol" 1 

or the overcoming of the covalent bonds and intermolecular forces in non- 
metals, such as diiodine: 

I 2 (s) -+ 2 1(g) AH 6 = +107 kJ-mor 1 

In the case of the diiodine atomization, there are two constituent steps to 
the process: first, overcoming the dispersion forces between the molecules, 
then second, breaking the covalent bonds within molecules: 

h(s)^h(g) 

I 2 (g)->2I(g) 

Entropy Changes 

Entropy is often related to the degree of disorder of the substance (although the 
concept of entropy is really more complex). Thus, the solid phase has a lower en¬ 
tropy than the liquid phase, whereas the gas phase, in which there is random mo¬ 
tion, has a very high entropy. The entropy change is indicated by the symbol A S. 

Unlike enthalpy, which is usually tabulated as relative values (such as enthalpy 
of formation), entropy is discussed on an absolute basis. Thus, even elements have 
a listed value of entropy. The zero point is taken to be that of a perfect crystal of 
a substance at the absolute zero of temperature. We can calculate the standard 
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entropy change for a reaction in the same way as that of the enthalpy change. For 
example, earlier we calculated the standard enthalpy change for the reaction 

CO(g) + |o 2 (g) -+ co 2 (g) 

and we can calculate the corresponding entropy change in the same way: 

A S°(reaction) = 2S e (products) - 2 S°(reactants) 

Hence, 

AS 6 = [S e (C0 2 (g))] - [S e (CO(g)) + !s e (o 2 (g))] 

= {[( + 214)] —[( + 198) + £(+205)]} J-mor^K -1 
= -86 J-moP^K" 1 

We would expect an entropy decrease for the system in this process be¬ 
cause it involves the net loss of \ mol of gas. It is usually possible to estimate 
the sign of the entropy change by counting the moles of gas on each side of the 
equation since species in the gas phase possess significantly greater entropy 
than those in liquid, solid, or aqueous phases. 

Free Energy: The Driving Force of a Reaction 

For a spontaneous reaction, there must be an increase in entropy overall (that 
is, the entropy change of the universe must be positive). The universe, to a 
physical chemist, consists of the reaction (system) and its surroundings. It is 
comparatively easy to measure entropy changes of the reaction, but those 
of the surroundings are more difficult to determine directly. Fortunately, the 
change in entropy of the surroundings usually results from the heat released to, 
or absorbed from, the reaction. Heat released to the surroundings (an exother¬ 
mic reaction) will increase the entropy of the surroundings while absorption 
of heat (an endothermic reaction) will lead to a decrease in entropy of the sur¬ 
roundings. Thus, we can determine whether a reaction is spontaneous from the 
entropy and enthalpy changes of the reaction itself. The possible sign combina¬ 
tions for the thermodynamic functions are summarized in Table 6.5. 


TABLE 6.5 

Factors affecting the spontaneity of a reaction 

A H 

AS 

A G 

Result 

Negative 

Positive 

Always negative 

Spontaneous 

Positive 

Negative 

Always positive 

Nonspontaneous 

Positive 

Positive 

Negative at high T 

Spontaneous at high T 

Negative 

Negative 

Negative at low T 

Spontaneous at low T 


The quantitative relationship between these three functions is 
A G e = A// e - TAS e 

For example, we can calculate the free change for the reaction 

co(g) + £o 2 (g) -+ co 2 (g) 
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for which we earlier derived the enthalpy (-283 kJ*mol x ) and entropy (-86 
Tmol^K -1 ) changes. At the standard ambient temperature of 25°C, 

AG e = (-283 kJ*mol _1 ) - (298 K)(-0.086 kJ-mor^KT 1 ) 

= -257kJ*mor 1 

Since the value of AG e is negative, the reaction is thermodynamically sponta¬ 
neous at this temperature. 

The free energy of a reaction at 298 K can also be calculated from the 
algebraic sum of the free energies of reaction in an analogous manner to the 
calculation for enthalpies: 

A G e (reaction) = 2 A Gf {products) — 2 A Gf {reactants) 

As can be seen from Table 6.5, for the combination of A H and A S positive 
and of A H and A S negative, the reaction is temperature dependent. This is due 
to the temperature factor in the free energy equation. 

In fact, we can use the free energy equation to obtain a very approximate 
value of the temperature at which a reaction changes from spontaneous to 
nonspontaneous or vice versa. The thermal decomposition of red powdery 
mercury(II) oxide to globules of metallic mercury and oxygen gas can be used 
as an example: 

2 HgO(s) -* 2 Hg(/) + 0 2 (g) 

The standard enthalpy and entropy changes are +91 kTruol 1 and +108 
Tmol^K -1 , respectively. Thus: 

AG e = ( + 91 kJ*mol _1 ) - T( + 0.108 kJ-moP^K -1 ) 

At the point when the direction of reaction changes, AG e = 0, 

T= 91/0.108 KP 1 = 843 K = 570°C 

In fact, mercury(II) oxide decomposes over the range of 350°C to 500°C. 
The difference from our approximate calculation is not surprising. In part, the 
discrepancy is due to the actual reaction being performed at the atmospheric 
20 kPa pressure of oxygen, not the 100 kPa oxygen pressure assumed in the 
free energy calculation. Also, the free energy relationship assumes that the 
enthalpy change, AH, is temperature independent when in fact it has a small 
temperature dependence. 


6.2 Formation of Ionic Compounds 


When an ionic compound is formed from its elements, there is usually a 
decrease in entropy because the ordered, solid crystalline compound has a very 
low entropy and often the nonmetal reactant, such as oxygen or chlorine, is a 
high-entropy gas. For example, in the previous section we determined that the 
entropy change for the formation of sodium chloride was negative. Thus, for 
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the formation of a thermodynamically stable compound from its constituent 
elements, a negative enthalpy change of the reaction is usually necessary. It is 
the exothermicity that becomes the driving force of the reaction. 

To attempt to understand why particular compounds form and others do 
not, we will break the formation process of an ionic compound into a series 
of theoretical steps: first breaking the reactant bonds, then forming those of 
the products. In this way, we can identify which enthalpy factors are crucial 
to the spontaneity of reaction. We consider again the formation of sodium 
chloride: 

Na(s) + l Cl 2 (g) ^NaCl(s) AHf =-411 kJ-mol 1 

1. The solid sodium is converted to free (gaseous) sodium atoms. This process 
requires the enthalpy of atomization: 

Na(s)->Na(g) Atf° =+ 108 kJ-mor 1 

2. The gaseous chlorine molecules must be dissociated into atoms. This trans¬ 
formation requires one-half of the bond energy of chlorine molecules: 

\ Cl 2 (g) ->Cl(g) A77° = +121 kJ-mol -1 

3. The sodium atoms must then be ionized. This process requires the first ioniza¬ 
tion energy. (If we had a metal that formed a divalent cation, such as calcium, then 
we would have to add both the first and the second ionization energies.) 

Na(g) —>Na + (g) + e" AH 0 = + 502 kJ-mol" 1 

4. The chlorine atoms must gain electrons. This value is the electron affinity 
of chlorine atoms. 

Cl(g) + e“ ->cr(g) A// 6 = -349 kJ-mol -1 

The value for the addition of the first electron is usually exothermic, whereas 
addition of a second electron is usually endothermic (such as the formation of 
O 2 " from cr). 

5. The free ions then associate to form a solid ionic compound. This bringing 
together of ions is a highly exothermic process—the lattice energy. The lattice 
energy can be looked on as the major driving force for the formation of an 
ionic compound: 

Na + (g) + CT(g) ^NaCl(s) AH° = -793 kJ-mol 1 

Appendix 1 contains enthalpy, entropy, and free energy data for many com¬ 
mon inorganic elements and compounds. Some data, such as ionization energies, 
are based on actual measurements; however, lattice energies cannot be found 
from actual measurements. They can be determined only from Born-Haber 
cycles or theoretical calculations. Furthermore, some measurements are not 
known to a high degree of precision. As a result, many calculations based 
on thermodynamic data provide only approximate answers, but such semi- 
quantitative values can often provide useful insight into chemical stability and 
reactivity. 
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6.3 The Born-Haber Cycle 


It is usually easier to comprehend information if it is displayed graphically. 
This representation can be done for the theoretical components of the for¬ 
mation of an ionic compound from its elements. The “up” direction is used 
to indicate endothermic steps in the process, and the “down” direction corre¬ 
sponds to exothermic steps. The resulting diagram is called a Born-Haber cycle. 
Figure 6.2 shows such a cycle for the formation of sodium chloride. 

These enthalpy diagrams can be used in two ways: (1) to gain a visual image 
of the key enthalpy terms in the formation of the compound and (2) to deter¬ 
mine any one unknown enthalpy value in the thermodynamic cycle since we 
know that the sum of the component terms should equal the overall enthalpy 
change for the formation process. 

The major endothermic step results from the ionization of the metal 
atom, whereas the most exothermic step derives from the formation of the 
ionic crystal lattice. This balance, with the lattice energy exceeding the ion¬ 
ization energies, is common among stable ionic compounds. Magnesium fluo¬ 
ride, MgF 2 , can be used to illustrate this point. The sum of the first and second 
ionization energies of the magnesium ion is +2190 kJ-moF 1 , much higher 
than the single ionization energy of the monopositive sodium ion. However, 
with the small, highly charged magnesium ion, the lattice energy is also much 
higher at -2880 kJ-moF 1 . Incorporating the other terms from the enthalpy 
cycle results in a relatively large negative enthalpy of formation for magnesium 
fluoride: -1100 kJ-mol 1 . 


Na + (g) + e + Cl(g) 



+502 kj 

-349 kj 

Na+(g)+Cl-(g) ■ 

Na(g) + Cl(g) 




Na(g) + ^Cl 2 (g) | + 121 W 
Na(s) + yCl 2 (g) | + 108k J 


-411 kj 


V 


-793 kj 


Na+Cr(s) 


FIGURE 6.2 Born-Haber cycle for the formation of sodium chloride. 
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1 Thermodynamic factors in the formation of three possible 
magnesium fluorides 

Enthalpy factors (kJ-mol *) 

MgF 

MgF 2 

MgF 3 

Mg atomization 

+ 150 

+ 150 

+ 150 

F—F bond energy 

+80 

+ 160 

+240 

Mg ionization (total) 

+740 

+2190 

+9930 

F electron affinity 

-330 

-660 

-990 

Lattice energy 

- -900 

-2880 

- -5900 

A Hf (estimated) 

-260 

-1040 

+3430 


If the lattice energy increases so much with greater cation charge, why do 
magnesium and fluorine form MgF 2 and not MgF 3 ? If we estimate the enthalpy 
of formation of MgF 3 , the lattice energy will be even greater than that of MgF 2 
because of the greater electrostatic attraction by an Mg 3+ ion. However, for 
magnesium, the electrons that must be ionized to give the 3+ ion are core 
electrons, and the third ionization energy is enormous (+7740 kJ-mol 1 )—far 
larger than the gain from the lattice energy. Combined with a negative entropy 
term, there is no possibility that the compound will exist. 

Conversely, why do magnesium and fluorine form MgF 2 and not MgF? As 
we have seen previously, the two largest energy factors are the ionization en¬ 
ergies of magnesium (endothermic) and the lattice energy (exothermic). Far 
less energy is required to ionize only one electron to form a monopositive 
magnesium ion than a dipositive ion. However, lattice energy is highly charge 
dependent; thus, a monopositive cation will result in a much smaller lattice 
energy. Table 6.6 compares the numerical values for the thermodynamic com¬ 
ponents of the Born-Haber cycles for the formation of MgF, MgF 2 , and MgF 3 . 
These values show that the formation of MgF 2 is the most favored in terms of 
enthalpy factors. The three Born-Haber cycles can be compared graphically, 
where the importance of the balance between ionization energy and lattice 
energy becomes apparent (Figure 6.3). 




FIGURE 6.3 Graphical comparison of the Born-Haber cycles for three possible magnesium 
fluorides. 
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If MgF 2 is preferred over MgF, then we might expect the compound of 
sodium and fluorine to be NaF 2 and not NaF. In the case of sodium, however, 
the second electron to be ionized is a core electron, an extremely endother¬ 
mic process. The enormous ionization energy would not be balanced by the 
increased lattice energy. There are also two minor factors that make the en¬ 
thalpy of formation of NaF more negative than what we would expect for 
MgF. With the lower Z eff , we find that the first ionization energy of sodium is 
about 200 kJ-mol 1 less than that of magnesium. Furthermore, the Mg + ion, 
with its one 3s electron remaining, is a larger cation than the Na + ion. Hence, 
the lattice energy of NaF would be higher than that of MgF. The combination 
of lower ionization energy and higher lattice energy results in an enthalpy of 
formation for sodium fluoride of -574 kJ-mol 1 compared to the estimated 
value of -260 kJ-mol 1 for MgF. 


6.4 Thermodynamics of the Solution Process 
for Ionic Compounds 

Just as the formation of a compound from its constituent elements can be con¬ 
sidered as a series of theoretical steps, so can the solution process be broken 
down into several steps. For this analysis, we visualize first that the ions in the 
crystal lattice are dispersed into the gas phase and then, in a separate step, that 
water molecules surround the gaseous ions to give the hydrated ions. Thus, 
ion-ion interactions (ionic bonds) are broken and ion-dipole interactions are 
formed. The degree of solubility, then, depends on the balance of these two fac¬ 
tors, each of which has both enthalpy and entropy components. 

There is one key difference between the two analyses. In the formation of 
a compound, we use the thermodynamic factors simply to determine whether 
or not a compound will form spontaneously. With the thermodynamics of the 
solution process, we are concerned with the degree of solubility—that is, where 
a compound fits on the continuum from very soluble through soluble, slightly 
soluble, and insoluble to very insoluble. Even for a very insoluble compound, 
a measurable proportion of aqueous ions will be present in equilibrium with 
the solid compound. 

Lattice Energy 

To break the ions free from the lattice—overcoming the ionic bond—requires 
a large energy input. The value of the lattice energy depends on the strength of 
the ionic bond, and this, in turn, is related to ion size and charge. That is, mag¬ 
nesium oxide, with dipositive ions, will have a much higher lattice energy than 
sodium fluoride with its monopositive ions (3933 kJ-mol 1 and 915 kJ-mol -1 , 
respectively). At the same time, the entropy factor will always be highly favor¬ 
able as the system changes from the highly ordered solid crystal to the disor¬ 
dered gas phase. Consequently, both A S and A H for lattice dissociation are 
always positive. 
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Energy of Hydration 


H H H H 


In aqueous solution, the ions are surrounded by polar water molecules. A 
primary hydration sphere of water molecules (usually six) surrounds the 
cations, with the partially negative oxygen atoms oriented toward the cation. 
Similarly, the anion is surrounded by water molecules, with the partially 
positive hydrogen atoms oriented toward the anion. Beyond the first shell 
of water molecules, we find additional layers of oriented water molecules 
(Figure 6.4). The total number of water molecules that effectively surround 
an ion is called the hydration number. 

The smaller and more highly charged ions will have a larger number of 
water molecules in hydration spheres than do larger, less highly charged ions. 
As a result, the effective size of a hydrated ion in solution can be very different 
from that in the solid phase. This size difference is illustrated in Table 6.7. It is the 
smaller size of the hydrated potassium ion that enables it to pass through biologi¬ 
cal membranes more readily than the larger hydrated sodium ions. 

The formation of the ion-dipole interactions of hydrated ions is highly exother¬ 
mic. The value of the enthalpy of hydration is also dependent on ion charge and 
ion size, that is, the charge density. Table 6.8 shows the strong correlation between 
enthalpy of hydration and charge density for an isoelectronic series of cations. 

The entropy of hydration is also negative, mainly because the water mol¬ 
ecules surrounding the ions are in a more ordered state than they would be 
as free water molecules. With the small, more highly charged cations, such as 
magnesium and aluminum, the hydration spheres are larger than the hydra¬ 
tion sphere of sodium; hence, there is a strong ordering of the water molecules 
around the two higher-charge cations. For these cations, there is a very large 
decrease in entropy for the hydration process. 
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FIGURE 6.4 Primary and 
secondary hydration spheres of a 
metal cation. [Adapted from 
G. Wulfsberg, Principles of 
Descriptive Inorganic Chemistry 
(New York: University Science 
Books, 1990), p. 66.] 


Hydration effects on the size of 
sodium and potassium ions 

| TABLE 6.8 

Enthalpy of hydration and charge density 
for three isoelectronic cations 

Ion 

Radius 

(pm) 

Hydrated ion 

Hydrated 
radius (pm) 

Ion 

Hydration enthalpy 
(kJmol 1 ) 

Charge density 
(C-iimP) 

Na + 

116 

Na(OH 2 ) 13 + 

276 

Na + 

-406 

24 

K + 

152 

K(OH 2 ) 7 + 

232 

Mg 2+ 

-1920 

120 





Al 3+ 

-4610 

364 


Energy Change of the Solution Process 

We can use the solution process for sodium chloride to illustrate an enthalpy of 
solution cycle. In this process, the ionic attraction in the lattice must be overcome 
by the ion-dipole interactions with the water molecules: 

+^ 1 _ / x dissolve in water v ^ T +/ \ \ 

Na Cl (s) ->Na (ag) + Cl (aq) 

Breaking the process into steps, first, the lattice must be vaporized (dissociate 
into gaseous ions): 

NaCl(s) —»Na + (g) + CP(g) 


A// 6 = +788 kJ-moP 1 
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FIGURE 6.5 Theoretical 
enthalpy cycle for the solution 
process for sodium chloride. 


Na + (g)+Cr(g) 


-406 kj 


Na + H)+Cl-(g) 
+788 kj - 

-378 kj 

Na + (aq) + Cr(aq) 
Na + Cl~(s) ^ +4 kj 


Then the ions are hydrated: 

Na + (g) —»Na + (ug) A/7 6 = -406kJ-mor 1 

CP(g) -> C \~{aq) A H° = -378 kJ-moP 1 

Thus, the enthalpy change A// 6 for the solution process is 

(+788)+ (-406) + (-378) = +4 kJ-moP 1 
The process can be displayed as a diagram (Figure 6.5). 

The enthalpy changes are usually far larger than entropy changes at normal 
temperatures. However, in this case, the very large enthalpy changes essen¬ 
tially “cancel” each other, making the small entropy change a major factor in 
determining the solubility of sodium chloride. Thus, we now need to make a 
similar calculation for the entropy factors. So that we can compare the results 
with the enthalpy values, we will use TAS e data at 298 K. First, the lattice must 
be vaporized: 

NaCl(s) -+Na + (g) + CP(g) TAS e = +68 kJ-moP 1 

Then the ions are hydrated: 

Na + (g) —»Na + (a<?) TAS e = -27kJ-moP 1 

CP(g) —>CP(a#) TAS e = -28 kJ-mol 1 

Thus, the entropy change (as TAS e ) for the solution process is 

(+68) + (-27) + (-28) = + 13 kJ-mol' 1 

The process can be displayed as a diagram (Figure 6.6). 

After calculating the free energy change for the solution process, we see 
that it is the net entropy change that favors solution, whereas the net enthalpy 
change does not; it is the former that is greater than the latter. Hence, as we 
know from experience, sodium chloride is quite soluble in water at 298 K. 
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Na + (g) + Cl(g) 


+68 kj 

Na + Cr(s) 


-27 kj 
Na + M+ Cl-(g) 
-28 kj 
Na + (ag) + C \~{aq) 

Q +13 kj 


AG e = A H e - TAS e 

= (+4kJ*mol _1 ) - ( + 13 kFmol -1 ) 
= —9 kJ*mol _1 


6.5 Formation of Covalent Compounds 


To study the thermodynamics of covalent compound formation, it is possible 
to construct a cycle similar to the Born-Haber cycle that we used for ionic 
compounds. However, there is a major difference. The cycle does not involve 
ion formation; instead, we are concerned with covalent bond energies. The pro¬ 
cess can be illustrated for the formation of nitrogen trifluoride. Once again, 
the calculation will focus on the enthalpy terms, and the entropy factor will be 
considered later. 

2 N 2 (g) + I F 2 (g) —> NF 3 (g) 

1. The dinitrogen triple bond is broken. This cleavage requires one-half of the 
N=N bond energy: 

2 N 2 (g) -> N(g) A = + 471 kJ-mol“ * 1 2 3 * * 

2. The difluorine single bond is broken. For the stoichiometry, three-halves of 
the F—F bond energy is required: 

1 F 2 (g) ->3 F(g) A// 6 = +232 kJ-mol -1 

3. The nitrogen-fluorine bonds are formed. This process releases three times 

the N—F bond energy since three moles of bonds are being formed: 

N(g) + 3 F(g) -> NF 3 (g) A H 6 * * * = -828 kJ-mol" 11 

The enthalpy diagram for the formation of nitrogen trifluoride is shown in 

Figure 6.7. The resulting overall enthalpy change for the reaction will be 

2 N(g) + I F(g) —» NF 3 (g) A Hf = -125 kJ- moF 1 

Turning to the entropy factor, in the formation of nitrogen trifluoride from 

its elements, there is a net decrease of 1 mol of gas. Thus, a decrease in entropy 

would be expected. In fact, this is the case, and the overall entropy change 


FIGURE 6.6 Theoretical 
entropy (as TA5 e ) cycle for the 
solution process for sodium 
chloride. 
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The Hydrogen Economy 


* sm * 'WBb 

S» BE +*■ 

ft Ts i 

H ydrogen is one of the most promising long-term 
means of storing energy. The energy can be pro¬ 
duced by hydrogen’s reaction with atmospheric oxygen: 

H 2 (g) + \ 0 2 (g) —> H 2 0(g) 

Using bond energy values, we can show that the for¬ 
mation of (gaseous) water from hydrogen and oxygen is 
very exothermic: 

A Hf = [AW(H—H) + \ AWf0=0)1 “ [ 2 AH(0—H)] 

= {(432 + \ X 494] —[2 X 459]}kJ-mor 1 
= —293kJ-moP 1 

We need to wean ourselves off hydrocarbon energy 
sources partly because the supply is limited and partly 
because fossil fuel burning contributes to global climate 
change. Also, liquid hydrocarbons are more valuable as 
feedstock for the chemical industry to synthesize polymers, 
pharmaceuticals, and other complex organic compounds. 

The first challenge is the source of hydrogen. One 
option is the electrolysis of water in an electrolytic cell: 

Cathode: 2 H 2 0(/) + 2 e" ^2 OH ~{aq) + H 2 (g) 

Anode: 2 OH ~(aq)-+ H 2 0(Z) + \ 0 2 (g) + 2 e “ 

The ideal sources of the electrical energy would be 
those where the electricity is produced anyway at times 
when demand is low, such as wind or wave generation. 
Hydroelectric and, more controversially, nuclear power 
plants have also been proposed. 

An alternative option is chemical synthesis of hydro¬ 
gen from methane. The reaction steps are discussed in 
Chapter 15, Section 15.6, but the overall reaction is 

CH 4 (g) + |O z (g) + H z O(g) —» C0 2 (g) + 3 H 2 (g) 

This source is more problematic, particularly since 
it does nothing to curb carbon dioxide emissions. Also, 
thermochemical calculations show the reaction to be 
exothermic to the extent of -77 kJ*mol _1 . Thus, in the 
formation of the hydrogen gas, that amount of available 
energy has already been lost. One can argue, however, 
that producing the waste carbon dioxide in bulk at a 
chemical plant makes possible the underground storage 
of the gas, whereas in an automobile, it is expelled directly 
into the atmosphere. 


Storage of hydrogen is another problem. Dihydro¬ 
gen, which has the lowest molar mass of all gases, has the 
lowest density. Thus, a large volume of gas is required for 
a given task compared to the volume of liquid fuel of the 
same energy. One route for better storage of hydrogen is 
the development of rupture-resistant high-pressure 
tanks. Such tanks have been developed but add signifi¬ 
cantly to the weight of a vehicle and occupy significant 
space. Liquid hydrogen is an alternative, but with a boil¬ 
ing point of -252°C, much of the hydrogen is lost by 
vaporization unless considerable insulation is used. A 
novel storage method is the use of metal hydrides (see 
Chapter 10, Section 10.4). Certain metals act as hydrogen 
sponges, with the hydrogen released again by heating. 
However, these metals are very expensive. Another pos¬ 
sible storage method is the use of carbon nanotubes (see 
Chapter 14, Section 14.2). Hydrogen molecules can be 
absorbed in these tubes, although the reversibility of the 
process has yet to be demonstrated. 

Means of electricity production from hydrogen oxi¬ 
dation are being intensely researched. This technology is 
based on the fuel cell, essentially the reverse of the elec¬ 
trolysis process outlined above; that is, chemical energy 
from the hydrogen oxidation is transformed into elec¬ 
trical energy. The electrical energy is then used to drive 
electric motors attached to the vehicle’s wheels. 

Until recently, the environmental consequences of 
extensive hydrogen use have been overlooked. Inevita¬ 
bly, some of the hydrogen will leak into the atmosphere, 
and environmental chemists have concluded that the ad¬ 
dition of small quantities of hydrogen gas to the tropo¬ 
sphere and stratosphere will not be benign. In particular, 
dihydrogen destroys hydroxyl radicals (see Chapter 16, 
Section 16.10), the most important species for eliminat¬ 
ing polluting molecules in the atmosphere. 

The transformation of our society to a hydrogen 
economy must be seen as a long-term, not a short-term, 
solution to environmental challenges. A tremendous in¬ 
vestment will have to be made in hydrogen synthesis and 
storage plants. And, of course, hydrogen has to become 
an economically viable fuel. There is a long way to go, but 
the first steps are already in place with the International 
Association for Hydrogen Energy, which coordinates ad¬ 
vances worldwide in hydrogen technology. 
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N(g) + 3F(g) 


+232 kj 


N(g)+ |F 2 (g) 


-828 kj 


+471 kj 


iN 2 (g)+|F 2 (g) 



-125 kj NF 3 (g) 


FIGURE 6.7 Theoretical enthalpy cycle for the formation of nitrogen trifluoride. 

is -140 J-mol _1 -K _1 (using data from Appendix 1). The resulting free energy 
change is 

A Gf = A Hf - TASf 

= (-125 kJ-moP 1 ) - (298 K)(-0.140 kJ-mol ^K -1 ) 

= —83 kJ-moP 1 

a value indicating that the compound is quite stable thermodynamically. 


6.6 Thermodynamic versus Kinetic Factors 

Thermodynamics is concerned with the feasibility of reaction, the position of 
equilibrium, and the stability of a compound. There is no information about 
the rate of reaction—the field of kinetics. The rate of a reaction is, to a large 
extent, determined by the activation energy for the reaction; that is, the energy 
barrier involved in the pathway for compound formation. This concept is 
illustrated in Figure 6.8. 

A very simple example of the effect of activation energy is provided by the 
two more common allotropes of carbon, graphite and diamond. Diamond is 
thermodynamically unstable with respect to graphite: 

C(diamond) —> C(graphite) AG° = -3kJ*mol _1 

Yet, of course, diamonds in diamond rings do not crumble into a black powder 
on a daily basis. They do not because an extremely high activation energy is 
required to rearrange the covalent bonds from the tetrahedral arrangement 
in diamond to the planar arrangement in graphite. Furthermore, all forms of 
carbon are thermodynamically unstable with respect to oxidation to carbon 
dioxide in the presence of dioxygen. Once again, it is the high activation energy 
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FIGURE 6.8 Kinetic and thermodynamic energy factors in a chemical reaction. 

that prevents diamonds in rings and the graphite (“lead”) in pencils from 
bursting into flame: 

C(.v) + 0 2 (g) C0 2 (g) A G e = -390 kJ-mol -1 

We can actually make use of kinetics to alter the product of a chemical reaction. 
A particularly important example is the combustion of ammonia. Ammonia 
burns in air to form dinitrogen and water vapor: 

4 NH 3 (g) + 3 0 2 (g) 2 N 2 (g) + 6 H z O(g) 

This is the thermodynamically favored path, with a free energy change of 
-1306 kTmoT 1 . When the combustion is performed in the presence of a 
catalyst, the activation energy of a competing reaction, the one to produce 
nitrogen monoxide, is, in fact, lower than that of the reaction producing di¬ 
nitrogen gas: 

4 NH 3 (g) + 5 0 2 (g) -» 4 NO(g) + 6 H 2 0(g) 

The latter reaction, which is a key step in the industrial preparation of nitric acid, 
occurs even though the free energy change for the reaction is only -958 kFmoT 1 . 
Thus, we are using kinetics to control the products of reaction and overriding the 
thermodynamically preferred path (Figure 6.9). 

It is also possible to synthesize compounds that have a positive free 
energy of formation. For example, trioxygen (ozone) and all the oxides of 
nitrogen have positive free energies of formation. The synthesis of such 
substances is feasible if there is a pathway involving a net decrease in 
free energy and if the decomposition of the compound is kinetically slow. 
Alternatively, there must be a pathway allowing for the input of energy, 
such as light in the case of photosynthesis and electrical energy in the case 
of electrolysis. 

An interesting example is provided by nitrogen trichloride. We saw 
in the previous section that nitrogen trifluoride is thermodynamically 
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FIGURE 6.9 Diagram (not to scale) of the kinetic and thermodynamic energy factors in the 
two pathways for the combustion of ammonia. 

stable. In contrast, nitrogen trichloride is thermodynamically unstable, yet 
it exists: 

2 N 2 (g) + I F 2 (g) NF 3 (g) A Gf = -84 kJ-moF 1 

5 N 2 (g) + | Cl 2 (g) NCl 3 (g) A Gf = + 240 kJ -mol “ 1 

To understand this difference, we need to compare the key terms in each en- 
ergy cycle. First of all, the reduction in the number of moles of gas from reac¬ 
tants to product means that, in both cases, the entropy term will be negative. 
Hence, for a spontaneous process, the enthalpy change must be negative. 

In the synthesis of nitrogen trifluoride, the fluorine-fluorine bond to be 
broken is very weak (158 kJ*mol _1 ), whereas the nitrogen-fluorine bond to 
be formed is very strong (276 kJ*mol _1 ). As a result, the enthalpy of for¬ 
mation of nitrogen trifluoride is quite negative. The chlorine-chlorine bond 
(242 kJ-mol -1 ) is stronger than the fluorine-fluorine bond, and the nitrogen- 
chlorine bond (188 kJ-mol” 1 ) in nitrogen trichloride is weaker than the 
nitrogen-fluorine bond in nitrogen trifluoride. As a result, the enthalpy 
change for the formation of nitrogen trichloride is positive (Figure 6.10) 
and, with a negative entropy change giving a positive -TAS term, the free 
energy change will be positive. 

How is it possible to prepare such a compound? The reaction between 
ammonia and dichlorine to give nitrogen trichloride and hydrogen chloride 
has a slightly negative free energy change as a result of the formation of strong 
hydrogen-chlorine bonds: 

NH 3 (g) + 3 Cl 2 (g) ->NC1 3 (0 + 3 HCl(g) 

The thermodynamically unstable nitrogen trichloride decomposes violently 
when warmed: 


2 NC1 3 (/) —» N 2 (g) + 3 Cl 2 (g) 
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FIGURE 6.10 Theoretical N(g)+3Cl(g) 

enthalpy cycle for the formation of -- 

nitrogen trichloride. 


+363 kj 
N(g)+f Cl 2 (g) 


+471 kj 


J N 2 (g) + | Cl 2 (g) 


-564 kj 

NCl 3 (g) 

NC1 3 (I) “ 30 k J | 

A 

+240 kj 


Thermodynamics, then, is a useful tool for understanding chemistry. At the 
same time, we should always be aware that kinetic factors can cause the product 
to be other than the most thermodynamically stable one (as in the case of the 
oxidation of ammonia). In addition, it is sometimes possible to synthesize com¬ 
pounds that have a positive free energy of formation, provided the synthetic 
route involves a net decrease in free energy and the decomposition of the com¬ 
pound is kinetically slow (as we saw for the existence of nitrogen trichloride). 


KEY IDEAS 

• Chemical reactions depend on the balance of enthalpy 
and entropy changes. 

• The formation of an ionic compound can be considered 
to occur in a series of theoretical steps. 

• A diagram can be constructed to display the relative en¬ 
ergies of steps in the formation (Born-Haber) cycle. 


• The solution process can be considered in terms of an 
energy cycle. 

• The formation of covalent compounds can be displayed 
graphically. 

• Chemical reactions are controlled by kinetic factors in 
addition to thermodynamic factors. 


EXERCISES 

6.1 Define the following terms: (a) spontaneous process; 
(b) entropy; (c) standard enthalpy of formation. 

6.2 Define the following terms: (a) enthalpy; (b) average 
bond energy; (c) enthalpy of hydration. 

6.3 For the formation of solid calcium oxide from solid 
calcium and gaseous oxygen, what is the probable sign of the 
entropy change? What, then, must be the sign of the enthalpy 
change if the formation of the product occurs spontaneously? 
Do not consult data tables. 


6.4 At very high temperatures, water will decompose 
to hydrogen and oxygen gas. Explain why this is to be ex¬ 
pected in terms of the formula relating free energy to the 
other two common thermodynamic functions. Do not con¬ 
sult data tables. 

6.5 Using enthalpy of formation and absolute entropy 
values from the data tables in Appendix 1, determine the 
enthalpy, entropy, and free energy of reaction for the fol¬ 
lowing reaction. Use this information to identify whether 
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the reaction is spontaneous at standard temperature and 
pressure. 

H 2 (g) + ^0 2 fe)^H 2 0(/) 

6.6 Using enthalpy of formation and absolute entropy 
values from the data tables in the appendices, determine the 
enthalpy, entropy, and free energy of reaction for the following 
reaction. Use this information to identify whether the reaction 
is spontaneous at standard temperature and pressure. 

\ N 2 (g) + 0 2 (g) —> N0 2 (g) 

6.7 Deduce whether the synthesis of sulfuryl chloride, 
S0 2 C1 2 (A Gf (S0 2 Cl 2 (g)) = -314 kJ-mol _1 ), is thermody¬ 
namically feasible from phosphorus pentachloride and sulfur 
dioxide. The other product is phosphoryl chloride, POCl 3 . 
Use free energy of formation values from the data tables in 
Appendix 1. 

6.8 Use free energy of formation values from Appendix 
1 to determine whether the following reaction is thermody¬ 
namically feasible: 

PCI 5 (g) + 4 H 2 0(/) —» H 3 P0 4 (s) + 4 HCl(g) 

6.9 Which one of the N—N or N=N bonds will be stron¬ 
ger? Do not look at data tables. Explain your reasoning. 

6.10 The molecules of dinitrogen and carbon monoxide are 
isoelectronic. Yet the C=0 bond energy (1072 kJ-mol -1 ) is 
stronger than that of the N=N bond (942 kJ-mol -1 ). Sug¬ 
gest an explanation. 

6.11 Use bond energy data from Appendix 3 to calculate 
an approximate value for the enthalpy of reaction for 

4 H 2 S 2 (g) —» S 8 (g) + 4 H 2 (g) 

6.12 Use bond energy data from Appendix 3 to decide 
whether the following reaction is thermodynamically possible: 

CH 4 (g) + 4 F 2 (g) CF 4 (g) + 4 HF(g) 

6.13 Place the following compounds in order of increas¬ 
ing lattice energy: magnesium oxide, lithium fluoride, and 
sodium chloride. Give the reasoning for this order. 

6.14 Calculate the first three terms of the series for the 
Madelung constant for the sodium chloride lattice. How 
does this compare with the limiting value? 

BEYOND THE BASICS 

6.25 The Born-Lande equation utilizes a term called “the 
permittivity of free space.” Use a physics text to explain the 
significance of this term in physical science. 


6.15 Calculate the first two terms of the series for the 
Madelung constant for the cesium chloride lattice. How 
does this compare with the limiting value? 

6.16 Using the Born-Lande equation, calculate the lattice 
energy of cesium chloride. 

6.17 Using the Born-Lande equation, calculate the lattice 
energy of calcium fluoride. 

6.18 Construct a Born-Haber cycle for the formation of 
aluminum fluoride. Do not perform any calculation. 

6.19 Construct a Born-Haber cycle for the formation of 
magnesium sulfide. Do not perform any calculation. 

6.20 Calculate the enthalpy of formation of copper(I) 
fluoride. This compound adopts a sphalerite structure. 

6.21 The lattice energy of sodium hydride is 2782 kJ-mol -1 . 
Using additional data from the appendices, calculate a value 
for the electron affinity of atomic hydrogen. 

6.22 In the discussion of thermodynamic and kinetic factors, 
we compared the two reactions 

4 NH 3 (g) + 3 0 2 (g) —> 2 N 2 (g) + 6 H 2 0(g) 

4 NH 3 (g) + 5 0 2 (g) -> 4 NO(g) + 6 H 2 0(g) 

Without consulting data tables: 

(a) Is there any major difference in entropy factors 
between the two reactions? Explain. 

(b) Considering your answer to (a) and the fact that 
the free energy for the second reaction is less negative 
than for the first, deduce the sign of the enthalpy of 
formation of nitrogen monoxide, NO. 

6.23 The electron affinities of the oxygen atom are 

O(g) + e“ ->0“(g) -141 kJ-mol -1 

O (g) + c —» O 2 (g) +744 kJ-mol 1 

If the second electron affinity is so endothermic, why are 
ionic oxides so prevalent? 

6.24 For an ionic compound, MX, the lattice energy is 
1205 kJ-mol -1 and the enthalpy of solution is —90 kJ-moL 1 . 
If the enthalpy of hydration of the cation is 1.5 times that 
of the anion, what are the enthalpies of hydration of the 
ions? 


6.26 Calculate the enthalpy of formation of calcium oxide 
using a Born-Haber cycle. Obtain all necessary informa¬ 
tion from the data tables in the appendices. Compare the 
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value that you obtain with the actual measured value of 
A//^(CaO(s)).Then calculate a similar cycle assuming that 
calcium oxide is Ca + 0~ rather than Ca 2+ 0 2 “. Take the lat¬ 
tice energy of Ca + 0“ to be -800 kEmol -1 . Discuss why the 
second scenario is less favored in enthalpy terms. 

6.27 Construct Born-Haber cycles for the theoretical 
compounds NaCl 2 and NaCl 3 . Calculate the enthalpy of for¬ 
mation for both of these two compounds using information 
from the data tables in the appendices plus the following 
values: theoretical lattice energy, NaCl 2 = -2500 kEmol -1 ; 
theoretical lattice energy, NaCl 3 = -5400 kEmol -1 ; second 
ionization energy (IE), Na = 4569 kEmol -1 ; third IE, Na = 
6919 kEmol -1 . Compare the cycles and suggest why NaCl 2 
and NaCl 3 are not the preferred products. 

6.28 The lattice energy of sodium tetrahydridoborate (III), 
NaBH 4 , is 2703 kEmol -1 . Using additional data from the 
appendices, calculate the enthalpy of formation of the 
tetrahydridoborate ion. 

6.29 Magnesium chloride is very soluble in water, whereas 
magnesium oxide is very insoluble in water. Offer an expla¬ 
nation for this difference in terms of the theoretical steps of 
the solution process. Do not use data tables. 

6.30 Using lattice energy and enthalpy of hydration values 
from data tables, determine the enthalpy of solution of (a) 
lithium chloride; (b) magnesium chloride. Explain the major 
difference in the two values in terms of the theoretical steps. 

6.31 Construct an energy diagram, similar to a Born- 
Haber cycle, for the formation of carbon terafluoride. Then 
calculate the enthalpy of formation from the steps, using 
numerical values from the data tables in the appendices. 
Finally, compare your value with the tabulated value of 
Afl?(CF 4 (g)). 

6.32 Construct an energy diagram, similar to a Born- 
Haber cycle, for the formation of sulfur hexafluoride. Then 
calculate the enthalpy of formation from the steps, using 
numerical values from data tables. Finally, compare your 
value with the tabulated value of A Hf (SF 6 (g)). 

6.33 Calculate the chlorine-fluorine bond energy in chlo¬ 
rine monofluoride, C1F, using an energy diagram. 

6.34 Using enthalpy of formation and absolute entropy 
values from data tables, determine the free energy of for¬ 
mation for the following reactions: 

S(j) + o 2 (g) —> so 2 (g) 

S(s) + i0 2 (g)^S0 3 (g) 


(a) Account for the sign of the entropy change in 
the formation of sulfur trioxide. 

(b) Which combustion leads to the greatest de¬ 
crease in free energy (that is, which reaction is ther¬ 
modynamically preferred)? 

(c) Which of the oxides of sulfur is most commonly 
discussed? 

(d) Suggest an explanation to account for the con¬ 
flict between your answers to parts (b) and (c). 

6.35 Although the hydration energy of the calcium ion, 
Ca 2+ , is much greater than that of the potassium ion, K + , 
the molar solubility of calcium chloride is much less than 
that of potassium chloride. Suggest an explanation. 

6.36 The enthalpy of solution for sodium chloride is 
+4 kEmol -1 while that of silver chloride is +65 kEmoU 1 . 

(a) What would you suspect about the compara¬ 
tive solubilities of the two compounds? In drawing 
this conclusion, what assumption do you have to 
make? 

(b) Using enthalpy of hydration data, calculate 
values for the two lattice energies. (Both adopt the 
sodium chloride structure.) 

(c) Calculate values for the lattice energies using 
the Bom-Lande equation and compare to the values 
calculated in part (b). Suggest a reason for the 
significant discrepancy in the case of one of the 
compounds. 

6.37 Using the following data, plus any other neces¬ 
sary data from the appendices, calculate three values for 
the hydration enthalpy of the sulfate ion. Are the values 
consistent? 


Compound 

A H® solution 
(kJmol 1 ) 

Lattice energy 
(kJmol 1 ) 

CaS0 4 

-17.8 

-2653 

SrS0 4 

-8.7 

-2603 

BaS0 4 

-19.4 

-2423 


6.38 It is possible to calculate standard enthalpy/ 
entropy of solution values from the difference between 
the standard enthalpy/entropy of formation of the solid 
compound and the standard enthalpy/entropy of forma¬ 
tion of the constituent aqueous ions. Thus, determine the 
free energy of solution of calcium phosphate at 20°C. 
Suggest what your value means in terms of the solubility 
of calcium phosphate. 
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6.39 Magnesium and lead have similar first and second 
ionization energies, yet their reactivity with acid: 

M(s) + 2H + (aq)^M 2+ (aq) + H 2 (g) 

(where M = Mg, Pb) 

is very different. Construct a suitable cycle and obtain the 
appropriate data from the appendices (hint: since the reduc¬ 
tion of hydrogen ion is common to both cycles, you need only 
consider the formation of the aqueous metal cations), and 
then deduce the factor that causes the reactivity difference. 
Suggest a fundamental reason for this difference. 

6.40 For the main group elements, the most thermody¬ 
namically stable compound is the one when all of the va¬ 
lence electrons have been lost. Yet for all of the lanthanoids, 
it is the 3 + state that provides the most stable state. Explain 
in terms of ionization energies and their role in Born-Haber 
cycles. 

6.41 Use the Kapustinskii equation to calculate a lattice 
energy for cesium chloride and compare it to the experi¬ 
mental value and to that obtained from the Born-Lande 
equation (Exercise 6.16). 

6.42 Thallium has the two oxidation numbers of +1 and 
+3. Use the Kapustinskii equation to calculate values for 
the lattice energies of T1F and T1F 3 . The radii of Tl + and 
Tl 3+ are 164 pm and 102 pm, respectively. 

6.43 Under very high pressure, rubidium chloride will 
adopt a cesium chloride structure. Calculate the enthalpy 
change for the transition from its sodium chloride lattice 
structure to that of the cesium chloride lattice structure. 

6.44 One of the most spectacular chemical demonstra¬ 
tions is the thermite reaction: 

2 A\(s) + Fe 2 0 3 (s) -> A1 2 0 3 (s) + 2Fe(/) 


This reaction is so exothermic that molten iron is pro¬ 
duced, and the reaction was formerly used as a means of 
welding railroad track. Using the data tables in the ap¬ 
pendices, account for the enormous exothermicity of this 
reaction. 

6.45 Calculate the proton affinity of ammonia: 

NH 3 (g) + H + (g)^NH 4 + (g) 

given that ammonium fluoride, NH 4 F, crystallizes in a 
wurtzite structure, with a distance of 256 pm between am¬ 
monium ion and fluoride ion centers, and that the Born 
exponent for the crystal lattice is 8. The ionization energy 
for the hydrogen atom is +1537 kEmoF 1 . Hint: Among the 
additional data that you will need from the appendices are 
the enthalpy of formation of ammonia, hydrogen fluoride, 
and ammonium fluoride. 

6.46 The following reaction sequence has been proposed 
as a thermochemical method for the production of dihy¬ 
drogen and dioxygen from water. Calculate the free energy 
changes for each step at 298 K and those for the overall 
process. 

CaBr 2 (s) + H 2 0(g) CaO(.s) + 2 HBr(g) 

Hg(/) + 2 HBr(g) -*-> HgBr 2 (s) + H 2 (g) 

HgBr 2 (s) + CaO(s) —> HgO(s) + CaBr 2 (s) 

HgO(s) Hg(/) + \ 0 2 (g) 

Suggest reasons why the process has little possibility of 
commercial adoption. 

6.47 The ionic bond is often described as being formed 
as a result of metals “wanting to lose electrons” and non- 
metals “wanting to gain electrons.” Critique this statement 
using appropriate thermodynamic values. 


ADDITIONAL RESOURCES 


For answers to odd-numbered questions: www.whfreeman.com/descriptive5e 



For accompanying video clips: www.whfreeman.com/descriptive5e 
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CHAPTER 7 


Solvent Systems 
and Acid-Base Behavior 


Many chemical reactions are performed in solution. What determines our 
choice of solvent? How do solvents function? The most commonly used 
solvent is water, where acid-base chemistry becomes important. For most 
purposes, the Bronsted-Lowry interpretation of acid-base properties is quite 
adequate, although Lewis concepts are also discussed. The latter part of the 
chapter focuses on the hard-soft acid-base concept, a particularly useful way 
of explaining some of the properties of inorganic compounds. 


I n general chemistry laboratory experiments all, or nearly all, of the 
reactions are performed in aqueous solution. We become habitu¬ 
ated to the idea that water is the one and only solvent. Certainly it is 
inexpensive and is one of the best solvents for ionic compounds, but 
using only water as a solvent confines the types of reactions that we 
can accomplish. For example, the chemistry in the postulated hydro¬ 
carbon lakes of Saturn’s moon Titan must be totally unlike anything in 
Earth’s ion-filled aquatic oceans. 

Historically, theories of acids and bases assumed water to be the 
solvent. In 1884 Svante Arrhenius’s theory proposed that aqueous ac¬ 
ids provide hydrogen ions and aqueous bases, hydroxide ions. Water 
was even more central to the 1923 theory of Johannes Brpnsted (Dan¬ 
ish) and Thomas Lowry (British). The Brpnsted-Lowry theory con¬ 
tended that acids are hydrogen ion donors and bases are hydrogen ion 
acceptors. Crucial to Brpnsted-Lowry theory is the existence of the 
hydronium ion, YL 3 0 + (aq). 

However, in 1923 the American chemist Gilbert N. Lewis realized 
that substances could behave as acids or bases in solvents other than 
water. In fact, he contended, an acid-base reaction could even happen 
in the absence of a solvent: 

It seems to me that with complete generality we may say that a basic 
substance is one which has a lone pair of electrons which may be used to 
complete the stable group of another atom, and that an acid is one which 
can employ a lone pair from another molecule in completing the stable 
group of one of its own atoms. 
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Lewis acid-base theory is now a central part of inorganic chemistry. However, 
Brpnsted-Lowry theory is still useful for the understanding of aqueous reactions. 

7.1 Solvents 


Solvents function by interacting with solid solutes so that the reactant mol¬ 
ecules and/or ions are free to collide and react. In order for a solvent to dis¬ 
solve a solute, the solvent-solute bonding interaction must be strong enough 
to overcome the lattice energy, the attraction between the particles in the solid 
crystal. 

Highly polar solvents are necessary to dissolve ionic compounds, whereas 
most covalent compounds are soluble in low-polarity solvents. The best mea¬ 
sure of the molecular polarity of the solvent is the dielectric constant for the 
compound. The dielectric constant refers to the ability of the compound to 
distort an electrostatic field. Table 7.1 provides a list of some solvents and their 
corresponding dielectric constants. We can categorize common solvents as 
polar protic (dielectric constant usually between 50 and 100), dipolar aprotic 
(dielectric constant usually between 20 and 50), or nonpolar (dielectric con¬ 
stant close to zero). In addition, there is the category of ionic solvents. Ionic 
solvents are a class of ionic compounds in which the ionic bond is so weak that 
these solvents are liquids at or near room temperature. 



Some solvents and their dielectric constants 


Common name 


Formula 


Dielectric constant 


Hydrofluoric acid 
Water 

Dimethylsulfoxide (DMSO) 

A/Wdimethylformamide (DMF) 

Acetonitrile 

Methanol 

Ammonia 

Acetone 

Dichloromethane 

Tetrahydrofuran (THF) 

Diethylether 

Toluene 

Hexane 


HF 

h 2 o 

(CH 3 ) 2 SO 

(CH 3 ) 2 NCHO 

ch 3 cn 

ch 3 oh 

nh 3 

(ch 3 ) 2 co 

ch 2 ci 2 

c 4 h 8 o 

(c 2 h 5 ) 2 o 

c 6 h 5 ch 3 

C 6 Hi4 


84 

78 

47 

38 

37 

32 

27 

21 

9 

8 

4 

2 

2 


Polar Protic Solvents 

Polar protic solvents contain one of the three very polar bonds H—F, O—H, or 
N—H. Solvation occurs by the strong ion-dipole forces between the anion and 
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FIGURE 7.1 Representation of the dissolving process for sodium chloride in water. [From 
G. Rayner-Canham et at, Chemistry: A Second Course (Don Mills, ON: Addison-Wesley, 1989), 
p. 350.] 

the hydrogen of the solvent and between the cation and the fluorine/oxygen/ 
nitrogen of the solvent. Solubility depends on the ion-dipole attractions being 
stronger than the lattice energy (see Chapter 6, Section 6.1), the electrostatic 
cation-anion attractions in the crystal lattice. For the solution of sodium chlo¬ 
ride in water: 

Na Cl (s) -> Na (aq) + Cl (aq) 

we can picture the solvation process as in Figure 7.1. 

Most protic solvents undergo autoionization; that is, a small proportion of 
the solvent molecules undergo hydrogen ion exchange reactions to give their 
conjugate acid and conjugate base simultaneously. For water and ammonia 
these equilibria are 

2 H 2 0(/) ^ H 3 0 + (aq) + OH -(aq) 

2 NH 3 (/) ^ NH 4 + (am) + NH 2 _ (am) 

where am represents liquid ammonia, parallel to the use of aq for water. 

Although ammonia boils at -33°C, it has a high enthalpy of vaporiza¬ 
tion. As a result, it is quite practicable to work with liquid ammonia pro¬ 
vided this is done within a fume hood (ammonia is a toxic, noxious gas). 
Acid-base reactions can be performed in ammonia. For example, ammo¬ 
nium chloride and sodium amide, NaNH 2 , react to give sodium chloride 
and ammonia: 

NH 4 + CFH + Na + NH 2 _ (ara) —»Na + Cl _ (s) + 2NH 3 (Z) 
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It is possible to define acids and bases in terms of the solvent employed. 
Thus, an acid is a solute that, either by direct dissociation or by reaction with 
the solvent, gives the cation characteristic of the solvent. In this case, the ammo¬ 
nium ion is the cation characteristic of ammonia and so the ammonium ion is 
classified as an acid in ammonia solution. Similarly, a base is a solute that, either 
by direct dissociation or by reaction with the solvent, gives the anion character¬ 
istic of the solvent. Here it is the amide ion that is the anion characteristic of am¬ 
monia. The amide ion is therefore categorized as a base in ammonia solution. 

This reaction parallels the acid-base reaction in water between hydrochlo¬ 
ric acid and sodium hydroxide. The similarity can be seen more clearly if we 
write hydrochloric acid as hydronium chloride, H 3 0 + Cr: 

H s O + d~(aq) + Na + OH~(^)^Na + Cr(^) + 2 H 2 0(/) 

Sodium chloride is soluble in water but insoluble in ammonia. Ammonia is less 
polar than water; thus, the formation of weaker ion-dipole interactions makes 
ammonia unable to compensate for the sodium chloride lattice energy. 

Water is such a convenient, inexpensive solvent, we forget how it constrains 
the chemistry that we perform. For example, we cannot use sodium as a reduc¬ 
ing agent in aqueous solution because sodium reacts with water: 

Na(s') + 2 H 2 0(/) —> 2 NaOH(ag) + H 2 (g) 

However, in liquid ammonia, it is possible to use sodium metal to reduce the 
permanganate ion to the manganate ion, Mn0 4 2- (see Chapter 20, Section 
20.5), and then to manganese(IV) oxide: 

MnO ^ (am) + Na(s) ->Na + (am) + Mn0 4 2_ (ara) 

Mn0 4 2 “(am) + 2Na (s) + 2NH 3 (Z)-> 

Mn0 2 (s) + 2Na + (am) + 2 0H“(am) + 2NH 2 ~(ara) 

When we say an ionic compound “dissolves” in water, the process is actually 
one of dissociation. The term dissociation means “separation” and is used when 
a solvent such as water separates the ions that are present in ionic compounds. 
As an example, we can use sodium hydroxide. The crystal lattice of this white 
solid contains alternating sodium ions and hydroxide ions. The solution pro¬ 
cess can be represented as 

Na + OH» dissolve in wate ry + OUT (oq) 

The dissolving of an inorganic acid in water occurs by a different process. 
Inorganic acids contain covalent bonds. Solution in water results in ionization, 
the breaking of the covalent bonds resulting in ion formation. That is, for ion¬ 
ization to occur, the ion-dipole attractions formed must be stronger than the 
covalent bonds broken in the molecular acids. We can illustrate this process 
with hydrochloric acid: 

HCl(g) + H 2 0 (/) dissolve in wate ry H 3 0 + (^) + CV (oq) 

In defining the term solvent, we have also to differentiate between “dis¬ 
solves in” and “reacts with.” For example, when we add water to solid white 
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sodium oxide, the solid “disappears” just as the sodium hydroxide “disap¬ 
peared,” but in this case, a chemical reaction has occurred: 

(Na + ) 2 0 2_ (s) + H z O(/) —> 2 Na + (aq) + 2 0H~(a< ? ) 

Dipolar Aprotic Solvents 

As we mentioned earlier, to dissolve an ionic compound, the solvent must have 
a stronger interaction with the ions than the lattice energy. Aprotic solvents 
function by being strong Lewis acids or bases. They are most often Lewis bases 
with lone pairs that can be attracted toward the cation, since the small cation 
usually contributes the greater share to the lattice energy. For example, lithium 
chloride is soluble in acetone, (CH 3 ) 2 CO. In this solvent, the lithium ion in 
solution is actually present as the [Li(OC(CH 3 ) 2 ) 4 ] + ion with a lone pair on 
each oxygen bonded to the lithium ion. 

A very few aprotic solvents autoionize in the same manner as a protic sol¬ 
vent. A good example is bromine trifluoride: 

2 BrF 3 (/) ^ BrF 2 + (5F 3 ) + BrF 4 ~{BF 3 ) 

Bromine trifluoride can act as a Lewis acid (with silver fluoride as a base) or as 
a Lewis base (with antimony pentafluoride as an acid): 

AgF (s) + BrF 3 (/)^Ag + (5F 3 ) + BtF 4 ~(BF 3 ) 

SbF 5 (/) + BrF 3 (/) —» BrF^ (BrF 3 ) + SbF 6 -(5rF 3 ) 

It is even possible to have a Lewis neutralization reaction of the acid 
[BrF 2 ][SbF 6 ] with the base Ag[BrF 4 ]: 

[BrF 2 + ][SbF 6 -](5rF 3 ) + Ag + [BrF 4 ](BrF 3 ) -> Ag + [SbF 6 -](s) + 2 BrF 3 (/) 

Nonpolar Solvents 

This class of solvents will not dissolve ionic compounds but will dissolve a wide 
range of covalently bonded uncharged species. For example, octasulfur, S 8 , and 
tetraphosphorus, P 4 , are both insoluble in water but dissolve readily in nonpo¬ 
lar carbon disulfide, CS 2 . In each of these cases, the dispersion-force interac¬ 
tion between solute and solvent is greater than that between molecules of the 
elements themselves. The enthalpy of solution tends to be small for low- and 
nonpolar solutes. This can be explained in terms of the only attraction within 
the solute or between solute and solvent being that of dispersion and, in some 
cases, weak dipole-dipole interactions. With such a small enthalpy change, the 
(usually positive) entropy of mixing becomes a significant factor in the solution 
process. 

Many metals form covalent compounds. For example, the bonding 
in solid mercury(II) nitrate is best considered as ionic, but that in liquid 
dimethylmercury, Hg(CH 3 ) 2 , is covalent. Thus, mercury(II) nitrate is soluble 
in water, whereas dimethylmercury is miscible with almost all of the non¬ 
polar, low-dielectric-constant solvents. It is the preference for nonpolar sol¬ 
vents, such as in the fatty tissues of fish and of our brain, that causes toxic 
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FIGURE 7.2 The 1 -butyl-3- 
methylimidazolium ion, commonly 
abbreviated as [bmim] + . 


dimethylmercury to bioaccumulate (see the feature “The Death of Karen 
Wetterhahn” in Chapter 23). 

Ionic Solvents 

A normal characteristic of ionic compounds is their high melting points, but 
there are a few specific exceptions. Ionic compounds that exist as liquids at 
low temperatures have extremely low lattice energy. Such weak lattices result 
from a combination of a large unsymmetrical organic cation with a low-charge 
inorganic halo-anion. 

Most of the cations of ionic solvents are nitrogen derivatives, such as the 
alkylammonium ion (NR X H 4 _ X ) + , or ions based on the five-member (three- 
carbon, two-nitrogen) imidazolium ring or the six-member (five-carbon, 
one-nitrogen) pyridinium ring. Figure 7.2 shows the structure of the 1-butyl- 
3-methylimidazolium ion, commonly abbreviated as [bmim] + . Examples of the 
inorganic ions are the tetrachloroaluminate ion, A1C1 4 ~; the tetrafluoroborate 
ion, BF 4 - ; and the hexafluorophosphate ion, PF 6 - . Depending on the cation- 
anion combination, melting points are often below room temperature, with the 
lowest to date -96°C. 

Up until the discovery of ionic liquids, all room-temperature solution- 
phase chemical reactions were performed in covalent solvents. Ionic solvents 
have opened the door to the possibility of entirely new reactions. But interest 
is most intense in the use of ionic liquids for conventional industrial syntheses. 
Ionic liquids have the following advantages: 

1. They have near-zero vapor pressures, thus avoiding the environmental 
problems of escaping vapors of most organic solvents. They can also be used in 
vacuum systems. 

2. When different anions and cations are combined, ionic liquids with specific 
solvent properties can be synthesized. 

3. They are good solvents for a wide range of inorganic and organic com¬ 
pounds, enabling unusual combinations of reagents to be brought into the 
same phase. 

4. Because ionic liquids are immiscible with many organic solvents, they pro¬ 
vide the possibility of nonaqueous two-phase reaction systems. 

Two current problems with the use of ionic liquids as solvents are their cost 
and that methods of separation and recycling are in their infancy. 

7.2 Br0nsted-Lowry Acids 

Although nonpolar solvents are important for compounds of nonmetals and 
for organometallic compounds (see Chapter 23), water is still the most com¬ 
mon solvent for simple compounds of metal salts. Thus, for our discussions of 
aqueous acids and bases, we will still use Brpnsted-Lowry theory; that is, an 
acid is a hydrogen ion donor and a base is a hydrogen ion acceptor. 
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Acid behavior usually depends on a chemical reaction with the solvent—in 
most cases, water. This behavior can be illustrated for hydrofluoric acid: 

HF (aq) + H 2 0(/) ^ H 3 0 + {aq) + F ~{aq) 

In this reaction, water functions as a base. The hydronium ion is the conjugate 
acid of water and the fluoride ion is the conjugate base of hydrofluoric acid. 
Although chemists often say that the acid has donated its hydrogen ion to the 
base, the language is somewhat misleading, for it is more accurately a compe¬ 
tition for the hydrogen ion between two chemical substances (with the base 
winning).The acid does not “donate” the hydrogen ion any more willingly than 
you would “donate” your wallet or purse to a mugger. 

Because the values of acid ionization constants, K a , can involve very large 
or very small exponents, the most useful quantitative measure of acid strength 
is the p K a , where pK a = -log 10 i£ a .The stronger the acid, the more negative the 
p K a . Typical values are shown in Table 7.2. 


Acid ionization constants of various 

inorganic acids 


Acid 

HA 

A“ 

K a (at 25°C) 

pAa 

Perchloric acid 

hcio 4 

cio 4 _ 

10 10 

-10 

Hydrochloric acid 

HC1 

cr 

10 2 

-2 

Hydrofluoric acid 

HF 

F~ 

3.5 X 1CT 4 

3.45 

Ammonium ion 

nh 4 + 

nh 3 

5.5 X 1CT 10 

9.26 


Strengths of Acids 

For an inorganic chemist, it is trends in the strengths of acids that are interest¬ 
ing. The common acids with K a > 1 (negative pK a values), such as hydrochloric 
acid, nitric acid, sulfuric acid, and perchloric acid, are all regarded as strong ac¬ 
ids. Those with K a < 1 (positive pK a values), such as nitrous acid, hydrofluoric 
acid, and most of the other inorganic acids, are weak acids; that is, there are 
appreciable proportions of the molecular acid present in solution. 

In water, all the strong acids seem equally strong, undergoing close to 
100 percent ionization; that is, water acts as a leveling solvent. A stronger acid, 
such as perchloric acid, HC10 4 , will ionize to give hydronium ion, the strongest 
possible acid in aqueous solution: 

HCIO 4 M + H 2 0(/)^H 3 0 + (^) + CIO 4 ~(aq) 

To qualitatively identify the stronger acid, we dissolve the acids in a base 
weaker than water. A weaker base—often a pure weak acid—will function as 
a differentiating solvent for acids. This test can be illustrated by the equilibrium 
for perchloric acid in hydrofluoric acid: 

HC10 4 (7/F) + HF(/) ^ H 2 F + {HF) + C10 4 "(ifF) 
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where HF represents the pure solvent, hydrogen fluoride. The weaker acid, 
hydrofluoric acid, functions in this case as a hydrogen ion acceptor (base) for 
the stronger perchloric acid. A substance that can act either as an acid or as a 
base is said to be amphiprotic. Since hydrofluoric acid is a weaker base than 
water, the equilibrium does not lie completely to the right, as does that for the 
reaction of perchloric acid with water. 

The experiment can be repeated with the other strong acids, and the stron¬ 
gest acid is the acid that causes the equilibrium to lie farthest to the right. Of 
the common acids, this is perchloric acid. 


Antacids 


t 

O ne of the major categories of over-the-counter 
medications is antacids. In fact, the treatment of up¬ 
set stomachs is a billion-dollar business. Antacids are the 
most common of the types of inorganic pharmaceuticals. 
The stomach contains acid—hydrochloric acid—since 
the hydronium ion is an excellent catalyst for the break¬ 
down of complex proteins (hydrolysis) into the simpler 
peptide units that can be absorbed through the stomach 
wall. Unfortunately, some people’s stomachs overpro¬ 
duce acid. To ameliorate the unpleasant effects of excess 
acid, a base is required. But the choice of bases is not as 
simple as in a chemistry lab. For example, ingestion of 
sodium hydroxide would cause severe and possibly life- 
threatening throat damage. 

One commonly used remedy for upset stomachs is 
baking soda, sodium hydrogen carbonate. The hydrogen 
carbonate ion reacts with hydrogen ion as follows: 

HCXV(a<?) + H + (^)^H 2 0(/) + C0 2 (g) 

This compound has one obvious and one less obvi¬ 
ous disadvantage. The compound might increase stom¬ 
ach pH, but it will also lead to the production of gas 
(so-called flatulence). In addition, extra sodium intake is 
unwise for those with high blood pressure. 

Some proprietary antacids contain calcium carbon¬ 
ate. This, too, produces carbon dioxide: 

CaC0 3 (s) + 2H + {aq)^ 

Ca 2+ {aq) + H 2 0(/) + C0 2 (g) 


Although the beneficial aspects of increasing one’s 
calcium intake are mentioned by companies selling such 
antacid compositions, they rarely mention that calcium 
ion acts as a constipative. 

Another popular antacid compound is magnesium 
hydroxide. This is available in tablet formulations, but 
it is also marketed as a finely ground solid mixed with 
colored water to form a slurry called “milk of magnesia.” 
The low solubility of the magnesium hydroxide means 
that there is a negligible concentration of free hydroxide 
ion in the suspension. In the stomach, the insoluble base 
reacts with acid to give a solution of magnesium ion. 

Mg(OH) 2 (s) + 2 H + (ag) —»Mg 2+ (ag) + 2H 2 0(/) 

Whereas calcium ion is a constipative, magnesium ion 
is a laxative. For this reason, some formulations contain a 
mixture of calcium carbonate and magnesium hydroxide, 
balancing the effects of the two ions. 

Aluminum hydroxide is the active ingredient in a few 
antacid formulations. This base is also water insoluble; 
thus, the hydroxide ions are not released until the tablet 
reaches the stomach. 

A1(OH) 3 (s) + 3 H + (aq)^Al 3+ (aq) + 3 H 2 0(/) 

As we will discuss in Chapter 13, Section 13.10, alumi¬ 
num ion is toxic. There is no evidence that the occasional 
intake of an aluminum-containing antacid tablet will cause 
long-term health effects, but regular users of antacids might 
consider using calcium and/or magnesium formulations. 



Binary Acids 

The most common binary acids are the hydrohalic acids, whose pJ^ a values 
are shown in Table 7.3. With a positive p K a , hydrofluoric acid is clearly a much 
weaker acid than the other three. The others are all strong acids, and they 
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TABLE 7.3 

Correlation between the acid strengths 
of the hydrohalic acids and the energies 
of the hydrogen-halogen bonds 

Acid 

PA. 

H — X bond energy 
(kJ- mol -1 ) 

HF(fl^) 

+3 

565 

HCl(fl<7) 

-7 

428 

HBr(ag) 

-9 

362 

HI (aq) 

-10 

295 


ionize almost completely, hydroiodic being the strongest. When HX is used to 
generically represent each hydrohalic acid, the ionization equilibrium is 

H X(aq) + H 2 0(/) ^ ¥L 3 0 + (aq) + X~(aq) 

We find the predominant thermodynamic factors to be the enthalpy of the 
H—X bond breaking and the enthalpy of formation of an additional O—H 
bond as the water molecule becomes the hydronium ion. The values of the 
various H—X bond energies are also given in Table 7.3, while for comparison, 
the O—H bond energy is 459 kJ-mol _1 . Because the tendency of any reaction 
is toward the formation of the stronger bond, it is apparent that ionization 
is not energetically favored for hydrofluoric acid but is favored for the other 
hydrohalic acids. In fact, the bond energy differences correlate remarkably 
well with the trends in acid strength. 


Oxyacids 

Oxyacids are ternary acids containing oxygen. For all the common inorganic 
acids, the ionizable hydrogen atoms are covalently bonded to oxygen atoms. 
For example, nitric acid, HN0 3 , is more appropriately written as H0N0 2 . 

In a series of oxyacids of one element, there is a correlation between acid 
strength and the number of oxygen atoms. Thus, nitric acid is a strong acid (pX a = 
— 1.4), whereas nitrous acid, HONO, is a weak acid (p K a = +3.3). Electronegativ¬ 
ity arguments can be used to provide an explanation. Oxyacids are like the hy¬ 
drohalic acids in that their acid strength depends on the weakness of the covalent 
bond between the ionizable hydrogen atom and its neighbor. For the oxyacids, the 
greater the number of highly electronegative oxygen atoms in the molecule, the 
more the electron density is pulled away from the hydrogen atom and the weaker 
the hydrogen-oxygen bond. As a result, an acid with numerous oxygen atoms is 
more easily ionized and hence stronger. This tendency is illustrated in Figure 7.3. 

The considerable dependence of acid strength on the number of oxygen 
atoms can actually be used in a semi-quantitative fashion. If the formula of an 
oxyacid is written as (HO) w XO m , then when m = 0, the value of p K a for the 
first ionization is about 8; for m = 1, it is about 2; for m = 2, it is about — 1; and 
for m = 3, it is about -8. 


p 

h— o—- n; 



H—O—N=0 
( b ) 

FIGURE 7.3 Nitric acid (a) is a 
stronger acid than nitrous acid 
(b) because the electron flow away 
from the H-0 bond is greater in 
nitric acid. 
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Polyprotic Acids 

There are several acids, including sulfuric acid and phosphoric acid, that have 
more than one ionizable hydrogen atom. The successive ionizations always 
proceed to a lesser and lesser extent. This trend can be illustrated by the two 
ionization steps for sulfuric acid: 

¥L 2 S0 4 (aq) + H 2 0(/) —»H 3 0 + (ag) + HS0 4 ~(aq) p K a = -2 

HSO 4 -(aq) + H 2 0(/) ^ H 3 0 + {aq) + S0 4 2 ~ (aq) p K a = +1.9 

The first step proceeds essentially to completion; hence, sulfuric acid is 
identified as a strong acid. The equilibrium for the second step lies slightly to 
the left at common acid concentrations. Thus, in an aqueous solution of sulfuric 
acid, the hydrogen sulfate ion, HS0 4 - , is one of the major species. We can ex¬ 
plain the decreasing values of successive ionizations in terms of the increasing 
negative charge of the resulting anion, making the loss of an additional hydro- 
nium ion more difficult. 

Formation of Polyprotic Salts 

When we add a dipositive (or tripositive) metal ion to a solution of the hydrogen 
sulfate ion, it is the metal sulfate, not the metal hydrogen sulfate, that crystal¬ 
lizes. The reason for this lies in the comparative lattice energies. 

As we discussed in Chapter 6, Section 6.1, the lattice energy depends to a 
significant extent on the ionic charges, that is, the electrostatic attraction be¬ 
tween the ions. Hence, the lattice energy of a crystal containing a 2+ cation 
and a 2- anion is greater than that of a crystal containing a 2+ cation and two 
1 - anions. For example, the lattice energy of magnesium fluoride, MgF 2 , is 
2.9 MFmor 1 , whereas that of magnesium oxide, MgO, is 3.9 MTmor 1 . Thus, 
the formation of a solid metal sulfate will be roughly 1 MTmor 1 more exo¬ 
thermic than that of the corresponding solid metal hydrogen sulfate. Reaction 
is favored by a decrease in enthalpy; thus, it is the sulfate rather than the hydro¬ 
gen sulfate that is formed by dipositive and tripositive metal ions. 

As the sulfate ion is removed by precipitation, more is generated from the 
supply of hydrogen sulfate ions, in accord with the Le Chatelier principle. For 
example, when a solution of barium ion is mixed with a solution of hydrogen 
sulfate ion, barium sulfate precipitates: 

HS0 4 “(a<?) + H z O(/) ^ U 3 0 + (aq) + SO 4 2 ~(aq) 

Ba 2 + {aq) + SO^~ (aq) —»BaS0 4 (s) 

The formation of the oxyanion salt rather than that of the acid-oxyanion holds 
for di- and tripositive cations with all other acid-oxyanions. Thus, it is the solid 
metal carbonate, sulfite, or phosphate that is obtained from solutions of the 
acid anions. 

It is only the low-charge-density monopositive ions, such as the alkali 
metal ions, that form stable crystalline compounds with the hydrogen sul¬ 
fate, hydrogen carbonate, hydrogen sulfite, hydrogen phosphate, and dihy¬ 
drogen phosphate ions. We mentioned this need of charge-size similarity 
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to stabilize and precipitate ions in our discussion of crystal structures in 
Chapter 5, Section 5.4. 


7.3 Bronsted-Lowry Bases 


A Brpnsted-Lowry base is a hydrogen ion acceptor. After the hydroxide ion 
itself, ammonia is the next most important Brpnsted-Lowry base. This com¬ 
pound reacts with water to produce the hydroxide ion. Here water is acting 
as an acid with hydroxide ion its conjugate base, and the ammonium ion is 
the conjugate acid of ammonia. It is the production of the hydroxide ion that 
makes ammonia solutions a useful glass cleaner (the hydroxide ion reacts with 
fat molecules to form water-soluble salts): 

NH 3 (^) + H 2 0(/) ^ NH 4 + (^) + OH"(^) 

There are many other common bases, including the conjugate bases of weak 
acids (Table 7.4). It is these anions that are present in many metal salts and 
yield basic solutions when the salts are dissolved in water. 


1 Base ionization constants of various 

inorganic bases 


Base 

A" 

HA 

K b 

(at 

25°C) 

pAh 

Phosphate ion 

po 4 3_ 

hpo 4 2 “ 

4.7 

X 

KT 2 

1.33 

Cyanide ion 

CN” 

hcn 

1.6 

X 

1(T 5 

4.79 

Ammonia 

nh 3 

nh 4 + 

1.8 

X 

1(T 5 

4.74 

Hydrazine 

n 2 h 4 

n 2 h 5 + 

8.5 

X 

1(T 7 

6.07 


An anion with a multiple negative charge has a p K b value corresponding 
to each of the hydrolysis steps. For example, the sulfide ion has two p K b values 
corresponding to the equilibria 

S 2 ~{aq) + H z O(/) — HS ~(aq) + OU~(aq) p K b = 2.04 

US~(aq) + H 2 0(/) ^ U 2 S(aq) + OH ~{aq) p K b = 6.96 

This second equilibrium is the cause of the hydrogen sulfide smell that can 
always be detected above sulfide ion solutions. 

There are three equilibria for the phosphate ion: 

P0 4 3 ~(aq) + H 2 0(/) ^ HPOf-(aq) + OH ~(aq) pK b = 1.35 

HP0 4 2- (a<?) + H 2 0(/) ^ H 2 PO 4 ~(aq) + OH ~(aq) p K h = 6.79 

H 2 P0 4 ~ (aq) + H 2 0(/) ^ H 3 P0 4 (a^) + OH ~(aq) p K h = 11.88 

Because the second p K b is less than 7.00, the hydrogen phosphate ion acts as 
a base, not an acid. 

It is important to note that the conjugate bases of strong acids do not re¬ 
act to any significant extent with water; that is, they are very weak bases (or 
in other words, the base ionization equilibrium lies far to the left). Therefore, 
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Cyanide and Tropical Fish 


Cyanide ion is the conjugate base of the weak acid 
hydrocyanic acid. Thus, a solution of sodium cyanide is 
not only toxic from the presence of the base and its con¬ 
jugate acid but is also very basic: 

CN~(aq) + H 2 0(Z) ^ HCS(aq) + OH ~{aq) 

Cyanide is used as a complexing agent in the extraction 
of precious metals (see Chapter 20, Section 20.9). The acci¬ 
dental release of cyanide-containing solutions from mining 
operations can cause major localized damage to aquatic or¬ 
ganisms. However, the greatest environmental catastrophe 
involving cyanide has resulted from the tropical fish trade. 

Saltwater tropical fish are prized for their brilliant 
colors. Since they are almost impossible to breed in 
captivity, collectors rely on the harvesting of fish from 
tropical coral reefs. It is estimated that about 35 million 
tropical fish are collected each year for the aquarium 
trade. In the United States alone, about 700,000 house¬ 
holds and businesses keep marine aquariums. 

The trade started in 1957 in the Philippines. Cyanide 
poisoning was the simplest method of collecting the fish, 
and it is estimated that over the past 40 years, in Philippine 
waters alone, over 1 million kg of sodium cyanide has 
been squirted onto tropical reefs. Divers crush one or 
two tablets of sodium cyanide and mix the powder with 
water, then squirt the solution over part of the reef. The 
hydrogen cyanide is absorbed through the mouth or gills, 
immediately disabling enzymes such as cytochrome oxi¬ 
dase, resulting in diminished oxygen uptake. The agile 


fish become asphyxiated, making it easy to capture them 
before they can flee into crevices in the coral. It is esti¬ 
mated that about half of the fish are killed immediately. 
Of the remainder, the long-term effects of liver-absorbed 
cyanide will kill about 40 percent, leaving only about 
10 percent to make it to the collector’s tank. 

In addition to the fish kill, cyanide has a major ef¬ 
fect on the reef organisms themselves. Concentrations 
of cyanide as low as 50 mg*L _1 are enough to cause the 
death of corals. About 30 percent of coral reefs are in 
Southeast Asian waters, and they have the greatest diver¬ 
sity of marine life anywhere on the planet. It is believed 
that the effects of cyanide on the reefs in the Philippines 
and Indonesia, the sources of 85 percent of tropical fish, 
have contributed to the destruction of vast areas of reef. 
In fact, only 4 percent of Philippine reefs and 7 percent 
of Indonesian reefs are in excellent condition. There are 
suspicions of cyanide use in Vietnam and Kiribati. 

Cyanide is still the easiest way to collect the fish. Fish¬ 
ing practices are difficult to change when livelihoods are 
at stake. To discourage the trade, it is the fish purchaser 
who must be targeted. The Marine Aquarium Council 
(MAC) has been founded to develop methods of cyanide- 
free collection of marine fish. MAC officials are hoping 
that collectors of marine fish will insist on purchasing from 
their pet stores only fish that have been MAC-certified. 
It is hoped that insistence on certified fish will effectively 
destroy the market for cyanide-caught fish and require the 
harvesters to adopt less ecologically damaging methods. 


solutions of the nitrate and halide ions (except fluoride) are essentially pH 
neutral, and those of the sulfate ion are very close to neutral. 


7.4 Trends in Acid-Base Behavior 


The Acidity of Metal Ions 

Dissolving sodium chloride in water provides an essentially neutral solution, 
while dissolving aluminum chloride in water gives a strongly acidic solution. As 
we have discussed in Chapter 5, Section 5.2, and Chapter 6, Section 6.4, ions 
are hydrated in solution. Most commonly, the first solvation sphere around 
a metal ion consists of six water molecules. We account for the ions forming 
a neutral solution by considering those water molecules to be comparatively 
weakly held, such as in the case of the sodium ion. 

As the charge density increases, that is, with smaller ions and more highly 
charged ions, the lone pairs on the oxygen become strongly attracted to the 
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metal ion, essentially forming a covalent bond. As a result the hydrogen atoms 
become increasingly positively charged to the point where they act as hydrogen 
ion donors to a neighboring water molecule (previously mentioned in Chapter 5, 
Section 5.3). The process can be illustrated using the aluminum ion: 

Al(OH 2 ) 6 3+ ( fl< ?) + H 2 O(0 — [Al(OH 2 ) 5 (OH)] 2 >4) + H 3 0 + (^) 


Thus, the higher the charge density of the metal ion, the more the equilib¬ 
rium shifts toward the production of hydronium ion, leaving the metal ion as a 
hydroxy species. As a result of this equilibrium, metal ions with a 3+ or higher 
positive charge will only exist as the true hydrated ion at very low pH. This 
process of reaction with water is sometimes called hydrolysis. Table 7.5 shows 
the trends among some Groups 1 to 4 metal ions, from neutral to slightly acidic 
to weakly acidic to acidic to very acidic cations. 



1 Acidity of some metal ions 



Li + 

Slightly acidic 

Be 2+ 

Weakly acidic 



Na + 

Mg 2+ 

Al 3+ 


Neutral 

Weakly acidic 

Acidic 


K + 

Ca 2+ 

Sc 3+ 

Ti 4 + 

Neutral 

Slightly acidic 

Acidic 

Very acidic 


There will be as many p K a values as the ion has charge. Thus, for the alumi¬ 
num ion there are two more equilibria: 

[Al(OH 2 ) 5 (OH)] 2+ (aq) + H z O(/) ^ [Al(OH 2 ) 4 (OH) 2 ] + H) + H 3 0 + H) 

[ Al(OH 2 ) 4 (OH) 2 ] + (ag) + H 2 O(0 — Al(OH) 3 (s) + H 3 0 + (a?) 

For an acidic metal ion, as the pH increases, the series of equilibria shift to the 
right, ultimately resulting in precipitation of the metal hydroxide. This behav¬ 
ior is illustrated for the first three metal ions of Period 3 (Figure 7.4). 


-Na + -> 

Mg(OH) 2 

-Mg 2+ -**-* 

Al 3+ -m- Al(OH) 3 - *h- Al(OH) 4 “ -*• 


0 2 4 6 8 10 12 14 

pH 

FIGURE 7.4 The dependence of predominant species on pH for the cations of sodium, 
magnesium, and aluminum. 
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Superacids and Superbases 


A superacid can be defined as an acid that is stronger 
than 100 percent sulfuric acid. In fact, chemists have 
synthesized superacids that are from 10 7 to 10 19 times 
stronger than sulfuric acid. There are four categories of 
superacids: Brpnsted, Lewis, conjugate Brpnsted-Lewis, 
and solid superacids. A common Brpnsted superacid is 
perchloric acid. When perchloric acid is mixed with pure 
sulfuric acid, the sulfuric acid actually acts like a base: 

HC10 4 (H 2 S0 4 ) + H 2 S0 4 (/) ^ 

H 3 SO A + {H 2 SO A ) + CIO A ~{H 2 SO A ) 

Fluorosulfuric acid, HSO 3 F, is the strongest Brpnsted 
superacid; it is more than 1000 times more acidic than 
sulfuric acid. This superacid, which is an ideal solvent 
because it is liquid from -89°C to +164°C, has the struc¬ 
ture shown in Figure 7.5. 

O 

or \ 'oh 

F 

FIGURE 7.5 The structure of fluorosulfuric acid. 

A Brpnsted-Lewis superacid is a mixture of a pow¬ 
erful Lewis acid and a strong Brpnsted-Lowry acid. The 
most potent combination is a 10 percent solution of an¬ 
timony pentafluoride, SbF 5 , in fluorosulfuric acid. The 
addition of antimony pentafluoride increases the acidity 
of the fluorosulfuric acid several thousand times. The 
reaction between the two acids is very complex, but the 
super-hydrogen-ion donor present in the mixture is the 
H 2 S0 3 F + ion. This acid mixture will react with many 


substances, such as hydrocarbons, that do not react with 
normal acids. For example, propene, C 3 H 6 , reacts with 
this ion to give the propyl cation: 

C 3 H 6 (HS0 3 F) + H 2 S0 3 F + (//S0 3 F)^ 

C 3 H 7 + (HS0 3 F) + HS0 3 F(l) 

The solution of antimony pentafluoride in fluorosul¬ 
furic acid is commonly called “Magic Acid.” The name 
originated in the Case Western Reserve University labo¬ 
ratory of George Olah, a pioneer in the field of superacids 
(and recipient of the Nobel Prize in Chemistry in 1994). 
A researcher working with Olah put a small piece of 
Christmas candle left over from a lab party into the acid 
and found that it dissolved rapidly. He studied the result¬ 
ing solution and found that the long-chain hydrocarbon 
molecules of the paraffin wax had added hydrogen ions 
and the resulting cations had rearranged themselves to 
form branched-chain molecules. This unexpected find¬ 
ing suggested the name “Magic Acid,” and it is now a 
registered trade name for the compound. This family 
of superacids is used in the petroleum industry for the 
conversion of the less important straight-chain hydro¬ 
carbons to the more valuable branched-chain molecules, 
which are needed to produce high-octane gasoline. 

The counterpart of superacids is superbases, usually 
alkali-organyls, such as n-butyllithium, LiC 4 H 9 . These 
compounds will remove hydrogen cations from virtually 
anything. Superbases were not “invented” in the same 
sense “superacids” were, partly because it is easier to 
pull protons off substances than force protons to bind to 
them. The term superbase is of modern origin, but super¬ 
acids have been used since the 1850s. 


Unlike many of the other metal hydroxides, for the aluminum ion, at even 
higher pH values, the metal hydroxide redissolves to form an oxyanion (see 
Chapter 13, Section 13.6): 

A1(OH) 3 (j) + OH“(^) ^ Al(OH) 4 “(^) 

The Basicity of Nonmetal Anions 

Just as there are patterns in the acidity of cations, so are there patterns in the 
basicity of simple anions. In fact, the pattern is almost the mirror image of 
that of the cations. Thus, the halide ions (with the exception of fluoride) are 
neutral, just as the alkali metals (except lithium) are neutral. Again, the factor 
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TABLE 7.6 

Basicity of some nonmetal ions 


N 3 - 

O 2 ” 

F” 

Very basic 

Very basic 

Weakly basic 

p 3 - 

S 2 “ 

cr 

Very basic 

Basic 

Neutral 

As 3 ' 

Se 2_ 

Br” 

Very basic 

Basic 

Neutral 


Te 2- 

r 


Weakly basic 

Neutral 


affecting basicity is charge density. Table 7.6 categorizes the basicity among the 
common anions, from neutral to slightly basic to weakly basic to basic to very 
basic anions. 

Thus, in solution, the fluoride ion partially hydrolyzes to hydrofluoric acid: 

F -{aq) + H 2 0(/) ^ HF {aq) + OH ~{aq) 

while the hydrolysis of the sulfide ion to the hydrogen sulfide ion is almost 
totally complete, with some of the hydrogen sulfide ion, in turn, hydrolyzing to 
(di)hydrogen sulfide: 

S 2 ~{aq) + H z O(/) —> HS “ (aq) + OH ~(aq) 

US~(aq) + H 2 0(/) ^ U 2 S(aq) + OH ~(aq) 

In aqueous solution, the strongest possible base is the hydroxide ion. Thus, 
if a stronger base, such as the oxide ion, O 2- , is placed in water, it immediately 
reacts to give hydroxide ion: 

O 2 ~{aq) + H 2 0(/)^0H“(^) 

Likewise, none of the 3- ions can exist in solution; thus, all soluble nitrides, 
phosphides, and arsenides react rapidly with water. 

The Basicity of Oxyanions 

Just as the acidity of oxyacids depends on the number of oxygen atoms and 
on the number of hydrogen atoms, so the basicity of the corresponding anion 
depends on the number of oxygen atoms and on the ion charge. Again the ions 
can be categorized according to neutral, slightly basic, moderately basic, and 
strongly basic. 

First, looking at the series XO„~, we see that as n decreases, so the basicity 
increases. This is the converse of the series for oxyacids, where as n decreases 
for HXO„, the acidity decreases. The cause of these two trends has the same 
origin. That is, the greater the number of oxygen atoms around the element 
X, the weaker any O—H bond and the less prone the anion will be toward 
hydrolysis (Table 7.7). 
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Basicity of some common XO n 

oxyanions 

Classification 

Type 

Examples 

Neutral 

xo 4 ~ 

Cl(V,Mn0 4 _ 


xo 3 - 

no 3 ,cio 3 - 

Weakly basic 

xo 2 - 

no 2 _ , cio 2 _ 

Moderately basic 

xcr 

CIO” 


For the series of oxyacids having the common formula X0 4 " _ , as the charge 
increases, so the basicity increases (Table 7.8). This pattern resembles that of 
the monatomic anions, where the higher the charge, the more basic the ion. 


Basicity of some common X0 4 n 

oxyanions 

Classification 

Type 

Examples 

Neutral 

xo 4 _ 

C10 4 “, MnCV 

Weakly basic 

xo 4 2- 

S0 4 2 “,Cr0 4 2 “,Mo0 4 2 “ 

Moderately basic 

xo 4 3 

po 4 3 ,vo 4 3- 

Strongly basic 

xo 4 4- 

Si0 4 4- 


This trend is illustrated in Figure 7.6 by the pH dependence of the predomi¬ 
nant species of the Period 3 isoelectronic oxyanions, P0 4 3- , S0 4 2- , and C10 4 ~. 
The silicate ion has been excluded from the series since its chemistry is very 
complex. At very high pH values, the orthosilicate ion, Si0 4 4- , predominates; 
at a very low pH, hydrated silicon dioxide; however, over the middle of the pH 
range there are numerous polymeric ions whose proportions depend on the 
solution concentration as well as the pH. 



FIGURE 7.6 The dependence of predominant species on pH for the isoelectronic X0 4 n 
oxyanions of phosphorus, sulfur, and chlorine. 


The pattern among X0 4 n ions can also be seen in the X0 3 " ions, with the 
basicity increasing as the oxyanion charge increases (Table 7.9). 
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1 Basicity of some common X0 3 n 

oxyanions 

Classification 

Type 

Examples 

Neutral 

xor 

NOP, C10 3 ” 

Moderately basic 

xo 3 2 - 

co 3 2- , so 3 2_ 


7.5 Acid-Base Reactions of Oxides 


In this section, we will focus specifically on the acid-base reactions involving 
oxides. Oxides can be classified as basic (most metal oxides), acidic (generally 
nonmetal oxides), amphoteric (the “weak” metal oxides with both acidic and 
basic properties), and neutral (a few nonmetal and metal oxides). In Chapter 9, 
Section 9.4, we will look at periodic trends in the acid-base behavior of oxides; 
then, in Chapter 16, Section 16.5, we will see how the acid-base behavior re¬ 
lates to the oxidation state of the non-oxygen atom. 

The most typical of the oxide reactions is the reaction of an acidic oxide with a 
basic oxide to form a salt. For example, sulfur dioxide (an acidic oxide) is a major 
waste product from metal smelters and other industrial processes. Traditionally, it 
was released into the atmosphere, but now a number of acid-base reactions have 
been devised to remove the acidic gas from the waste emissions. The simplest of 
these reacts with basic calcium oxide to give solid calcium sulfite: 

CaO(s) + S0 2 (g) —» CaS0 3 (s) 

Acidic oxides often react with bases. For example, carbon dioxide reacts with 
sodium hydroxide solution to produce sodium carbonate: 

C0 2 (g) + 2Na0H(fl9)->Na 2 C0 3 (fl^) + H 2 0(Z) 

Conversely, many basic oxides react with acids. For example, magnesium 
oxide reacts with nitric acid to form magnesium nitrate: 

MgO (s) + 2HN0 3 (^)^Mg(N0 3 ) 2 (^) + H 2 0(/) 

To determine an order of acidity among acidic oxides, the free energy of 
reaction of the various acidic oxides with the same base can be compared. The 
larger the free energy change, the more acidic the oxide. Let us use calcium 
oxide as the common basic oxide: 

CaO(s) + C0 2 (g) -> CaC0 3 (s) AG e = -134 kJ-moP 1 

CaO(s) + S0 2 (g) -> CaS0 3 (s) AG e = -347 kJ-moP 1 

Thus, sulfur dioxide is the more acidic of these two acidic oxides. 

We can do an analogous test to find the most basic of several basic oxides 
by comparing the free energy of reaction of various basic oxides with an acid, 
in this case, water: 

Na 2 0(s) + H 2 0(/) —>2 NaOH(s) AG e = -142 kJ-moP 1 

CaO(s) + H 2 0(/) ^Ca(OH) 2 (s) AG e = -59 kJ-moP 1 

A1 2 0 3 (s) + 3 H 2 0(Q ->2 A1(OH) 3 (s) AG e = -2 kJ-moP 1 
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These calculations suggest that sodium oxide is the most basic of the three 
basic oxides and aluminum oxide, the least. Again it is important to recall that 
the thermodynamic values predict the energetic feasibility rather than the rate 
of reaction (the kinetic feasibility). 

Lux-Flood Theory 

Lux-Flood theory is a special theory that is devoted to solventless acid-base 
reactions, such as those of oxides. Oxides are classified as acids or bases accord¬ 
ing to their location in the periodic table (Table 7.10). 

For example, in Chapter 20, Section 20.6, we show that a crucial reaction 
in the synthesis of iron is the high-temperature removal of sand with calcium 
oxide. According to Lux-Flood theory, this is the reaction of a base, calcium 
oxide, with an acid, silicon dioxide: 

CaO(s) + Si0 2 (/) CaSi0 3 (/) 

Note that it is the non-oxygen element in the acid oxide that becomes part of 
the oxyanion, in this case, silicate. Thus, the reaction of sodium oxide (base) 
with aluminum oxide (acid) would produce sodium aluminate: 

Na 2 0(s) + A1 2 0 3 (s) —^ 2 NaA10 2 (V) 


TABLE 7.10 

Lux-Flood assignment of acidity 
and basicity of oxides 

Acids 

p-block oxides 

Early transition 
metal oxides 

Bases 

s-block oxides 

Later transition 
metal oxides 


Acid-Base Concepts in Geochemistry 

Traditionally, geochemists classified silicate rocks on an acid-base scale. Such 
rocks contain metal ions, silicon, and oxygen, and we can think of them ac¬ 
cording to Lux-Flood theory as a combination of basic metal oxides and acidic 
silicon dioxide. We consider a rock such as granite, with more than 66 percent 
silicon dioxide, to be acidic; those with 52 to 66 percent Si0 2 , intermediate; 
those with 45 to 52 percent Si0 2 , such as basalt, basic; and those with less than 
45 percent, ultrabasic. For example, the mineral olivine, a common component 
of ultrabasic rocks, has the chemical composition Mg x Fe( 2 _ x )Si0 4 , which can 
be thought of as a combination of oxides, (Mg0) x *(Fe0)( 2 _ JC )‘(Si0 2 ). Silicon 
dioxide constitutes approximately 35 percent of the mass (depending on the 
Mg-to-Fe ratio); therefore, this mineral is classified as ultrabasic. In general, 
the acidic silicate rocks tend to be light in color (granite is pale gray), whereas 
the basic rocks are dark (basalt is black). 
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7.6 Lewis Theory 


As we mentioned at the beginning of the chapter, Lewis theory is much broader 
than Brpnsted-Lowry theory. A Lewis acid is an electron-pair acceptor, while 
a Lewis base is an electron-pair donor. Here we will mention two particular 
contexts in which Lewis theory is particularly useful: main group reactions and 
transition metal ion reactions. 

Main Group Reactions 

The classic example of a Lewis acid-base reaction is that between boron tri¬ 
fluoride and ammonia. Using electron-dot diagrams, we can see that boron 
trifluoride, with its empty p orbital, is the Lewis acid; ammonia, with its avail¬ 
able lone pair, is the Lewis base. In organic chemistry, the Lewis acid would be 
referred to as an electrophile and the Lewis base as a nucleophile. The combi¬ 
nation reaction results in a coordinate covalent bond between the two compo¬ 
nent species: 

F H F H 

I I I I 

F—B + -N — H -> F—B :N —H 

I I I I 

F H F H 

A stronger Lewis base will replace a weaker one. For example, ethoxyethane 
(diethyl ether) can be displaced by trimethylamine: 

F 3 B:0(C 2 H 5 ) 2 + N(CH 3 ) 3 ->F 3 B:N(CH 3 ) 3 + :0(C 2 H 5 ) 2 

Metal Ion Complex Formation 

In Chapter 5, Section 5.5, we mentioned that bonding falls on a continuum. 
This is also true of the solvation phenomenon. For example, when cesium chlo¬ 
ride dissolves in water, we assume that the water molecules around the cesium 
ion are essentially electrostatically attracted. However, the interaction seems 
to become less electrostatic and more covalent as the charge density increases 
or when the cation does not have a noble gas electron configuration (as per 
Fajans’ rules; see Chapter 5, Section 5.2). 

As an example, liquid ammonia dissolves silver chloride (which is insoluble 
in water), but on evaporation, the compound obtained is diamminesilver(I) 
chloride, Ag(NH 3 ) 2 Cl. Thus, the solvation process is best pictured as the am¬ 
monia acting not electrostatically but as a Lewis base (lone-pair donor) toward 
the silver ion: 

AgCl(s) + 2 NH 3 (/) —» Ag(NH 3 ) 2 + (am) + Cl ~{am) 

Water, too, can solvate cations by means of its lone pair, although it is a weaker 
Lewis base than ammonia. 

As we mentioned in Chapter 5, Section 5.3, solid-state hydrates are com¬ 
mon among higher-charge-density cations and those of transition metal ions. 
For example, the green color of the nickel(II) ion in solution is actually the 
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color of the hexaaquanickel(II) ion, [Ni(OH 2 ) 6 ] 2+ (aq). The bonding in these 
hydrated cations appears to have significant covalent character. As would be 
expected from the principles of Lewis acid-base theory, the water molecules 
can be displaced. For example, addition of the stronger base, ammonia, to the 
hexaaquanickel(II) ion gives the blue color of the hexamminenickel(II) ion: 

Ni(:OH 2 ) 6 2+ (ag) + 6 :NH 3 (ag) ^Ni(:NH 3 ) 6 2+ (ag) + 6 H 2 0:(/) 

The bonding in transition metal complexes is covered in more detail in 
Chapter 19. 


7.7 Pearson Hard-Soft Acid-Base Concepts 


In Chapter 6, we saw that thermodynamics can be used to predict the feasibil¬ 
ity of chemical reactions. However, we need complete thermodynamic data 
with which to perform the calculations, and these are not always available. 
Chemists have therefore tried to find a more qualitative empirical approach 
to reaction prediction. For example, will sodium iodide react with silver nitrate 
to give silver iodide and sodium nitrate, or will silver iodide react with sodium 
nitrate to give sodium iodide and silver nitrate? To make such predictions of 
reaction, a very effective method was devised by R. G. Pearson, known as the 
hard-soft acid-base ( HSAB ) concept. 

Pearson proposed that Lewis acids and bases could be categorized as either 
“hard” or “soft.” Using these categories, he showed that a reaction generally pro¬ 
ceeded in the direction that would pair the softer acid with the softer base and 
the harder acid with the harder base. The elements were divided as follows: 

1. The hard acids, also known as class a metal ions, consist of most of the 
metal ions in the periodic table. They are characterized by low electronegativi¬ 
ties and often high charge densities. The charge density is sometimes the better 
guide to hardness, since we categorize the theoretical H + , B 3+ , and C 4+ ions as 
hard acids, and these have extremely high charge densities. 

2. The soft acids, also known as class b metal ions, are the group of metal 
ions that are in the lower-right part of the metallic elements in the periodic 
table (Figure 7.7). They have low charge densities and tend to have among the 
highest electronegativities of the metallic elements. With low charge densities, 
these cations will be easily polarized; hence, they tend toward covalent bond 
formation. The softest of all acids is gold(I). 

3. The borderline acids are found on the divide between the soft and hard acids 
and have intermediate values as charge densities. Oxidation state becomes a 
crucial factor in determining hardness. For example, copper(I), with a charge 
density of 51 C*mm _3 , is categorized as soft, while copper(II), charge density 
116 OmnT 3 , is considered borderline. Likewise, iron(III) and cobalt(III) ions, 
both with charge densities over 200 C*mm -3 , are assigned to the hard category, 
while the iron(II) and cobalt(II) ions (charge densities of about 100 C*mm" 3 ) 
are designated as borderline. 
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FIGURE 7.7 The classification of the HSAB acid ions into hard (white), borderline 
(blue), and soft (black). 


4. The hard bases , or class a ligands, are fluorine- and oxygen-bonded species, 
including oxide, hydroxide, nitrate, phosphate, carbonate, sulfate, and perchlo¬ 
rate. The monatomic ions have comparatively high charge densities. Chloride 
is considered borderline hard. 

5. The soft bases, or class b ligands, are the less electronegative nonmetals, 
including carbon, sulfur, phosphorus, and iodine. These large, polarizable ions 
(low charge density) tend to favor covalent bond formation. 

6. Just as we have borderline acids, so are there borderline bases, but the cat¬ 
egories are not rigidly divided. For example, the halide ions form a series from 
the very hard fluoride ion through the hard-borderline chloride ion to the border¬ 
line bromide ion and the soft iodide ion. 

In a few cases, an anion will fit in more than one category of bases. These 
anions are capable of covalently bonding to a metal ion through two differ¬ 
ent atoms. One common example is the thiocyanate ion, NCSA The ion is a 
borderline base when bonding through the nitrogen atom (—NCS) but a soft 
base when bonding through the sulfur atom (—SCN) (Table 7.11). Ions that 
can bond through different elements are called ambidentate ligands. The topic 
of ambidentate ligands is discussed more fully in Chapter 19. 


Common hard, borderline, and soft bases 

Hard 

Borderline 

Soft 

F”, O 2 , OH - , H 2 0, 

Br“,N 3 -,NCS“ 

I ,s 2 ,P 3 ,H-,CN , 

C0 3 2 “,NH 3 ,N0 3 ”, 


CO, SCN~, S 2 0 3 2 

so 4 2 “,cio 4 - ,Po 4 3 “,(cr) 
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7.8 Applications of the HSAB Concept 


In this section, we will review some of the applications of the HSAB concept 
to simple inorganic chemistry. In Chapter 19, Section 19.12, we return to the 
concept in the context of transition metal complexes. 

The most important application of the HSAB concept is in the prediction 
of chemical reactions. For example, we can predict the gas-phase reaction of 
mercury(II) fluoride with beryllium iodide because the soft-acid mercury(II) 
ion is paired with the hard-base fluoride ion while the hard-acid beryllium ion 
is paired with the soft-base iodide ion. According to the HSAB concept, the 
ions would prefer to be partnered with their own type. Hence, the following 
reaction would be expected, and it does, in fact, occur: 

HgF 2 (g) + Bel 2 (g) BeF 2 (g) + Hgl 2 (g) 

soft-hard hard-soft hard-hard soft-soft 

The HSAB concept can be used even when less than half of the species 
are hard. That is, one can say that softer acids prefer softer bases. Among the 
nonmetallic elements, softness increases from the upper right in the periodic 
table to the lower left. For example, iodine is the softest of the halogens. Thus, 
we expect iodide ion to react with silver bromide since the soft-acid silver ion 
will prefer the soft-base iodide ion over the borderline-base bromide ion. 

AgBr(s) + l~(aq) —> Agl(s) + Br ~(aq) 

Another example is the reaction of cadmium selenide with mercury(II) 
sulfide, where the soft-acid mercury(II) ion prefers the softer-base selenide ion 
while the borderline-acid cadmium ion prefers the less soft sulfide ion: 

CdSe(s) + HgS(s) —» CdS(s) + HgSe(s) 

We can also use the HSAB concept in the interpretation of solubility pat¬ 
terns. Table 7.12 shows that the solubility trend for sodium halides is the com¬ 
plete reverse of that for silver halides. The difference can be explained as the 
hard-acid sodium preferring the harder bases while the soft-acid silver prefers 
softer bases. This is one approach to the discussion of solubility patterns. In 
Chapter 11, Section 11.2, we examine the trend in solubilities of the sodium 
halides in terms of thermodynamic contributions. 


TABLE 7.12 

Solubilities of sodium and silver halides (mol-L ] ) 


Fluoride 

Chloride 

Bromide 

Iodide 

Sodium 

1.0 

6.1 

11.3 

12.3 

Silver 

14.3 

1.3 X 10“ 5 

7.2 X 1(T 7 

9.1 X 1(T 9 


The HSAB Concept and Qualitative Analysis 

We can use the HSAB concept to account for the common system of cation analy¬ 
sis. The groups into which we classify cations have no direct connection with the 
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periodic table; instead, the cations are categorized according to their solu¬ 
bilities with different anions. To distinguish the two uses of “groups,” we will use 
the traditional Roman numerals to denote the analysis groups. Group I comprises 
those cations that form insoluble chlorides; Group II, those cations having soluble 
chlorides and very insoluble sulfides; and Group III, those cations having soluble 
chlorides and insoluble sulfides. To distinguish the Group II and III categories, we 
control the sulfide ion concentration by means of pH. According to the equilibria, 

H 2 S (aq) + H 2 0(Z) ^ H 3 0 + (aq) + US~(aq) 

HS ~{aq) + H 2 O(0 — H 3 0 + (aq) + S 2 ~(aq) 

at low pH, the concentration of sulfide ion will be very low; hence, only those 
metal sulfides with very small solubility product values will precipitate. If we 
then increase the pH, the equilibrium concentration of sulfide ion will increase, 
and those metal sulfides that are not quite as insoluble will precipitate. Un¬ 
der such basic conditions, those metal ions that form soluble sulfides, but very 
insoluble metal hydroxides, will also precipitate in Group III. The Group IV 
metal ions correspond to those cations that have soluble chlorides and sulfides 
and insoluble carbonates. Group V contains the ions that form few, if any, in¬ 
soluble salts. The precipitating species are shown in Table 7.13. 


TABLE 7.13 

I Common scheme of cation analysis 


Group I 

Group II 

Group III 

Group IV 

Group V 

AgCl 

HgS 

MnS 

CaC0 3 

Na + 

PbCl 2 

CdS 

FeS 

SrC0 3 

K + 

Hg 2 Cl 2 

CuS 

CoS 

BaC0 3 

nh 4 + 


SnS 2 

NiS 


Mg 2+ 


As 2 S 3 

ZnS 




Sb 2 S 3 

Al(OH) 3 




Bi 2 S 3 

Cr(OH) 3 




It is not obvious how the HSAB concept can be used to understand the 
cation group analysis scheme. However, if we recall from Chapter 6 that aque¬ 
ous ions consist of ions surrounded by a sphere of water molecules held by 
ion-dipole attraction, we can rewrite precipitation reactions, such as that of 
silver ion with chloride ion, as 

[Ag(OH 2 ) n ] + (aq) + [Cl(H 2 0) m J* -(aq) AgCl(s) + (n + m) H 2 0(Z) 

Writing the equation this way (that is, according to the HSAB concept), we 
find that the driving force of the reaction is the preference of the soft-acid 
silver ion for the borderline-hard base, chloride, rather than for the hard-base 
oxygen of the water molecule. 

The metal ions in Group II are soft acids and borderline acids. Thus, they 
readily combine with the soft-base sulfide ion. We can illustrate this category 
with cadmium ion: 

[Cd(OH 2 )„] 2+ (ag) + [S(H 2 0) m ] 2- (ag) —> CdS(s) + (n + m) H 2 0(/) 
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The members of analysis Group III are hard acids together with some 
borderline-acid cations. Thus, a higher concentration of sulfide ion is thought 
to be necessary for the precipitation of these metal sulfides. From HS AB argu¬ 
ments, the aluminum and chromium(III) ions are sufficiently hard that they 
prefer to react with the hard-base hydroxide ion rather than with the soft-base 
sulfide ion. The members of Group IV are very hard acids; in this analysis 
scheme, they give precipitates only with hard-base carbonate ions. 

The HSAB Concept in Geochemistry 

In 1923, the geochemist V. M. Goldschmidt devised a classification of the chem¬ 
ical elements that were a part of the geological history of the Earth. As the 
Earth cooled, some elements separated into the metallic phase of the Earth’s 
core (the siderophiles ), some formed sulfides (the chalcophiles ), some formed 
silicates (the lithophiles ), while others escaped to provide the atmosphere (the 
atmophiles). The classification is still used today in various modified forms. 

Here we will consider the categories in terms of the element forms on the 
surface of the Earth. Using this modification of Goldschmidt’s classification, 
we consider atmophiles as the unreactive nonmetals found solely in the atmo¬ 
sphere in their elemental forms (the noble gases and dinitrogen); lithophiles 
as the metals and nonmetals that occur mainly as oxides, silicates, sulfates, or 
carbonates; chalcophiles as the elements that are usually found as sulfides; and 
siderophiles as the metals that, on the surface of the Earth, are usually found 
in elemental form. The distributions of the lithophiles, chalcophiles, and sidero¬ 
philes in the periodic table according to this assignment are shown in Figure 7.8. 

If we compare the geochemical classification with the HSAB classification, 
we see that the metallic lithophiles are hard acids. They would therefore be 
expected to prefer the hard-base oxygen, either as the oxide ion or as an 
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FIGURE 7.8 The modified geochemical classification of the chemical elements into 
lithophiles (white), chalcophiles (blue), and siderophiles (black) according to their common 
surface combinations. The atmophiles and those elements that do not have stable isotopes 
have been deleted from the table. 
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oxygen-bonded oxyanion, such as silicate. For example, the common ore of 
aluminum is aluminum oxide, A1 2 0 3 (bauxite), while the most common com¬ 
pound of calcium is calcium carbonate, CaC0 3 (limestone, chalk, marble), with 
both cases hard-acid-hard-base combinations. The chalcophile metals, how¬ 
ever, are in the borderline- and soft-acid categories. These metals are found 
in combination with soft bases, in particular, sulfide ion. Thus, zinc is found 
mainly as zinc sulfide, ZnS (sphalerite, wurtzite), and mercury as mercury(II) 
sulfide, HgS (cinnabar). In the chalcophile category, we also find the soft-base 
nonmetals that combine with the other chalcophile elements, such as the com¬ 
mon mineral of arsenic, diarsenic trisulfide, As 2 S 3 (orpiment). 

Some interesting comparisons give credence to the application of the HS AB 
concept to mineralogy. First, we find the hard-acid iron(III) with hard-base 
oxide in iron(III) oxide (hematite), while the borderline iron(II) is found with 
soft-base sulfide in iron(II) disulfide, FeS 2 (pyrite). Second, among the Group 14 
metals, tin is found as hard-acid tin(IV) in the compound tin(IV) oxide, Sn0 2 
(cassiterite), but lead is found primarily as the soft-acid lead(II) in the com¬ 
pound lead(II) sulfide, PbS (galena). However, it is always dangerous to place 
too much trust in general principles such as the HSAB concept. For example, 
soft-acid lead(II) is also found in a number of minerals in which it is combined 
with a hard base. One example is lead(II) sulfate, PbS0 4 (anglesite). 

Interpretation of the HSAB Concept 

The HSAB concept originated as a qualitative empirical approach that would 
enable chemists to predict whether or not a particular reaction is likely to 
occur. Since Pearson first proposed the concept, attempts have been made to 
understand why it works and to derive quantitative hardness parameters. 
Although the latter is best left to a more advanced course, it is useful to see 
how the HSAB concept fits into our other perspectives. 

The Pearson approach can be related to the earlier discussions of ionic and 
covalent bonding (Chapters 3 and 5). The hard-acid-hard-base combination is 
really the pairing of a low-electronegativity cation with a high-electronegativity 
anion, properties that result in ionic behavior. Conversely, the soft acids are 
the metals that lie close to the nonmetal border and have comparatively high 
electronegativities. These metallic ions will form covalent bonds with the soft- 
base ions such as sulfide. 


7.9 Biological Aspects 


In Chapter 2, Section 2.8, we surveyed the elements that are essential to life. 
Here we will discuss those elements that are considered toxic. According to 
Bertrand’s rule, each element is biochemically toxic above a certain level of 
intake characteristic of that element. It is the concentration at which toxicity 
commences that determines whether or not, for practical reasons, we would 
call an element “toxic.” Here we will discuss only those elements for which the 
onset of toxicity is at very low concentrations. These elements are shown in 



162 


CHAPTER 7 • Solvent Systems and Acid-Base Behavior 


0 


Li 

Be 











B 

C 

N 

O 

F 

Ne 

Na 

Mg 











A1 

Si 

P 

s 

Cl 

Ar 

K 

Ca 

Sc 

Ti 

V 

Cr 

Mn 

Fe 

Co 

Ni 

Cu 

Zn 

Ga 

Ge 

As 

Se 

Br 

Kr 

Rb 

Sr 

Y 

Zr 

Nb 

Mo 

Tc 

Ru 

Rh 

pa 

Ag 



Sn 

Sb 

Te 

I 

Xe 

Cs 

Ba 

Lu 

Hf 

Ta 

W 

Re 

Os 

Ir 

Pt 

Au 




Bi 

Po 

At 

Rn 

Fr 

Ra 

Lr 

Rf 

Db 

Sg 

Bh 

Hs 

Mt 

Uun 

Uuu 

Uub 



He 


FIGURE 7.9 Elements that are regarded as particularly toxic (black). 
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FIGURE 7.10 The structure of 
the thio-amino acid cysteine. 


Figure 7.9, and we can use the HSAB concept to help us understand why these 
elements are so toxic. 

The thiol group (-SH) part of the amino acid cysteine (Figure 7.10) is a 
common component of enzymes. Normally, zinc would bind to many of the 
thiol sites, but the toxic metals (except for beryllium) are softer than zinc and 
will bind preferentially. Beryllium, on the other hand, is a hard acid, and as 
such, it preferentially binds to sites occupied by another Group 2 element, 
hard-acid magnesium. The environmentally toxic nonmetals and semimetals 
arsenic, selenium, and tellurium are very soft bases. The biochemical form of 
their toxicity is not well understood, but it may arise from preferential binding 
to borderline acids such as iron(II) and zinc, preventing the metals from per¬ 
forming their essential roles in enzymes. Selenium is a particularly interesting 
case for, as mentioned in Chapter 2, very small concentrations of selenium- 
containing enzymes are essential for our health. Many diseases are linked with 
low selenium levels in diets. Higher levels cause the disease selenosis. 


KEY IDEAS 

• Aqueous acid-base behavior can be interpreted in terms 
of Brpnsted-Lowry theory. 

• Patterns exist in strengths of acids and bases. 

• Oxides can be classified according to their acid-base 
behavior. 


• In nonaqueous solvents, Lewis theory is applicable. 

• Pearson hard-soft acid-base concepts can often be used 
to predict a reaction. 

• The toxicity of elements can be linked to their HSAB 
properties. 


EXERCISES 

7.1 Explain briefly the differences among the three differ¬ 
ent solvent types: polar protic, dipolar aprotic, and nonpolar. 

7.2 Which type of solvent would you use to dissolve 

(a) phosphorus pentachloride; (b) cesium chloride; 
(c) tin(IV) chloride? Give your reasoning in each case. 

7.3 Write net ionic equations to correspond with each of 
the following molecular equations: 


(a) HCl(fl^) + NaOH(ag) ->NaCl(ag) + H 2 0(/) 

(b) Na 2 C0 3 (ag) + CoCl 2 {aq) 

2 NaCl(ag) + CoC0 3 (s) 

(c) NH 4 OH(^) + CH 3 COOH(a<?) -> 

CH 3 COONH 4 (ag) + H 2 0(Z) 

7.4 Write net ionic equations to correspond with each of 
the following molecular equations: 
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(a) Na 2 S(ag) + 2 HCl(^)-> 2 NaCl(^) + H 2 S(g) 

(b) HF (aq) + NaOH(^) -> NaF(^) + H 2 0(/) 

(c) Na 2 HP0 4 (ag) + H 2 S0 4 (ag) —> 

NaH 2 P0 4 (ag) + NaHS0 4 (ag) 

7.5 Define the following terms: (a) conjugate acid-base 
pairs; (b) self-ionization; (c) amphiprotic. 

7.6 Define the following terms: (a) acid ionization con¬ 
stant; (b) leveling solvent; (c) polyprotic. 

7.7 Write a balanced net ionic equation for the re¬ 
action of each of the following compounds with water: 

(a) NH 4 N0 3 ; (b) KCN; (c) NaHS0 4 . 

7.8 Write a balanced net ionic equation for the reaction 
of each of the following compounds with water: (a) Na 3 P0 4 ; 

(b) NaHS0 4 ; (c) (CH 3 ) 3 NHC1. 

7.9 Write an equilibrium equation to represent the reac¬ 
tion of chloramine, C1NH 2 , a base, with water. 

7.10 Write an equilibrium equation to represent the reac¬ 
tion of fluorosulfonic acid, HS0 3 F, with water. 

7.11 Pure sulfuric acid can be used as a solvent. Write 
an equilibrium equation to represent the self-ionization 
reaction. 

7.12 The following species are amphiprotic. Write the 
formulas of the corresponding conjugate acids and bases: 
(a) HSe~; (b) PH 3 ; (c) HP0 4 2 . 

7.13 Using liquid ammonia as a solvent, what is (a) the 
strongest acid? (b) the strongest base? 

7.14 Hydrogen fluoride is a strong acid when dissolved in 
liquid ammonia. Write a chemical equation to represent the 
acid-base equilibrium. 

7.15 Hydrogen fluoride behaves as a base when dissolved 
in pure sulfuric acid. Write a chemical equation to repre¬ 
sent the acid-base equilibrium and identify the conjugate 
acid-base pairs. 

7.16 Identify the conjugate acid-base pairs in the follow¬ 
ing equilibrium: 

HSe0 4 “(a<7) + H 2 0(/) ^ H 3 0 + (a ? ) + SeO 4 2 ~(aq) 

7.17 Identify the conjugate acid-base pairs in the follow¬ 
ing equilibrium: 

HSeOUH) + H 2 0(7) ^ OH ~{aq) + H 2 Se0 4 (^) 

7.18 Which will be the stronger acid, sulfurous acid, 
H 2 S0 3 (ag), or sulfuric acid, H 2 S0 4 (a<?)? Use electronega¬ 
tivity arguments to explain your reasoning. 


7.19 Hydrogen selenide, H 2 Se, is a stronger acid than 
hydrogen sulfide. Use bond strength arguments to explain 
your reasoning. 

7.20 Addition of copper(II) ion to a hydrogen phosphate, 
HP0 4 2_ , solution results in precipitation of copper(II) 
phosphate. Use two chemical equations to suggest an 
explanation. 

7.21 The hydrated zinc ion, Zn(OH 2 ) 6 2+ , forms an acidic 
solution. Use a chemical equation to suggest an explanation. 

7.22 A solution of the cyanide ion, CN“, is a strong base. 
Write a chemical equation to illustrate this. What can you 
deduce about the properties of hydrocyanic acid, HCN? 

7.23 The weak base hydrazine, H 2 NNH 2 , can react with 
water to form a diprotic acid, + H 3 NNH 3 + . Write chemical 
equations to depict the two equilibrium steps. When hydra¬ 
zine is dissolved in water, which of the three hydrazine spe¬ 
cies will be present in the lowest concentration? 

7.24 When dissolved in water, which of the following 
salts will give neutral, acidic, or basic solutions: (a) potas¬ 
sium fluoride; (b) ammonium chloride? Explain your 
reasoning. 

7.25 When dissolved in water, which of the following salts 
will give neutral, acidic, or basic solutions: (a) aluminum ni¬ 
trate; (b) sodium iodide? Explain your reasoning. 

7.26 When two sodium salts, NaX and NaY, are dissolved in 
water to give solutions of equal concentration, the pH values 
obtained are 7.3 and 10.9, respectively. Which is the stronger 
acid, HX or HY? Explain your reasoning. 

7.27 The p K h values of the bases A“ and B“ are 3.5 and 
6.2, respectively. Which is the stronger acid, HA or HB? Ex¬ 
plain your reasoning. 

7.28 Pure liquid sulfuric acid can be dissolved in liq¬ 
uid acetic (ethanoic) acid, CH 3 COOH. Write a balanced 
chemical equation for the equilibrium. Will the acetic acid 
act as a differentiating or leveling solvent? Explain your 
reasoning. 

7.29 Write a net ionic equation for the equilibrium reac¬ 
tion between aqueous phosphoric acid and aqueous diso¬ 
dium hydrogen phosphate, Na 2 HP0 4 . 

7.30 In a damp climate, sodium sulfide has a strong “rot¬ 
ten egg” smell, characteristic of hydrogen sulfide. Write two 
net ionic equilibria to indicate how the gas is produced. 

7.31 Identify the oxides corresponding to the following 
acids: (a) nitric acid; (b) chromic acid, H 2 Cr0 4 ; (c) periodic 
acid, H 5 I0 6 . 
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7.32 Identify the oxides corresponding to the following 
bases: (a) potassium hydroxide; (b) chromium(III) hydroxide, 
Cr(OH) 3 . 

7.33 For each of the following nonaqueous reactions, 
identify the acid and the base. 

(a) Si0 2 + Na 2 0 —»Na 2 Si0 3 

(b) NOF + ClF 3 ^NO + + C1F 4 - 

(c) A1 2 C1 6 + 2 PF 3 —» 2 A1C1 3 :PF 3 

7.34 For each of the following nonaqueous reactions, 
identify the acid and the base. 

(a) PC1 5 + IC1^PC1 4 + + IC1 2 " 

(b) POCl 3 + CP ->POCl 4 “ 

(c) Li 3 N + 2 NH 3 ^3 Li + + 3 NH 2 ~ 

7.35 What will be the effect on the pH of the water 
(if anything) when you add the following salt? Write a 
chemical equation where appropriate: (a) CsCl; (b) K 2 Se; 

(c) ScBr 3 ; (d) KF. In the cases where the pH does change, 
would you expect a large or small change? 

7.36 What will be the effect on the pH of the water 
(if anything) when you add the following salt? Write 
a chemical equation where appropriate: (a) Na 2 0; 
(b) Mg(N0 3 ) 2 ;(c) K 2 C0 3 . 

7.37 Identify the following oxyanions as neutral, weakly 
basic, moderately basic, or strongly basic: (a) W0 4 2 ; 

(b) Tc0 4 “; (c) As 0 4 3 “; (d) Ge0 4 4 “. 

7.38 Identify the following oxyanions as neutral, 
weakly basic, or moderately basic: (a) Br0 3 ~; (b) BrO“; 

(c) Br0 2 “. 

7.39 The ion Xe0 6 4- is moderately basic. What degree 
of basicity would you expect for the isoelectronic ions 
(a) I0 6 5 -?(b)Te0 6 6 -? 

7.40 Each of the following reactions lies toward the prod¬ 
uct side. On this basis, arrange all of the Brpnsted acids in 
order of decreasing strength. 

H 3 P0 4 (ag) + N 3 ~(aq) HN ^(aq) + H 2 P0 4 “(ag) 

HN 3 (ag) + OH ~(aq) ^ H 2 0(Z) + N 3 "(^) 

H 3 0 + (aq) + H 2 P0 4 (a<?) ^ H 3 F0 4 (aq) + H 2 0(/) 
H 2 0(/) + PH 2 ~(aq) ^ PH 3 (aq) + OH ~(aq) 

7.41 From free energy of formation values, determine the 
free energy of reaction of magnesium oxide with water to 
give magnesium hydroxide and then deduce whether mag¬ 
nesium oxide is more or less basic than calcium oxide. 


7.42 From free energy of formation values, determine the 
free energy of reaction of silicon dioxide with calcium oxide 
to give calcium silicate, CaSi0 3 , and then deduce whether 
silicon dioxide is more or less acidic than carbon dioxide. 

7.43 Nitrosyl chloride, NOC1, can be used as a nonaqueous 
solvent. It undergoes the following self-ionization: 

NOCl(/) NO + (NOCl) + C\(NOCl) 

Identify which of the ions is a Lewis acid and which is a 
Lewis base. Also, write a balanced equation for the reaction 
between (NO) + (AlCl 4 )“ and [(CH 3 ) 4 N] + CL. 

7.44 Liquid bromine trifluoride, BrF 3 , undergoes self¬ 
ionization. Write a balanced equilibrium equation to represent 
this process. 

7.45 In pure liquid ammonia, the self-ionization constant 
is 1 X 10“ 33 . 

(a) Calculate the concentration of ammonium ion 
in liquid ammonia. 

(b) Calculate the concentration of ammonium 
ion in a 1.0 mol-L _1 solution of sodium amide, 
NaNH 2 . 

7.46 Each of the following reactions in aqueous solution 
can also be performed using liquid hydrogen fluoride as a 
solvent and reactant in place of the water. Write the cor¬ 
responding equations for reactions in hydrogen fluoride. 
Will the position of equilibrium be the same, farther to 
the right, or farther to the left than those for the aqueous 
reactions? 

(a) CN“(^) + H 2 0(/) ^ HCN(^) + OH ~(aq) 

(b) HCIO 4 (aq) + H 2 0(/) -^U 3 0 + (aq) + C\0 4 ~ (aq) 

7.47 Will either of the following high-temperature gas- 
phase reactions be feasible? Give your reasoning in each 
case. 

(a) CuBr 2 (g) + 2 NaF(g) CuF 2 (g) + 2 NaBr(g) 

(b) TiF 4 (g) + 2TiI 2 (g)^TiI 4 (g) + 2TiF 2 (g) 

7.48 Will either of the following high-temperature gas-phase 
reactions be feasible? Give your reasoning in each case. 

(a) Cul 2 (g) + 2 CuF(g) —> CuF 2 (g) + 2 Cul(g) 

(b) CoF 2 (g) + HgBr 2 (g) —» CoBr 2 (g) + HgF 2 (g) 

7.49 In the following solution equilibria, suggest whether 
the equilibrium constant is likely to be greater or less than 1. 

(a) AgCl 2 ~(a< 7 ) + 2ChT(a< ? ) = 

[Ag(CN) 2 ]~(aq) +2C l~(aq) 
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(b) CH 3 HgI(ag) + HCl(fl^) ^ 

CH 3 HgCl(ag) + HI (aq) 

7.50 In the following solution equilibria, will the products 
or reactants be favored? Give your reasoning in each case. 

(a) AgF(aq) + Lil (aq) Agl(s) + LiF (aq) 

(b) 2 Fe(OCN) 3 (ag) + 3 Fe(SCN) 2 (^) f^ 

2 Fe(SCN) 3 (ag) + 3 Fe(OCN) 2 (^) 

7.51 Predict to which group in the common cation analy¬ 
sis each of the following ions will belong and write a formula 
for the probable precipitate (if any): (a) thallium(I), Tl + ; 
(b) rubidium, Rb + ; (c) radium, Ra 2+ ; (d) iron(III), Fe 3+ . 

7.52 Deduce which compound is a common ore of the 
element listed: 


(a) thorium: ThS 2 or Th0 2 

(b) platinum: PtAs 2 or PtSi0 4 

(c) fluorine: CaF 2 or PbF 2 

7.53 Deduce which compound is a common ore of the 
element listed and give your reasoning: 

(a) magnesium: MgS or MgS0 4 

(b) cobalt: CoS or CoS0 4 

7.54 For the three most common antacids, magnesium 
hydroxide, calcium carbonate, and aluminum hydroxide, 
calculate which provides the greatest neutralization per 
gram of antacid. Would you use this factor as the sole rea¬ 
son for choosing an antacid? 


BEYOND THE BASICS 

7.55 Calculate the concentration of sulfide ion in a 
0.010 mol-L -1 solution of hydrogen sulfide in 1.0 mol-L -1 
strong acid. The values of the acid ionization constants, 
K al and K al , are 8.9 X 10 -8 and 1.2 X 10 -13 , respectively. 
If the solution contained cadmium and iron(II) ions at 
concentrations of 0.010 moFL -1 , would either of their 
sulfides precipitate? The solubility products of cadmium 
and iron(II) sulfides are 1.6 X 10 -28 and 6.3 X 10 -18 , 
respectively. 

7.56 What pH would be required in a 0.010 mol-L -1 
solution of hydrogen sulfide to just start to precipitate 
tin(II) sulfide from a 0.010 mol-L -1 tin(II) ion solution? 
The values of the acid ionization constants, K al and K al , are 
8.9 X 10 -8 and 1.2 X 10 -13 , respectively. The solubility of 
tin(II) sulfide is 1.0 X 10 -25 . 

7.57 The only common ore of mercury is mercury(II) 
sulfide. Zinc, however, is found as the sulfide, carbonate, 
silicate, and oxide. Comment on this. 

7.58 In Figure 7.4, we saw how acid-base properties 
change across a period. Research the change in acid-base 
behavior of the highest oxidation states of the Group 15 
elements as the group is descended. 

7.59 Silicic acid, often written as Si0 2 -xH 2 0(s), is a 
weaker acid than carbonic acid, H 2 C0 3 (aq). Write a bal¬ 
anced equation for the reaction of carbonic acid with 
a simple silicate, such as Mg 2 Si0 4 (s). Explain how this 


reaction is relevant to the reduction of atmospheric car¬ 
bon dioxide levels over geologic time. 

7.60 Boric acid, B(OH) 3 (ag), acts as an acid in water. 
However, it does not do so as a hydrogen ion donor; in¬ 
stead, it acts as a Lewis acid toward the hydroxide ion. 
Depict this process in an equation for the reaction of boric 
acid with sodium hydroxide solution. 

7.61 Copper(I) ion undergoes the following dispropor¬ 
tionation reaction for which the equilibrium constant is 
about 10 6 : 

2 Cu + (aq) = Cu(.s) + Cu 21 (aq) 

If the copper(I) ion is dissolved in dimethylsulfoxide, 
(CH 3 ) 2 SO, as a solvent, the equilibrium constant is only 
about 2. Suggest an explanation. 

7.62 The molecule (CH 3 ) 2 N—PF 2 has two atoms that can 
act as Lewis bases. With boron compounds, BH 3 attaches 
to phosphorus, while BF 3 attaches to nitrogen. Give your 
reasoning. 

7.63 The molar solubility of calcium chloride is about 
four times greater than that of barium chloride. Suggest an 
explanation in terms of the HSAB concept and an expla¬ 
nation in terms of thermodynamic factors. 

7.64 The reaction between calcium oxide and silicon di¬ 
oxide to give calcium silicate, CaSi0 3 , is an important reac¬ 
tion in a blast furnace for the production of iron in that it 
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removes silicate impurities as low-density slag that can be 
poured off. What would be the theoretical oxidation num¬ 
ber of the silicon? Then explain the transfer of the oxide ion 
to the silicon dioxide in terms of HS AB theory. 


7.65 Using Lux-Flood theory, what would you expect the 
formula of the product to be in the reaction of iron(III) 
oxide with aluminum oxide? 


ADDITIONAL RESOURCES 


For answers to odd-numbered questions: www.whfreeman.com/descriptive5e 



For accompanying video clips: www.whfreeman.com/descriptive5e 



CHAPTER 8 


Oxidation and Reduction 


A large proportion of chemical reactions involves changes in oxidation state. 
In this chapter, we show how oxidation numbers can be determined. We then 
examine redox reactions. The redox properties of a particular oxidation state 
of an element can be displayed graphically, giving us information about the 
thermodynamic stability of that compound or ion. 


I n the history of chemistry, one of the most vehement disputes con¬ 
cerned the nature of oxidation. The story really begins in 1718. 
Georg Stahl, a German chemist, was studying the formation of metals 
from oxides by heating the oxide with charcoal (carbon). He proposed 
that the formation of the metal was caused by the absorption of a sub¬ 
stance that he named “phlogiston.” According to Stahl, the converse 
process of heating a metal in air to form its oxide caused the release of 
phlogiston to the atmosphere. 

Fifty-four years later, the French chemist Louis-Bernard Guyton 
de Morveau performed careful experiments showing that, during com¬ 
bustion, metals increase in weight. However, the existence of phlogiston 
was so well established among chemists that he interpreted the results 
as meaning that phlogiston had a negative weight. It was his colleague, 
Antoine Lavoisier, who was willing to throw out the phlogiston concept 
and propose that combustion was due to the addition of oxygen to the 
metal (oxidation) and that the formation of a metal from an oxide cor¬ 
responded to the loss of oxygen (reduction). 

The editors of the French science journal were phlogistonists, so 
they would not publish this proposal. Thus, Lavoisier, with his new 
convert de Morveau and others, had to establish their own journal to 
publish the “new chemistry.” It was the overthrow of the phlogiston 
theory that caused chemists to realize that elements were the funda¬ 
mental substances in chemistry—and modern chemistry was born. 



8.1 Redox Terminology 

8.2 Oxidation Number Rules 

8.3 Determination of Oxidation 
Numbers from Electronegativities 

8.4 The Difference between 
Oxidation Number and Formal 
Charge 

8.5 Periodic Variations of 
Oxidation Numbers 

8.6 Redox Equations 

Chemosynthesis: Redox Chemistry 
on the Seafloor 

8.7 Quantitative Aspects of Half- 
Reactions 

8.8 Electrode Potentials as 
Thermodynamic Functions 

8.9 Latimer (Reduction Potential) 
Diagrams 

8.10 Frost (Oxidation State) 
Diagrams 

8.11 Pourbaix Diagrams 

8.12 Redox Synthesis 

8.13 Biological Aspects 


8.1 Redox Terminology 


Many inorganic reactions are redox reactions, and, like so many fields 
of chemistry, the study of oxidation and reduction has its own vocabu¬ 
lary and definitions. Traditionally, oxidation and reduction were each 
defined in three different ways, as shown in Table 8.1. 
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Traditional definitions of oxidation and reduction 


Oxidation 


Reduction 


Gain of oxygen atoms 
Loss of hydrogen atoms 
Loss of electrons 


Loss of oxygen atoms 
Gain of hydrogen atoms 
Gain of electrons 


In modern chemistry, we use more general definitions of oxidation and 
reduction: 

Oxidation: Increase in oxidation number 
Reduction: Decrease in oxidation number 

8.2 Oxidation Number Rules 


Of course, now we have to define an oxidation number (also called oxidation 
state). Oxidation numbers are simply theoretical values used to simplify elec¬ 
tron bookkeeping. We assign these values to the common elements on the basis 
of a simple set of rules: 

1. The oxidation number, N ox , of an atom as an element is zero. 

2. The oxidation number of a monatomic ion is the same as its ion charge. 

3. The algebraic sum of the oxidation numbers in a neutral polyatomic com¬ 
pound is zero; in a polyatomic ion, it is equal to the ion charge. 

4. In combinations of elements, the more electronegative element has its 
characteristic negative oxidation number (for example, -3 for nitrogen, -2 
for oxygen, -1 for chlorine), and the more electropositive element has a positive 
oxidation number. 

5. Hydrogen usually has an oxidation number of +1 (except with more elec¬ 
tropositive elements, when it is -1). 

For example, to find the oxidation number of sulfur in sulfuric acid, H 2 S0 4 , 
we can use rule 3 to write 


2[(AUH)] + [AUS)] + 4[AUO)] = 0 


Because oxygen usually has an oxidation number of -2 (rule 4) and hydrogen, +1 
(rule 5), we write 


2( + l) + [AUS)] = +4(—2) = 0 

Hence, [AUS)] = +6. 


Now let us deduce the oxidation number of iodine in the ion IC1 4 . For this, 
we can use rule 3 to write 


[AUI)] + 4[(AUC1)] = -1 
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Chlorine is more electronegative than iodine, so chlorine will have the conven¬ 
tional negative oxidation number of -1 (rule 4). Thus, 

[AUI)] + 4(— 1) = -1 

Hence, [AUI)] = +3- 

8.3 Determination of Oxidation Numbers 
from Electronegativities 


Memorizing rules does not necessarily enable us to understand the concept of 
oxidation number. Furthermore, there are numerous polyatomic ions and mol¬ 
ecules for which there is no obvious way of applying the “rules.” Rather than 
mechanically apply simplistic algebraic rules, we can always deduce an oxida¬ 
tion number from relative electronegativities. This method is particularly use¬ 
ful for cases in which there are two atoms of the same element in a molecule 
or ion that have different chemical environments. Using the electronegativity 
approach, we can identify the oxidation number of each atom in its own unique 
environment, whereas the algebraic method simply gives an average number. 

To assign oxidation numbers to covalently bonded atoms, we draw the 
electron-dot formula of the molecule and refer to the electronegativity val¬ 
ues of the elements involved (Figure 8.1). Although the electrons in a polar 
covalent bond are unequally shared, for the purpose of assigning oxidation 
numbers, we assume that they are completely “owned” by the more electro¬ 
negative atom. Then we compare how many outer (valence) electrons an atom 
“possesses” in its molecule or ion with the number it has as a free monatomic 
element. The difference—number of valence electrons possessed by free atom 
minus number of valence electrons “possessed” by molecular or ionic atom—is 
the oxidation number. 

The hydrogen chloride molecule will serve as an example. Figure 8.1 shows 
that chlorine has a higher electronegativity than hydrogen, so we assign the 
bonding electrons to chlorine. A chlorine atom in hydrogen chloride will “have” 



FIGURE 8.1 Pauling 
electronegativity values of various 
nonmetals and semimetals. 
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one more electron in its outer set of electrons than a neutral chlorine atom has. 
Hence, we assign it an oxidation number of 7 - 8, or -1. The hydrogen atom 
has “lost” its one electron; thus, it has an oxidation number of 1 - 0, or +1. This 
assignment is illustrated as 


+ 1 -1 


H 


:C1: 


When we construct a similar electron-dot diagram for water, we see that 
each hydrogen atom has an oxidation number of 1 - 0, or +1, and the oxygen 
atom, 6 - 8, or -2, as rules 4 and 5 state. 


H 


:Q: 


H 


+ 1 -2 +1 


In hydrogen peroxide, oxygen has an “abnormal” oxidation state. This is 
easy to comprehend if we realize that when pairs of atoms of the same electro¬ 
negativity are bonded together, we must assume that the bonding electron pair 
is split between them. In this case, each oxygen atom has an oxidation number 
of 6 - 7, or —l.The hydrogen atoms are still each +1. 


H 


: 0 ^ 0 : 


H 


+ 1 -1 -1 +1 


This method can be applied to molecules containing three (or more) dif¬ 
ferent elements. Hydrogen cyanide, HCN, illustrates the process. Nitrogen is 
more electronegative than carbon, so it “possesses” the electrons participating 
in the C—N bond. And carbon is more electronegative than hydrogen, so it 
“possesses” the electrons of the H—C bond. 


H 



+ 1 +2 -3 


Polyatomic ions can be treated in the same way as neutral molecules are. 
We can use the simple electron-dot structure of the sulfate ion to illustrate this. 
(However, in Chapter 16, Section 16.18, we will see that bonding in the sulfate 
ion is actually more complex.) Following the same rules of assigning bonding 
electrons to the more electronegative atom, we assign an oxidation number 
of -2 to each oxygen atom. But sulfur has six outer electrons in the neutral 
atom and none in this structure. Hence, according to the rules, the sulfur atom 
is assigned an oxidation number of 6 - 0, or +6. Note that this same oxidation 
number was assigned earlier to the sulfur atom in sulfuric acid. 



: 9 : 

2 

■ q- 
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As already mentioned, two atoms of the same element can actually have 
different oxidation numbers within the same molecule. The classic example of 
this situation is the thiosulfate ion, S 2 0 3 2- , which has sulfur atoms that are in 
different environments. Each oxygen atom has an oxidation number of —2. 
But according to the rule stated earlier, the two equally electronegative sulfur 
atoms divide the two electrons participating in the S—S bond. Hence, the cen¬ 
tral sulfur atom has an oxidation number of +5 (6 - 1), and the other sulfur 
atom has an oxidation number of -1 (6 - 7).These assignments correlate with 
this ion’s chemical reactions, in which the two sulfur atoms behave differently. 



:6 : 

2 

: 9 : 

s 



■ O- 



Rule 1 states that the oxidation number of any element is 0. How do we arrive 
at this value? In a molecule consisting of two identical atoms, such as difluorine, 
the electrons in the covalent bond will always be shared equally. Thus, we divide 
the shared electrons between the fluorine atoms. Each fluorine atom had seven 
valence electrons as a free atom and now it still has seven; hence, 7 - 7 is 0. 



0 0 


8.4 The Difference between Oxidation Number 
and Formal Charge 


In Chapter 3, Section 3.8, we mentioned the concept of formal charge as a means 
of identifying feasible electron-dot structures for covalent molecules. To calculate 
formal charge, we divided the bonding electrons equally between the constituent 
atoms. The favored structures were generally those with the lowest formal charges. 
For example, the electron-dot diagram for carbon monoxide is shown in the follow¬ 
ing figure with the electrons allocated according to the rules for formal charge. 

:C :^:0 : 

Formal © © 

charge 


However, to determine oxidation numbers, which can quite often have large 
numerical values, we assign the bonding electrons to the atom with higher elec¬ 
tronegativity. According to this method, the atoms in carbon monoxide are 
assigned electrons as shown in the following figure. 



Oxidation +2 — 2 

number 
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FIGURE 8.2 Common 
oxidation numbers in the 
compounds of the first 25 main 
group elements. 


8.5 Periodic Variations of Oxidation Numbers 


There are patterns to the oxidation numbers of the main group elements; in 
fact, they are one of the most systematic periodic trends. This pattern can be 
seen in Figure 8.2, which shows the oxidation numbers of the most common 
compounds of the first 25 main group elements (d-block elements have been 
omitted). The most obvious trend is the stepwise increase in the positive 
oxidation number as we progress from left to right across the periods. An at¬ 
om’s maximum positive oxidation number is equal to the number of electrons 
in its outer orbital set. For example, aluminum, with an electron configuration 
of [Neps^/? 1 , has an oxidation number of +3. Electrons in inner orbital sets 
do not enter into the calculation for main group elements. Hence, the maxi¬ 
mum oxidation number for bromine, which has an electron configuration of 
[ Ar]4s 2 3d 10 4p 5 , is +7, a value corresponding to the sum of the electrons in the 
As and Ap orbitals. 

































































































































































































































































































































± 



H He Li Be B C NO F NeNaMgAl Si P S Cl Ar K Ca Ga Ge As Se Br 


Many of the nonmetals and semimetals exhibit more than one oxidation 
number. For example, in its different compounds, nitrogen assumes every 
oxidation number between —3 and +5. The common oxidation states of non- 
metals, however, tend to decrease in units of two. This pattern can be seen in the 
oxidation numbers chlorine has in the various oxyanions it forms (Table 8.2). 


TABLE 8.2 

Oxidation number of chlorine 
in common oxyanions 

Ion 

Oxidation number 

CIO” 

+ 1 

cio 2 - 

+3 

C10 3 - 

+5 

cio 4 _ 

+7 
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8.6 Redox Equations 


In a redox reaction, one substance is oxidized and another is reduced. This 
process is sometimes easy to see; for example, when a rod of copper metal 
is placed in a silver nitrate solution, shiny crystals of silver metal are formed 
on the copper surface and the solution turns blue. In this case, the oxidation 
number of copper has increased from 0 to +2, and that of silver has decreased 
from +1 to 0: 

Cu (s) + 2 Ag + (aq) —»Cu 2+ (ag) + 2 Ag(s) 

We can think of the process as two separate half-reactions, the loss of electrons 
by the copper metal and the gain of electrons by the silver ions: 

Cu(s) —» Cu 2+ (aq) + 2 e - 

2 Ag + (aq) + 2 e - —>2 Ag(s) 


Balancing Redox Equations in Acidic Solution 

We have just seen that a redox equation can be divided into oxidation and 
reduction half-reactions. The half-reaction concept is particularly useful as a 
means of balancing complex redox reactions. For example, a solution of purple 
permanganate ion oxidizes an iron(II) ion solution to iron(III) ion in acid solu¬ 
tion, itself being reduced to the very pale pink (almost colorless) manganese(II) 
ion. We can write the following skeletal (unbalanced) equation: 

MnO 4 ~ (aq) + Fe 2+ (aq) -^Mn 2+ (aq) + F e 3 + (aq) 

The first step is to identify the two half-reactions: 

Fe 2+ (aq) —> Fe 3 + (aq) 

Mn0 4 _ (aq) —> Mn 2 + (aq) 

We can balance the iron half-reaction first because it is very simple, requiring 
just one electron: 

Fe 2+ (aq) ->Fe 3+ (ag) + e - 


But in the reduction equation, we have oxygen atoms on the left, but none on 
the right. We can remedy this by adding the appropriate number of water mol¬ 
ecules to the side lacking oxygen atoms: 

Mn0 4 ~ (aq) —> Mn 2+ (aq) + 4 H 2 0(/) 



This addition has balanced the oxygen atoms, but it has introduced hydrogen 
atoms in the process. To balance these, we add hydrogen ions to the left-hand 
side: 


MnO 4 ~(aq) + 8 H + (aq) ^Mn 2+ (aq) + 4H 2 0(/) 


Finally, we balance the charges by adding electrons as needed: 
Mn0 4 _ (aq) + 8H + (a(?) + 5 e“->Mn 2+ (a< 7 ) + 4H 2 0(/) 
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Before adding the two half-reactions, the number of electrons required for 
the reduction must match the number of electrons produced during the oxi¬ 
dation. In this case, we achieve this balance by multiplying the iron oxidation 
half-reaction by 5: 

5 Fe 2+ (aq) —> 5 Fe 3 + (aq) + 5 e“ 

The final balanced reaction will be 

5Fe 2+ (aq) + MnO 4 ~ (aq) + 8H + (ag)—» 

5F e 3+ (aq) + Mn 2+ (^) + 4 H 2 0(/) 

Balancing Redox Equations in Basic Solution 

To balance a redox equation in basic solution, the procedure above is followed, 
then an additional step is added at the end. To illustrate, we will use the dispropor¬ 
tionation reaction of dichlorine to chloride ion and chlorate ion in basic solution: 

C\ 2 (aq) ->Cl~ (aq) + CIO f (aq) 

A disproportionation reaction occurs when some ions (or molecules) are oxi¬ 
dized, while others of the same species are reduced. In the case of dichlorine, 
some of the chlorine atoms are oxidized, changing their oxidation number 
from 0 to +5; the remainder are reduced, changing from 0 to — 1. As before, we 
can construct the two half-reactions: 

C\ 2 (aq) —»C1 ~(aq) 

Cl 2 (aq) —» CIO f (aq) 

Choosing the reduction half-reaction first, we balance the number of atoms of 
chlorine: 

C\ 2 (aq) —» 2 Cl ~(aq) 

Then we can balance for charge: 

Cl 2 (aq) + 2 Q~(aq) —>2 Cl~(aq) 

For the oxidation half-reaction, the number of chlorine atoms also has to be 
balanced: 

Cl 2 (aq) —> 2 CIO f(aq) 

As we did in the previous example, we balance the oxygen atoms with water 
molecules: 

Cl 2 (aq) + 6 H 2 O(0 ->2 ClO 3 "(fl0) 

And then the water molecules with hydrogen ions: 

Cl 2 (aq) + 6 H 2 0(/) —>2 C\Of(aq) + 12H + (^) 

However, because the reaction takes place in basic solution, we add the same 
number of moles of hydroxide ion to each side as there are hydrogen ions on 
the right: 
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Cl 2 (aq) + 6 H 2 O(0 + 12 OH~(ag) -> 

2C10 3 “(a^) + 12H + (ag) + 12 0H (ag) 

Since H + + OH = H 2 0, we can write 

Cl 2 {aq) + 6 H 2 0(/) + 12 OH~{aq) ->2 CLOf[aq) + 12 H 2 0(/) 

which simplifies to 

Cl 2 {aq) + 12 OH“(^) —>2 C\0 3 ~ (aq) + 6 H 2 0(Z) 

Next, we balance the equation with respect to charge by adding electrons: 

Cl 2 (aq) + 12 Cm-(aq)->2C10 3 -(aq) + 6 H 2 0(Z) + 10 e" 

The reduction half-reaction must be multiplied by 5 to balance the moles of 
electrons: 

5 C\ 2 (aq) + 10 e — —^ 10 Cl ~(aq) 

The sum of the two half-reactions will be 

6 Cl 2 (aq) + 12 OH -{aq) ->10 C\~(aq) + 2C10 3 “(^) + 6 H 2 0(/) 

Finally, the coefficients of the equation can be divided by 2: 

3 Cl 2 (aq) + 6 OH~(aq) ->5 Cl" (aq) + CIO 3 {aq) + 3 H 2 0(/) 


Chemosynthesis: Redox Chemistry on the Seafloor 


* c WBk I 
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T he bottom of the oceans is a cold and black place. 

Long thought to be lifeless, apart from scavenger 
species living off dead organisms falling from the up¬ 
per water layers, these depths are now known to support 
novel life-forms relying on exotic biochemical processes. 
On the surface of the Earth, life relies on photosynthesis 
to drive redox cycles. What, then, drives the biological 
cycles at the ocean floor? Life there is actually concen¬ 
trated around vents in the seafloor, which issue plumes of 
superheated water saturated with toxic hydrogen sulfide 
and heavy metal sulfides. On the edge of this environ¬ 
ment, a tremendous range of organisms flourishes. 

The most interesting life-form is the mouthless, 
gutless tube worms. These enormous creatures rely 
on bacteria living inside them to obtain energy by the 
oxidation of the hydrogen sulfide ion to sulfate ion, the 
process of chemosynthesis: 

HS - («< 7 ) + 4 H 2 0(/) -> SO 4 2 ~(aq) + 9 H + (aq) + 8 e“ 


The energy from this reaction is then used by the 
worms for the conversion of seawater-dissolved carbon 
dioxide to the complex carbon-based molecules in their 
structures. As can be seen from the half-reaction, for ev¬ 
ery mole of hydrogen sulfide ion consumed, nine moles 
of hydrogen (hydronium) ion are produced. Hence, the 
worms must possess an efficient biochemical mecha¬ 
nism to pump out the excess acid, or they would die 
from low pH. 

Scientists at the University of California at Santa 
Barbara have managed to build an aquarium that dupli¬ 
cates the extreme pressure, low temperature, and high 
hydrogen sulfide concentration at the seafloor vents so 
that these tube worms can be studied in the laboratory. 
Learning the secrets of these organisms at deep sea vents 
may reveal more about the origins of life on Earth, since 
some scientists believe that the first organisms on this 
planet originated at such vents. 
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8.7 Quantitative Aspects of Half-Reactions 


The strongest oxidizing agent 
is oxygen difluoride, OF 2 (f e = 
+ 3.29 V in acid solution). The 
strongest reducing agent is the 
azide ion, N 3 ~ {E e = -3.33 V in 
acid solution). 


The relative oxidizing or reducing power of a half-reaction can be determined 
from the half-cell potential, which is the potential of the half-reaction relative 
to the potential of a half-reaction in which hydrogen ion (1 mohL -1 ) is reduced 
to hydrogen gas (100 kPa pressure on a black platinum surface).This reference 
half-reaction is assigned a standard potential, E° , of zero: 

2 ¥L + (aq) + 2 e - ^H 2 (g) E e = 0.00 V 

For a redox reaction to be spontaneous, the sum of its half-cell reduction potentials 
must be positive. For example, consider the reaction of copper metal with silver ion, 
which we discussed earlier. The values of the half-cell reduction potentials are 

Cu 2+ {aq) + 2 e~ -> Cu(s) E e = +0.34 V 

Ag + (aq) + e~ ->A g(s) E e = +0.80 V 

Adding the silver ion reduction potential to the copper metal oxidation 
potential, 

2 Ag + (aq) + 2 e" -+2 Ag(s) E e = +0.80 V 

Cu(s) -+ Cu 2+ (aq) + 2 e~ E e = -0.34 V 

gives a positive cell potential: 

2 Ag + (aq) + Cu(s) ^2 Ag(s) + Cu 2+ {aq) E e = +0.46 V 

The more positive the half-cell reduction potential, the stronger the oxidizing 
power of the species. For example, difluorine is an extremely strong oxidizing 
agent (or electron acceptor): 

2 F 2 (g) + e“ ->F ~{aq) E e = +2.80 V 


Conversely, the lithium ion has a very negative reduction potential: 

Li + {aq) + e" -+U(s) E e = -3.04 V 

For lithium, the reverse half-reaction results in a positive potential; hence lith¬ 
ium metal is a very strong reducing agent (or electron provider): 

Li(s') -> U + (aq) + e“ E e = +3.04 V 


It must always be kept in mind that half-cell potentials are concentration de¬ 
pendent. Thus, it is possible for a reaction to be spontaneous under certain 
conditions but not under others. The variation of potential with concentration 
is given by the Nernst equation: 


E = E g 


RT ^ [products] 
nF [reactants] 


where R is the ideal gas constant (8.31 V*C*mol _1 *K _1 ), T is the temperature in 
kelvins, n is the moles of transferred electrons according to the redox equation, 
Fis the Faraday constant (9.65 X 10 4 Omol -1 ), and E e is the potential under 
standard conditions of 1 mol*L -1 for species in solution and 100 kPa pressure 
for gases. 
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To see the effects of nonstandard conditions, consider the permanganate 
ion to manganese(II) ion half-cell. This half-cell is represented by the half¬ 
reaction we balanced earlier: 


Mn0 4 “(a<?) + 8H + ( fl(? ) + 5 e" ^Mn 2+ ( fl<? ) + 4H 2 0(Z) 


The corresponding Nernst equation will be 


RT 

E = +1.70 V - —ln- 


[Mn : 


2+1 


5 F [MnC >4 ] [H 4 


Suppose the pH is increased to 4.00 (that is, [H + ] is reduced to 1.0 X 1CT 4 
mol-L -1 , but the concentrations of permanganate ion and manganese(II) ion 
are kept at 1.0 mol«L _1 . Under the new conditions (first, solving for RT/5F ), the 
half-cell potential becomes 


E = 


+ 1.70 V - (5.13 X 10 -3 V) In 
+ 1.32 V 


( 1 . 00 ) 

(1.00)(1.0 X 1(T 4 ) 8 


Thus, permanganate ion is a significantly weaker oxidizing agent in less acid 
solutions. The concentration effect is exceptionally large in this particular 
half-reaction because the stoichiometry requires eight moles of hydrogen ion. 
Hence, in the Nernst equation, the hydrogen ion concentration is raised to the 
eighth power; as a result, the potential is exceptionally sensitive to pH. 


8.8 Electrode Potentials as Thermodynamic Functions 


As we have just seen in the equation for the silver ion-copper metal reaction, 
electrode potentials are not altered when coefficients of equations are changed. 
The potential is the force driving the reaction, and it is localized either at the 
surface of an electrode or at a point where two chemical species come in con¬ 
tact. Hence, the potential does not depend on stoichiometry. Potentials are 
simply a measure of the free energy of the process. 

The relationship between free energy and potential is 

AG e = -nFE e 

where AG e is the standard free energy change, n is the moles of electrons, F is 
the Faraday constant, and E e is the standard electrode potential. The Faraday 
constant is usually expressed as 9.65 X 10 4 C*mol _1 , but for use in this particu¬ 
lar formula, it is best written in units of joules: 9.65 X 10 4 J-V _1 -mol _1 . For the 
calculations in this section, however, it is even more convenient to express the 
free energy change as the product of moles of electrons and half-cell poten¬ 
tials. In this way, we do not need to evaluate the Faraday constant. 

To illustrate this point, let us repeat the previous calculation of the copper- 
silver reaction, using free energies instead of just standard potentials: 

2 Ag + (aq) + 2e“^2 Ag(s) AG e = -2(F)( + 0.80 V) = -1.60FV 

Cu(s) Cu 2+ (aq) + 2 e~ AG e = -2(F)(-0.34 V) = +0.68FV 
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The free energy change for the process, then, is (-1.60F + 0.68F) V, or —0.92 FV. 
Converting this value back to a standard potential gives 


= — 


AG 

nF 


-0.92 FV 


2 F 


= +0.46 V 


or the same value obtained by simply adding the standard potentials. 

But suppose we want to combine two half-cell potentials to derive the value 
for an unlisted half-cell potential; then the shortcut of using standard electrode 
potentials does not work. Note that we are adding half-reactions to get an¬ 
other half-reaction, not a balanced redox reaction. The number of electrons in 
the two reduction half-reactions will not balance. Consequently, we must work 
with free energies. As an example, we can determine the half-cell potential for 
the reduction of iron(III) ion to iron metal, 


F e 3+ (aq) + 3e —>Fe(s) 

given the values for the reduction of iron(III) ion to iron(II) ion and from 
iron(II) ion to iron metal: 

Fe 3+ {aq) + e ~ -> Fe 2+ (aq) F e = + 0.77 V 

F e 2+ (aq) + 2 e~ ->Fe(s) F e = -0.44 V 

First, we calculate the free energy change for each half-reaction: 

F e 3+ (aq) + e~ ^F e 2+ (aq) AG e = -l(F)(+0.77 V) = -0.77FV 

F e 2+ (aq) + 2e" ^Fe(s) AG e = -2(F)(-0.44 V) = +0.88FV 

Adding the two equations results in the “cancellation” of the Fe 2+ species. 
Hence, the free energy change for 

F e 3 + (aq) + 3 e _ —»Fe(s) 

will be (-0.77 F + 0.88F) V, or + 0.11F V. Converting this AG e value back to 
potential for the reduction of iron(III) to iron metal gives 


— 


AG 

nF 


+0.11FV 


3 F 


= -0.04 V 


8.9 Latimer (Reduction Potential) Diagrams 


It is easier to interpret data when they are displayed in the form of a diagram. 
The standard reduction potentials for a related set of species can be displayed in a 
reduction potential diagram, or what is sometimes called a Fatimer diagram. The 
various iron oxidation states in acid solution are shown here in such a diagram. 

6+ 3+ 2+ 0 

_ ^ 2 - +2.20 V ^ 3+ +0.77 V ^ 2 + -0.44 V ^ 

Fe0 4 -► Fe J -► Fe -► Fe 

-0.04 V 


The diagram includes the three common oxidation states of iron (+3, + 2, 0) 
and the uncommon oxidation state of +6. The number between each pair of 
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species is the standard reduction potential for the reduction half-reaction in¬ 
volving those species. Notice that although the species are indicated, to use the 
information, we have to write the corresponding complete half-reaction. For 
the simple ions, writing the half-reaction is very easy. 

For example, for the reduction of iron(III) ion to iron(II) ion, we simply write 

F e? + (aq) + e“ ->F e 2+ (aq) E e = +0.77 V 

Flowever, for the reduction of ferrate ion, Fe0 4 2_ , we have to balance the oxy- 
gen with water, then the hydrogen in the added water with hydrogen ion, and 
finally the charge with electrons: 

Fq 0 4 2 ~ (aq) + 8 FL + (aq) + 3 e _ —» 

F e 3+ (aq) + 4H 2 0 (/) E e = +2.20 V 

Latimer diagrams display the redox information about a series of oxidation 
states in a very compact form. More than that, they enable us to predict the 
redox behavior of the species. For example, the high positive value between 
the ferrate ion and the iron(III) ion indicates that the ferrate ion is a strong 
oxidizing agent (that is, it is very easily reduced). A negative number indicates 
that the species to the right is a reducing agent. In fact, iron metal can be used 
as a reducing agent, itself being oxidized to the iron(II) ion. 

Let us look at another example of a reduction potential diagram, that for 
oxygen in acid solution: 


0 -1 -2 
^ +0.68 V TT ^ +1.78 V tt ^ 

o 2 -^ H 2 0 2 -► h 2 o 

+ 1.23 V 


With a reduction potential of +1.78 V, hydrogen peroxide is a strong oxidiz¬ 
ing agent with respect to water. For example, hydrogen peroxide will oxidize 
iron(II) ion to iron(III) ion: 

H 2 0 2 (a<?) + 2H + (a 9 ) + 2e"+2 H z O(/) E e = +1.78 V 

Fe 2+ (aq) —»Fe 3+ (aq) + e~ E e = -0.77 V 

The diagram tells us something else about hydrogen peroxide. The sum of 
the potentials for the reduction and oxidation of hydrogen peroxide is posi¬ 
tive ( + 1.78 V - 0.68 V). This value indicates that hydrogen peroxide will 
disproportionate: 

H 2 0 2 (aq) + 2 H + (aq) + 2 e'+2H 2 0(/) E e = +1.78 V 

H 2 0 2 (aq) -> 0 2 (g) + 2 H + (aq) + 2 e“ E e = -0.68 V 

Summing the two half-equations gives the overall equation 

2 H z O 2 (aq) -+ 2 H 2 0(/) + 0 2 (g) E e = +1.10 V 

Even though the disproportionation is thermodynamically spontaneous, it 
is kinetically very slow. The decomposition happens rapidly, however, in the 
presence of a catalyst such as iodide ion or many transition metal ions. Our 
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bodies contain the enzyme catalase to catalyze this reaction and destroy 
harmful hydrogen peroxide in our cells. 

In all the examples used so far in this section, the reactions occur in acid 
solution. The values are sometimes quite different in basic solution, because 
of the presence of different chemical species at high pH. For example, as the 
diagram at the beginning of this section shows, iron metal is oxidized in acid 
solution to the soluble iron(II) cation: 

Fe(s) —»Fe 2 + (ag) + 2e _ 

However, in basic solution, the iron(II) ion immediately reacts with the hydroxide 
ion present in high concentration to give insoluble iron(II) hydroxide: 

Fe(s) + 2 0H"(^)->Fe(0H) 2 (j) + 2e“ 

Thus, the Latimer diagram for iron in basic solution (shown in the following) 
contains several different species from the diagram under acid conditions, and, 
as a result, the potentials are different: 


6+ 3+ 2+ 0 


Fe0 4 2 - ► Fe(OH) 3 ~° 56 V ► Fe(OH) 2 ~ Q ' 89V > Fe 


We see that in basic solution iron(II) hydroxide is easily oxidized to iron(III) 
hydroxide (+0.56 V), and the ferrate ion is now a very weak oxidizing agent 
(+0.9 V in basic solution, 2.20 V in acid solution). 

Although Latimer diagrams are useful for identifying reduction potentials 
for specific redox steps, they can become very complex. For example, a diagram 
for the five species of manganese has 10 potentials relating the various pairs of 
the five species. It is tedious to sort out the information that is stored in such 
a complex diagram. For this reason, it is more useful to display the oxidation 
states and their comparative energies as a two-dimensional graph. This is the 
topic of the next section. 

8.10 Frost (Oxidation State) Diagrams 

It is preferable to display the information about the numerous oxidation states 
of an element as an oxidation state diagram, or a Frost diagram , as it is some¬ 
times called. Such a diagram enables us to extract information about the prop¬ 
erties of different oxidation states visually, without the need for calculations. 
A Frost diagram shows the relative free energy (rather than potential) on the 
vertical axis and the oxidation state on the horizontal axis. We have adopted 
the convention that the positive oxidation states are to the left and the nega¬ 
tive to the right, but the reader should be aware that some figures are reversed, 
with positive oxidation states to the right. 
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7 e — 


+0.68 V 


E e = +1.78 V 
1, -0.68 because the 


Energy is expressed as -nE°\ thus, energy values are usually plotted in 
units of volts times moles of electrons for that redox step (V*mol e~). We 
obtain the same value by dividing the free energy by the Faraday constant, 

A G°/F. For consistency, the element in oxidation state 0 is considered 
to have zero free energy. Lines connect species of adjacent oxidation 
states. 

From the Latimer diagram for oxygen shown in the previous section, 
we can construct a Frost diagram for oxygen species in acid solution 
(Figure 8.3). The first point will simply be 0, 0 for dioxygen because its 
free energy is taken to be 0 when its oxidation state is 0. We consider the 
changes per mole of oxygen atoms : 

2 0 2 (g) + H + {aq) + e“ -+^H 2 0 2 {aq) 

^H 2 0 2 {aq) + U + (aq) + e“ ->H 2 0(/) 

Thus, the point for hydrogen peroxide will then be 
oxidation state for oxygen in hydrogen peroxide is -1 and its free energy is 
-1 times the product of the moles of electrons (1) and the half-cell reduction 
potential (+0.68 V). The point for water will be at -2, -2.46 because the oxy¬ 
gen has an oxidation state of -2 and the free energy of the oxygen in water will 
be -(1 X 1.78) units below the hydrogen peroxide point. This diagram enables 
us to obtain a visual image of the redox chemistry of oxygen in acid solution. 
Water, at the lowest point on the plot, must be the most thermodynamically 
stable. Hydrogen peroxide, on a convex curve, will disproportionate. 

All the features of a Frost diagram can be appreciated by studying the 
redox chemistry of manganese (Figure 8.4). From this diagram, we can 
draw the following conclusions: 

1. More thermodynamically stable states will be found lower in the dia¬ 
gram. Thus, manganese(II) is the most stable (from a redox perspective) 
of all the manganese species. 

2. A species that is high and on the left of the plot (such as the perman¬ 
ganate ion, Mn0 4 _ ) will be strongly oxidizing. 

3. A species that is high and on the right of the plot will be strongly re¬ 
ducing. Thus, manganese metal is moderately reducing. 
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FIGURE 8.3 Frost diagram for 
oxygen in acid solution. 



4. A species on a convex curve (such as the manganate ion, Mn0 4 2 , and 
the manganese(III) ion) will tend to disproportionate. 

5. A species on a concave curve (such as manganese(IV) oxide, Mn0 2 ) will 
not disproportionate. The species on either side of a species on a concave curve 
will conproportionate (such as mixing solutions of manganese(III) ion and 
manganate ion will form a precipitate of manganese(IV) oxide). 


FIGURE 8.4 Frost diagram for 
manganese in acid solution. 


However, interpretation of Frost diagrams has caveats. First, the diagram repre¬ 
sents the comparative free energy for standard conditions, that is, a solution of 
concentration 1 moFL -1 at pH 0 (a hydrogen ion concentration of 1 moFL -1 ). 
If the conditions are changed, then the energy will be different, and the relative 
stabilities might be different. 
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As pH changes, the potential of any half-reaction that includes the hydrogen 
ion also changes. But even more important, often the actual species involved 
will change. For example, the aqueous manganese(II) ion does not exist at 
high pH values. Under these conditions, insoluble manganese(II) hydroxide, 
Mn(OH) 2 , is formed. It is this compound, not Mn 2+ , that appears on the Frost 
diagram for manganese(II) in basic solution. 

Finally, we must emphasize that the Frost diagrams are thermodynamic 
functions and do not contain information about the rate of decomposition of 
a thermodynamically unstable species. Potassium permanganate, KMn0 4 , is a 
good example. Even though the reduction of permanganate ion to a more stable 
lower oxidation state of manganese(II) ion is favored, the reaction is kinetically 
slow (except in the presence of a catalyst). Thus, we can still work with perman¬ 
ganate ion solutions (though it is wise to freshly prepare them as needed). 


8.11 Pourbaix Diagrams 

In the last section, we saw how a Frost diagram could be used to compare the 
thermodynamic stabilities of different oxidation states of an element. Frost 
diagrams can be constructed for both acid (pH = 0) and basic (pH = 14) 
conditions. It would be useful to be able to identify the thermodynamically 
stable species at any particular permutation of half-cell potential, E , and pH. 
A French chemist, Marcel Pourbaix, devised such a plot; hence, such plots are 
usually named Pourbaix diagrams after him, although they are also called 
£ e -pH diagrams and predominance-area diagrams. 

Figure 8.5 shows a Pourbaix diagram for the manganese system. The more 
oxidized species, such as permanganate, are found toward the positive-potential 
upper part of the diagram, while the more reduced species, such as manga¬ 
nese metal, are found toward the negative-potential lower part of the diagram. 
Similarly, the more basic species are found to the right (high pH) and the more 
acidic species (low pH) to the left. A vertical divide, such as that between the 
manganese(II) ion and manganese(II) hydroxide, indicates an equilibrium that 
is dependent solely on pH and not on a redox process: 

Mn 2 + {aq) + 2 OH ~{aq) ^ Mn(OH) 2 (s) K sp = 2.0 X 10" 13 

Hence, when manganese(II) is in its standard concentration of 1 mol-L as 
K sp = [Mn 2+ ][OH - ] 2 , then [OH] = V(2.0 X 10“ 13 ) and pH = 7.65. Thus, at a 
pH greater than this, the hydroxide is the preferred form of manganese(II). 

Conversely, a horizontal line will represent a pure redox transformation. An 
example of this is found between manganese metal and the manganese (II) ion: 

Mn 2+ (aq) + 2 e“ ->Mn(s) E e = -1.18 V 

Most boundaries lie between these extremes since they are both pH and 
potential dependent. For example, the reduction of manganese(IV) oxide to 
manganese(II) ion is represented as 

Mn0 2 (^) + 4 H + (aq) + 2 e“ -^Un 2+ (aq) + 2 H 2 0(/) E e = +1.23 V 
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FIGURE 8.5 Pourbaix diagram 
showing the thermodynamically 
stable manganese species as a 
function of standard potential, E e , 
and pH. 


The Nernst expression can then be used to plot the boundary between the two 
states: 


E = E e 


RT [Mn 2+ ] 
2F n [H + ] 4 


Inserting the values of R , T, and F, setting [Mn 2+ ] as 1 mol*L 1 , and converting In 
to log 10 (by multiplying by 2.303) gives 


E = 1.23 V - (0.118)pH 


Substituting different values of pH, we can calculate the corresponding value 
of E and construct the boundary line on the Pourbaix diagram. 

The diagram also shows two shaded lines. The upper shaded line represents 
the oxidation of water: 


\ 0 2 (g) + 2 H + (aq) + 2 e" -+H 2 0(/) E e = +1.23 V 

while the lower shaded line represents the reduction of water to hydrogen gas: 

H 2 O(0 + e“ -> | H 2 (g) + OH'(fl^) E e = -0.83 V 

which under conditions of 1 mol*L _1 H + is represented as 

H + (aq) + e“ \ H 2 (g) E e = 0.00 V 


\ H 2 (g) 
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These two shaded lines represent the boundaries within which reactions in 
aqueous solution are possible. A higher potential and the water will start oxidizing; 
a lower potential and the water will start reducing. So we can see that the per¬ 
manganate ion lies outside the limit of aqueous solutions. However, as we men¬ 
tioned in the previous section, permanganate ion can exist in aqueous solution 
because the decomposition of permanganate ion has a high activation energy 
barrier, providing kinetic stability and slowing the rate of decomposition. 

The manganate ion, Mn0 4 2_ , occupies a tiny niche at very high pH and 
outside the water limits. Thus, to synthesize this ion, we resort to the oxidation 
of manganese(IV) oxide in molten potassium hydroxide: 

Mn0 2 (s) + 4 0H-(K0H)->Mn0 4 2 -(K0H) + 2H 2 0(g) + 2e~ 

It is easier to identify the major aqueous species under different pH and E 
conditions from a Pourbaix diagram, but the study of the relative stabilities of dif¬ 
ferent oxidation states is best accomplished from a Frost diagram. It is important 
to realize that Pourbaix diagrams display only the common thermodynamically 
preferred species. Sometimes species are left off the diagram for simplicity. For 
example, Figure 8.5 does not include the mixed manganese(II) manganese (III) 
oxide, Mn 3 0 4 . Other species do not come in the range of the diagram. Thus, the 
aqueous manganese (III) ion only becomes the thermodynamically stable spe¬ 
cies when [H + ] is about 10 mobL -1 and the potential is about +1.5 V. 


8.12 Redox Synthesis 


Redox reactions are an important means of chemical synthesis. These reactions 
can be accomplished by chemical or electrochemical means. In the case of oxida¬ 
tion reactions, we have many useful chemical reagents, including ozone, hydro¬ 
gen peroxide, and dioxygen (Table 8.3). Thus, we can choose the oxidizing agent 
appropriate to our needs and according to the pH requirements of the reaction. 



Some common oxidizing agents with their corresponding half¬ 
reactions and potentials in acidic and basic solution 


Ozone 


Acid O 3 (g) + 2 H + (aq) + 2e^ O 2 (g) + H 2 0(Z) 
Base 0 3 (g) + H 2 0(/) + 2 e” —» 0 2 (g) + 2 OH”(^) 

Hydrogen peroxide 


E e = +2.08 V 
E e = +1.24 V 


Acid H 2 0 2 (a<7) + 2 H + {aq) + 2 e~ -> 2 H 2 0(Z) 
Base HO 2 ~{aq) + H 2 0(/) + 2 e“ —»3 OH'(a^) 

Dioxygen 


E e = +1.78 V 
E e = +0.88 V 


Acid 0 2 (g) + 4 H + (aq) + 4 e^2H 2 0(I) 
Base 0 2 (g) + 2 H 2 0(/) + 4 e'+4 0H“(fl ? ) 


E e = +1.23 V 
E e = +0.40 V 
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For example, iron(II) hydroxide is oxidized to iron(III) oxide hydroxide in 
the presence of atmospheric oxygen: 

2 Fe(OH) 2 (s) + 0 2 (g) —> 2 FeO(OH)(s) + H 2 0(/) 

But a stronger oxidizing agent such as hydrogen peroxide is needed to oxidize 
chromium(III) hydroxide to chromate ion: 

2 Cr(OH) 3 (s) + 3 U 2 0 2 (aq ) + 4 OU~(aq) ^2 Cr0 4 2 ~ (aq) + 8 H 2 0(/) 

and an extremely strong oxidizing agent to convert xenon trioxide to the 
perxenate ion: 

XeO 3 (aq) + 0 3 (g) + 4 OH~(aq)->Xe0 6 4 ~(aq) + 2H z O(/) + 0 2 (g) 

Electrolytic methods allow the potential to be adjusted to favor the produc¬ 
tion of the required ion. For example, sulfate can be electrolytically oxidized to 
the peroxodisulfate ion: 

2 SO 4 ~(aq) —»S 2 0 8 2_ (ag) + 2e“ 

If the species is not stable in water, oxidation can be accomplished in the solid 
phase. An example is the production of potassium manganate, K 2 Mn0 4 . 

2 Mn0 2 (s) + 4 KOH(/) + 0 2 (g) 2 K 2 Mn0 4 (s) + 2 H 2 (g) 

There is a similarly wide repertoire of reducing agents. Metals, such as zinc, 
are commonly used for the reduction of transition metals in higher oxidation 
states to lower states: 

Zn(s) —»Zn 2+ (ag) + 2e“ 

For example, we can reduce vanadium from its +5 state in the vanadate ion, 
V0 4 3- , to the vanadium(II) ion (see Chapter 20, Section 20.3). 

Hydrazine, N 2 H 4 , is a very convenient strong reducing agent since it is 
oxidized to dinitrogen gas, leaving the other product in the reaction vessel. An 
example is the reduction of iodine to hydrogen iodide: 

N 2 H 4 (aq) + 2 l 2 (aq) -»4 m(aq) + N 2 (g) 

For solid-phase reductions, carbon can be employed: 

PbO(s) + C(s) Pb(.s) + CO(g) 

8.13 Biological Aspects 


Many biological processes, for example, photosynthesis and respiration, in¬ 
volve oxidation and reduction. Some plants, such as peas and beans, are able 
to use bacteria-filled nodules on their roots to convert the dinitrogen in the air 
to the ammonium ion that the plants require. This complex process, known as 
nitrogen fixation, involves the reduction of nitrogen from an oxidation state of 
0 to a - 3 oxidation state. 

In all biological systems, we have to consider both the potential, E , and the 
acidity, pH, simultaneously when trying to decide what species of an element 
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FIGURE 8.6 Pourbaix diagram 
showing the limits of E and pH 
conditions in natural waters 
(dashed line). [Adapted from Gunter 

Faure, Principles and Applications of 

Inorganic Geochemistry (New York: 


+ 1.0 

+0.8 


+0.6 

Macmillan, 1991), p. 324.] 


+0.4 


(A)3 

+0.2 



0.0 



-0.2 



-0.4 



pH 


might be present (and we have to consider kinetic factors as well). Thus, Pour- 
baix diagrams have a particular importance for bioinorganic chemistry and 
inorganic geochemistry. Figure 8.6 shows the limits of pH and E that we find 
in natural waters. The upper dashed line, representing water in contact with 
the atmosphere, corresponds to a partial pressure of dioxygen of 20 kPa, the 
oxygen gas pressure at sea level. Rain tends to be slightly acidic as a result of 
the absorption of carbon dioxide from the atmosphere: 

CO 2 (g) + 2 H 2 0(/) ^ H 3 0 + (^) + HC0 3 “(^) 

Depending on the geology of an area, the water in streams tends to be closer 
to neutral; seawater is slightly basic. Open water is rarely more basic than pH 9 
because of the carbonate-hydrogen carbonate buffer system that is present: 

CO 3 ~{aq) + H 2 0(Z) ^ HCOf (aq) + OH(aq) 

All surface waters, however, are oxidizing as a result of the high partial pres¬ 
sure of dissolved oxygen. 

In a lake or river in which there is a high level of plant or algal growth, the 
level of oxygen is less. As a result, these waters have a lower potential. The low¬ 
est positive potentials occur in environments with a high biological activity and 
no atmospheric contact, typically bogs and stagnant lakes. Under these condi¬ 
tions, anaerobic bacteria flourish, the level of dissolved dioxygen will be close 
to 0, and the environment will be highly reducing. Bogs are also often highly 
acidic because of the decaying vegetation they contain. 
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FIGURE 8.7 Pourbaix diagram 
showing the thermodynamically 
stable sulfur species in aqueous 
solution as a function of potential, 
E, and pH. [Adapted from Gunter 
Faure, Principles and Applications of 
Inorganic Geochemistry (New York: 
Macmillan, 1991), p. 334.] 


Looking at the Pourbaix diagram of sulfur species within the limits of aque¬ 
ous solution (Figure 8.7), we can see that the sulfate ion is the predominant 
species over most of the range of pH and E°. Because the hydrogen sulfate 
ion is the conjugate base of a fairly strong acid, only below about pH 2 is the 
HS0 4 “ ion preferred. Such a situation can occur in mine runoff, the acid condi¬ 
tions often being caused by the oxidation of iron(II) disulfide: 

4 FeS 2 (s) + 15 0 2 (g) + 14 H 2 0(/) -> 

4 Fe(OH) 3 (s) + 8H + (aq) + 8HS0 4 "(flg) 

Over most of the pH range, a more reducing environment, such as in bogs, 
results in the conversion of sulfate ion to elemental sulfur: 

S0 4 2 “(a<7) + 8H + (a ? ) + 6e" ->S(,s) + 4H 2 0(Z) 

In stronger reducing potentials, the sulfur is, in turn, reduced to hydrogen 
sulfide: 

S (s) + 2YL + (aq) + 2e - ~^U 2 S(aq) 

It is this gas that can sometimes be smelled in boggy areas and in many waters 
of volcanic origin (such as those in Yellowstone National Park). Notice that 
aqueous hydrogen sulfide is the predominant reduced species. The reason relates 
to the weakness of this acid. Only under basic conditions will the hydrogen 
sulfide ion predominate: 

H 2 S (aq) + OH ~{aq) ^ US~(aq) + H 2 0(Z) 
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KEY IDEAS 

• Oxidation numbers in a compound can be derived from 
relative electronegativity values. 

• There are periodic patterns in the common oxidation 
numbers of elements. 

• Electrode potentials are thermodynamic functions. 

• Redox information can be summarized by Latimer (re¬ 
duction potential) diagrams. 

EXERCISES 

8.1 Define the following terms: (a) oxidizing agent; 

(b) Latimer diagrams. 

8.2 Define the following terms: (a) Lrost diagrams; 

(b) Pourbaix diagrams. 

8.3 Using the oxidation state rules, determine the 
oxidation number of phosphorus in (a) P 40 6 ; (b) H 3 P0 4 ; 

(c) Na 3 P; (d) PH 4 + ; (e) POCl 3 . 

8.4 Using the oxidation state rules, determine the oxi¬ 
dation number of chlorine in (a) C1L 3 ; (b) C1 2 0; (c) C1 2 0 7 ; 

(d) HC1. 

8.5 Using electron-dot diagrams, determine the oxida¬ 
tion number of sulfur in each of the following compounds: 
(a) H 2 S; (b) SC1 2 ; (c) H 2 S 2 ; (d) SL 6 ; (e) COS (structure 

o=c=s). 

8.6 Using electron-dot diagrams, determine the formal 
charges and the oxidation numbers for each element in 
SOCl 2 . 

8.7 What are the likely oxidation states of iodine in its 
compounds? 

8.8 What would you predict to be the highest oxidation 
state of xenon in its compounds? What other oxidation 
states are likely? 

8.9 Lor each of the following compounds, deduce the 
oxidation number of the nonhalogen atom and identify 
the trend in oxidation numbers in the series: (a) indium(I) 
iodide, Ini; (b) tin(II) chloride, SnCl 2 ; (c) antimony tribro¬ 
mide, SbBr 3 ; (d) tellurium tetrachloride, TeCl 4 ; (e) iodine 
pentafluoride, IL 5 . 

8.10 Identify the changes in oxidation states in the fol¬ 
lowing equations: 

(a) Mg(s) + LeSO 4 (ag)—»Le(s) + MgS0 4 (ag) 

(b) 2 HN0 3 (^) + 3 H 2 S (aq) 

2 NOW + 3S(s) + 4 H 2 O(0 


• Lrost (oxidation state) diagrams can be constructed to 
provide redox information in a visual manner. 

• To identify the predominant species under particu¬ 
lar potential and pH conditions, Pourbaix diagrams are 
used. 

• Pourbaix diagrams are useful for the identification of 
species in aqueous environments. 


8.11 Identify the changes in oxidation states in the fol¬ 
lowing equations: 

(a) NiO(s) + C(s) ->Ni(s) + CO(g) 

(b) 2 MnO 4 ~(aq) + 5 H 2 S0 3 (^) + H + (aq) -> 

2 Mn 2+ (a ? ) + 5 HS0 4 “(a ? ) + 3 H z O(/) 

8.12 Write a half-reaction for the following reduction in 
acid solution: 

H 2 Mo0 4 (ag) —> Mo 3 + (aq) 

8.13 Write a half-reaction for the following oxidation in 
acid solution: 

NH 4 + (^)^N0 3 “(^) 

8.14 Write a half-reaction for the following oxidation in 
basic solution: 

S 2 ~~ (aq) —» S0 4 2 ~~ (aq) 

8.15 Write a half-reaction for the following oxidation in 
basic solution: 

N 2 H 4 (^)->N 2 (g) 

8.16 Balance the following redox reactions in acidic 
solution: 

(a) Fe 3 + (aq) + \ 2 (aq) ^Fq 1+ (aq) + 1“ (aq) 

(b) Ag (s) + Cr 2 0 7 2 “ (aq) —> Ag + (aq) + Cr 3+ (aq) 

8.17 Balance the following redox reactions in acidic 
solution: 

(a) HBr(aq) + HBr0 3 (aq) —> Br 2 (aq) 

(b) HN0 3 (a<?) + Cu(s) —> N0 2 (g) + Cu 2+ {aq) 

8.18 Balance the following redox equations in basic 
solution: 

(a) Ce 4+ (aq) + l~(aq) —> Ce 3 + (aq) + IO 3 ~ (aq) 
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(b) Alfs) + Mn0 4 “(a<jr) —» 

Mn0 2 (s) + Al(OH) 4 “(ag) 

8.19 Balance the following redox reactions in basic solution: 

(a) V(s) + C10 3 " (aq) -> HV 2 0 7 3 “ (aq) + C\~(aq) 

(b) S 2 0 4 2 ~(aq) + O 2 (g) -+ SO ?~(aq) 

8.20 Use standard reduction potentials from online Ap¬ 
pendix 9 to determine which of the following reactions will 
be spontaneous under standard conditions: 

(a) S0 2 (aq) + Mn0 2 (^)^Mn 2+ (^) + SO 4 ~(aq) 

(b) 2 H + (aq) + 2 Br~(aq) -+H 2 (g) + Br 2 (aq) 

(c) Ce 4+ (ag) + Fe 2 + (aq) -+ Ce 3 + (aq) + F e 3 + (aq) 

8.21 Use standard reduction potentials from online Ap¬ 
pendix 9 to determine which of the following dispropor¬ 
tionation reactions will be spontaneous under standard 
conditions: 

(a) 2 Cu + (aq) —» Cu 2 + (aq) + Cu(s) 

(b) 3 Fe 2+ (aq) ^ 2 Fe 3 + (aq) + F e(s) 

8.22 Use standard reduction potentials from online Ap¬ 
pendix 9 to suggest a chemical reagent that could be used 
to oxidize hydrochloric acid to chlorine gas. 

8.23 Use standard reduction potentials from online 
Appendix 9 to suggest a chemical reagent that could be 
used to reduce chromium(III) ion to chromium(II) ion. 

8.24 Silver can exist in two oxidation states, the more 
common silver(I) and the rarer silver(II): 

Ag + (aq) + e" ->Ag(s) E e = +0.80 V 

Ag 2 + (aq) + 2 e" -> Ag(s) E e = +1.98 V 

(a) Is the silver(I) ion a good oxidizing agent or a 
good reducing agent? 

(b) Which of the following is the most feasible 
reagent for oxidizing silver(I) ion to silver(II) ion: 
difluorine, fluoride ion, diiodine, iodide ion? 

(c) You are thinking of preparing silver(I) hydride, 
for which 

\ H 2 (g) + e“ ~(aq) E e = -2.25 V 

Do you think the compound is likely to be thermo¬ 
dynamically stable? Explain your reasoning. 

8.25 For the two half-reactions 

A1 3 + (aq) + 3 e“ -> Al(j) E e = -1.67 V 

Au 3+ (a< 7 ) + 3e“-»Au(s) E e = +1.46 V 


(a) Identify the half-reaction that would provide 
the stronger oxidizing agent. 

(b) Identify the half-reaction that would provide 
the stronger reducing agent. 

8.26 Calculate the half-reaction potential for the reaction 
Au 3+ (^) + 2 e“ Au + {aq) 

given 

Au 3 + (aq) + 3 e" ^Au(s) E e = +1.46 V 

Au + (aq) + e“ ->Au (s) E e = +1.69 V 

8.27 From the standard reduction potential value in on¬ 
line Appendix 9, calculate the half-cell potential for the re¬ 
duction of lead(II) ion to lead metal in a saturated solution 
of lead(II) sulfate, concentration 1.5 X lCT 5 moFL _1 . 

8.28 From the standard reduction potential value in online 
Appendix 9, calculate the half-cell potential for the reduction 
of aqueous permanganate ion to solid manganese(IV) oxide at 
a pH of 9.00 (all other ions being at standard concentration). 

8.29 From the standard reduction potential value in on¬ 
line Appendix 9, calculate the potential for the reduction of 
oxygen gas 

0 2 (g) + 4 H + (aq) + 4 e" + 2H 2 0(/) 

at pH 7.00 and normal atmospheric partial pressure of dioxy¬ 
gen, 20 kPa. Note that functions in logarithms should be unit¬ 
less. Hence, divide the pressure value by the standard pressure 
of 100 kPa before inserting into the Nernst function. 

8.30 The following Latimer potential diagram shows bro¬ 
mine species under acidic conditions: 

Br0 4 - +1 -82v > Br0 3 ~ +L49V > HBrO +159V > 

Br 2 +L07 v ► Br~ 

(a) Identify which species are unstable with re¬ 
spect to disproportionation. 

(b) Determine the half-potential for the reduction 
of the bromate ion, Br0 3 ~(ag), to bromine. 

8.31 The following Latimer potential diagram shows bro¬ 
mine species in basic conditions: 

Br0 4 ~ +0 99 V » BrCV +Q 54V » BrO“ — - » 

Br 2 +LQ7V » Br" 

(a) Identify which species are unstable with re¬ 
spect to disproportionation. 
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(b) Determine the half-potential for the reduction 
of the bromate ion, BrO 3 ~(ag), to bromine. 

(c) Explain why the bromine to bromide half¬ 
potential has the same value in both acidic and basic 
solutions. 

8.32 The Frost diagram below shows lead species (con¬ 
nected by a solid line) and silicon species (connected by a 
dashed line). 



Oxidation state 


(a) Identify a strong oxidizing agent. 

(b) Which is the most thermodynamically stable 
lead species? 

(c) Which is the most thermodynamically stable 
silicon species? 

(d) Which species could potentially dispropor¬ 
tionate? 

8.33 Construct a Frost diagram for cerium and discuss 
the relative stability of the oxidation states, given 

Ce 3+ (aq) + 3 e~ ^Ce(s) £ e = -2.33 V 

Ce 4+ (aq) + e^>C e 3+ (aq) E e = +1.70 V 

8.34 From the Pourbaix diagram in Figure 8.7, identify 
the thermodynamically preferred sulfur species at a pH of 
7.0 and an E of 0.0 V. 

8.35 Is the perchlorate ion a stronger oxidizing agent at 
pH 0.00 or at pH 14.00? Give your reasoning. 


BEYOND THE BASICS 

8.36 Diarsenic trisulfide, As 2 S 3 , is oxidized to arsenate 
ion, As0 4 3_ , and sulfate ion by nitrate ion in acidic solution, 
the nitrate ion being oxidized to gaseous nitrogen monox¬ 
ide. Write a balanced equation for the reaction and identify 
the changes in oxidation number. 

8.37 Below about 710°C, the oxidation of carbon to car¬ 
bon dioxide is preferred for metal reductions, but above 
that temperature, the oxidation of carbon to carbon mon¬ 
oxide is more effective. Discuss this statement qualitatively 
and then use a pair of AG e calculations to find an approxi¬ 
mate value for the changeover temperature. 

8.38 Construct a Pourbaix diagram for the nickel system. 
The only four species you will need to consider are nickel 
metal, nickel(II) ion, nickel(II) hydroxide (K sp = 6 X 1CT 16 ), 
and nickel(IV) oxide. Use standard reduction potentials 
from online Appendix 9. 

8.39 Use the Pourbaix diagram in Figure 8.5 to suggest 
why, in well water containing manganese, a dark solid stain 


of an insoluble manganese compound forms in a toilet bowl 
even though the original well water is completely clear. 

8.40 Use the standard electrode potential given in online 
Appendix 9 for 

MnO 4 ~(aq) + 4 H + {aq) + 3e“^> 

Mn0 2 (s) + 2 H 2 0(ag) 

and show that the value of E e obtained for a pH of 14.00 is 
the same as that given in the appendix for the half-reaction 

MnO 4 ~(aq) + 2 H 2 0(/) + 3 e“ —> 

Mn0 2 (s) + 4 OH ~{aq) 

Suggest why it would be meaningless to calculate the E e 
value for 

MnO 4 ~(aq) + 8 ¥L + (aq) + 5e“^> 

Mn 2 + (aq) + 4 H 2 0(/) 

at pH 14.00. 


ADDITIONAL RESOURCES 


For answers to odd-numbered questions: www.whfreeman.com/descriptive5e 


& 


For accompanying video clips: www.whfreeman.com/descriptive5e 
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Inorganic chemistry covers the chemistry of over 100 elements. Though each 
element has its individual characteristics, there are patterns and trends that 
provide a framework of order. It therefore makes sense to compile these 
global features in one chapter prior to an examination of each group. This 
overview chapter can then be used as a starting point for the discussion of the 
important and unique aspects of each element. 


A s chemists, we become used to the standard short form of 
the periodic table. This is indeed the most useful form, but it 
has its disadvantages. For example, the lanthanoids and actinoids 
are “orphaned” at the bottom of the table. Over the last 100 years, 
there have been many attempts to arrange the elements in the best- 
possible format. In particular, the common formats fail to show the 
continuity of the elements. This can be remedied by the spiral ar¬ 
rangement shown in Figure 9.1. Such a spiral form avoids unnatural 
gaps between blocks and shows the progression into the lanthanoids 
and actinoids. 

The reason for introducing alternative forms of the periodic table 
is to illustrate how the design of the table affects our perception of 
pattern and trends. We look at the short form of the table and search 
for patterns vertically and horizontally. Such trends do exist. But as we 
will see later in this chapter, beyond the groups and periods, there is 
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FIGURE 9.1 The spiral form of 
the periodic table (modified from a 
design by Ted Benfy). 



a greater richness of trends and patterns among elements and the compounds 
and ions they form. 

In this chapter, we will include only patterns, trends, and similarities that 
span several elements while more specific similarities will be covered in the 
relevant chapter. Thus, we cover the similarity of ammonium ion to alkali metal 
cations in Chapter 11, Section 11.14; the similarity of cyanide ion to halide ions 
in Chapter 17, Section 17.11; the vanadium-manganese-chromium triad and 
the iron-cobalt-nickel triad in Chapter 20, Section 20.1; and the similarity of 
iron(III) ion and aluminum ion in Chapter 20, Section 20.6. 

9.1 Group Trends 

The most significant and consistent trends in the periodic table are those within 
the groups. We can define the relationship as 

Groups of elements tend to have characteristic properties. Descending a group 

in the periodic table, there are often smooth trends in these properties. 

There are four main groups in which those trends are most clearly defined: 
Groups 1 and 2 and Groups 17 and 18. For Groups 13 through 16, some of the 
trends are much less systematic as a result of the shift down the group from 
nonmetallic, through semimetallic, to metallic properties. In this section, we 
will focus on the trends in three of the main groups: the alkali metals (Group 1), 
the halogens (Group 17), and the pnictogens (Group 15). 
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The Alkali Metals 

For the groups containing metals, such as the alkali metals, there is a decrease 
in melting and boiling point down the group (Table 9.1). This trend can be 
explained in terms of the weakening metallic bond as the atomic radius of the 
metal increases. 


TABLE 9.1 

Melting points, boiling points, and bonding types for the Group 1 
elements 

Element 

Melting point (°C) 

Boiling point (°C) 

Bonding category 

Lithium 

180 

1330 

Metallic 

Sodium 

98 

892 

Metallic 

Potassium 

64 

759 

Metallic 

Rubidium 

39 

700 

Metallic 

Cesium 

29 

690 

Metallic 


Though all of the alkali metals are very reactive, reactivity increases spec¬ 
tacularly down the group. The best illustration is the reaction with water to 
give the metal hydroxide and hydrogen gas: 

2 M (s) + H 2 0(/)^2M0H(^) + H 2 (g) 

Lithium bubbles quietly to produce the hydroxide and hydrogen gas. Sodium 
melts, skating around on the water surface as a silvery globule, and the hydrogen 
that is produced usually burns. For the heavier members of the group, the reac¬ 
tion is extremely violent: explosions often occur when small chunks of rubidium 
and cesium are dropped into water. The explosions are the result of the ignition 
of the dihydrogen gas. 

The Halogens 

For the nonmetal groups, such as the halogens, the trend in melting and boil¬ 
ing points is the reverse to that of Group 1, with the values increasing down the 
group (Table 9.2). For these elements, the explanation lies with the intermolecular 
forces between neighboring diatomic molecules. As we discussed in Chapter 3, 
Section 3.12, the dispersion forces increase in strength with the number of elec¬ 
trons, thus accounting for the trend. 


TABLE 9.2 

Melting points, boiling points, and bonding type for the Group 17 
elements 

Element 

Melting point (°C) 

Boiling point (°C) 

Bonding category 

Fluorine 

-219 

-188 

Covalent 

Chlorine 

-101 

-34 

Covalent 

Bromine 

-7 

60 

Covalent 

Iodine 

114 

185 

Covalent 
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Just as the physical properties of the halogens are in reverse order to those 
of the alkali metals, so are the chemical reactivities. An illustration in this case 
is the reaction with hydrogen: 

H 2 (g) + X 2 (g) —>• 2 HX(g) 

A hydrogen and fluorine mixture is explosive. In fact, the dihydrogen-difluorine 
reaction was once considered as a rocket propellant. The reaction with chlorine 
is violent but needs catalysis by light. Reaction with bromine is slow, and that 
with heated iodine vapor gives an equilibrium mixture of hydrogen iodide, 
hydrogen, and iodine. 

The Group 15 Elements 

Having seen the changes down a metallic group and then down a nonmetallic 
group, we will see the behavior of a group in which there is a transition from 
nonmetallic to metallic behavior. The melting and boiling points of the Group 15 
elements (Table 9.3) are illustrative of the pattern found for Groups 13 through 16. 


TABLE 9.3 

Melting points, boiling points, and bonding types for the 

Group 15 elements 

Element 

Melting point (°C) 

Boiling point (°C) 

Bonding categories 

Nitrogen 

-210 

-196 

Covalent 

Phosphorus 

44 

281 

Covalent 

Arsenic 

615(sub) 

Network covalent 

Antimony 

631 

1387 

Metallic 

Bismuth 

271 

1564 

Metallic 


The colorless nonmetal nitrogen, N 2 , has only weak dispersion forces between 
its molecules, accounting for its very low melting and boiling points. Phosphorus, 
too, is a nonmetal. The melting and boiling points listed here are for the white 
tetraphosphorus, P 4 , allotrope. (The bonding in phosphorus allotropes is discussed 
in more detail in Chapter 15, Section 15.14.) With a higher number of electrons 
per atom and a cluster of four atoms, higher melting and boiling points are to be 
expected. 

Arsenic, antimony, and bismuth are all gray solids with electrical and thermal 
conductivity increasing down the series. Arsenic has a layer structure containing 
network covalent bonding. These moderately strong covalent bonds must be bro¬ 
ken to escape the solid phase. In fact, arsenic sublimes directly into the gas phase 
when heated strongly, converting to As 4 molecular clusters analogous to those of 
phosphorus. Antimony and bismuth have similar solid-state structures, but there is 
much more interaction between layers, giving a predominantly metallic bonding 
type. Antimony and bismuth have the long liquid range characteristic of metals. 

There is not a consistent trend in chemical reactivity descending this group. 
Nitrogen is unreactive, while white phosphorus is extremely reactive and the 
other Group 15 elements are also unreactive. This variation makes the point 
that trends in element reactivity are only apparent when the members of the 
group share a common bonding type. 
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In the chemistry of the compounds, we also see a transition in behavior from 
typical nonmetallic to metallic. The nonmetals readily form stable oxo-anions: 
nitrate, N0 3 _ ; phosphate, P0 4 3- ; as does the semimetal, arsenate, As0 4 3_ . The 
syntheses of oxo-anions of the metals, antimony and bismuth, are more dif¬ 
ficult, though they do exist, one example being the strong oxidizing agent, the 
bismuthate ion, Bi0 3 - . Exhibiting typical metallic behavior, both antimony and 
bismuth form salts, such as antimony(III) sulfate, Sb 2 (S0 4 ) 3 , and bismuth(III) 
nitrate, Bi(N0 3 ) 3 .The formation of cations is consistent with their metallic nature. 
However, the fact that these elements form oxo-anions at all indicates they fit 
the category of weak metals. 

9.2 Periodic Trends in Bonding 

We will look first at the trends in the properties of elements across the second 
and third periods and relate the properties to the bonding type. We will see that 
element bonding trends follow the metallic-covalent side of the bond triangle 
(see Chapter 5, Section 5.5). Then we will examine patterns in the fluorides, 
oxides, and hydrides of these two periods. There are usually systematic trends 
in the formulas of compounds across a period. However, there are rarely 
smooth trends in the physical and chemical properties of the compounds since 
the bonding type changes from ionic, through network covalent, to small-molecule 
covalent (the second side of the bond triangle). Thus, our definition of trends 
across a period is best stated as 

Crossing a period, we observe systematic patterns in chemical formulas of the 
compounds formed by the elements. In addition, there are partial trends in 
physical and chemical properties of the elements. 

The Second Period Elements 

The melting points of the Period 2 elements (Table 9.4) show a rapid increase 
in value, followed by an abrupt drop. However, the apparent trend in the first 
part of the period masks a significant change in bonding type. Lithium and 
beryllium are both metals, being shiny with high electrical conductivities, yet they 
differ profoundly in their properties. Lithium, with only one outer electron and 
a comparatively large size, has weak metallic bonding resulting in a low melt¬ 
ing point and a high chemical reactivity. Beryllium, on the other hand, has two 
outer electrons for metallic bonding and a much smaller radius. Hence, it has a 
strong metallic bond, resulting in a high melting point. 


TABLE 9.4 

Melting points and bonding types of the Period 2 elements 

Element 

Li 

Be 

B 

C 

N 2 

o 2 

f 2 

Ne 

Melting 

180 

1287 

2180 

4100(sub) 

-210 

-229 

-219 

-249 

point (°C) 









Bonding 

Metallic 

Metallic 

Network 

Network 

Covalent 

Covalent 

Covalent 

Covalent 

categories 



covalent 

covalent 
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Because boron follows the trend in increasing melting points, it is tempting 
to think that it, too, has metallic bonding. This cannot be the case since the 
pure element is dark red by transmitted light and a poor electrical conductor. 
Instead, boron is often classified as semimetallic. The element has a unique 
structure consisting of B 12 units with the atoms joined by covalent bonds within 
the units and also between neighboring B 12 units (see Chapter 13, Section 13.1). 
To melt boron necessitates the breaking of these linking covalent bonds, account¬ 
ing for the very high melting point. The other high-melting element is carbon. 
Graphite, the common form of carbon, sublimes at over 4000°C. This nonmetal 
consists of layers of multiple-bonded carbon atoms. Thus, as with boron, very 
strong network covalent bonds must be broken for the melting process. 

The next three members of the period—nitrogen, oxygen, and fluorine— 
form diatomic molecules. The pairs of atoms are held together by covalent 
bonds. Between neighboring molecules, there are very weak dispersion forces, 
accounting for the very low melting points of these elements. These second 
period nonmetals prefer multiple bonding when possible; thus, the dinitrogen 
molecule contains a triple bond and dioxygen, a double bond. Difluorine has a 
single bond, while the noble gas neon is monatomic. 

The Third Period Elements 

In this period (Table 9.5), the first three elements have metallic bonding. Then, 
like the second period, the next member, shiny blue-gray silicon, an electrical 
semiconductor, has network covalent bonding. 

The nonmetals of the third and subsequent periods do not exhibit multiple 
covalent bonds in their common forms. For example, one allotrope of phosphorus 
is a waxy, white solid, containing groups of four atoms—P 4 units—bound together 
by single covalent bonds (see Chapter 15, Section 15.14). Similarly, yellow sulfur 
has S 8 rings in which the constituent atoms are held together by single covalent 
bonds (see Chapter 16, Section 16.12). Chlorine, like all the halogens, is found as 
simple, covalently bonded diatomic molecules. It is the weakness of the dispersion 
forces between the small molecules that results in the low melting points of these 
elements. Finally, argon is a monatomic gas, like all the other noble gases, account¬ 
ing for its lowest melting point of the period. 


TABLE 9.5 

Melting points and bonding types of the Period 3 elements 




Element 

Na 

Mg 

A1 

Si 

p 4 

S 8 

Cl 2 

Ar 

Melting 
point (°C) 

98 

649 

660 

1420 

44 

119 

-101 

-189 

Bonding 

categories 

Metallic 

Metallic 

Metallic 

Network 

covalent 

Covalent 

Covalent 

Covalent 

Covalent 


Highest Fluorides of the Second and Third Periods 

Just as the progression of the elements across the second and third periods 
demonstrates the transition from metallic to covalent bonding, so there is a 
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TABLE 9.6 1 

Formulas, bonding types, and phases at room temperature 
and 3 elements 

of the highest fluorides of the Periods 2 

Compound 

LiF 

BeF 2 

BF 3 

cf 4 

NF 3 

of 2 

— 

Bonding 

type 

(phase) 

Ionic 

(solid) 

Network 

covalent 

(solid) 

Covalent 

(gas) 

Covalent 

(gas) 

Covalent 

(gas) 

Covalent 

(gas) 

— 

Compound 

NaF 

MgF 2 

aif 3 

SiF 4 

pf 5 

sf 6 

C1F S 

Bonding 

type 

(phase) 

Ionic 

(solid) 

Ionic 

(solid) 

Network 

covalent 

(solid) 

Covalent 

(gas) 

Covalent 

(gas) 

Covalent 

(gas) 

Covalent 

(gas) 


transition in the fluorides of these elements from ionic to covalent (Table 9.6), 
with the network covalent region marking the borderline between the two 
bonding categories. We have stipulated the highest (oxidation-state) fluorides 
since several of the nonmetals form more than one fluoride. For example, 
phosphorus also forms phosphorus trifluoride, PF 3 , and sulfur also forms sulfur 
tetrafluoride, SF 4 . 

The melting point of the ionic compounds is high since the melting pro¬ 
cess involves the breaking of ionic bonds in the crystal lattice. The melting 
points of network covalently bonded compounds also tend to be very high 
since covalent bonds must be broken in the process. In contrast, the melting 
and boiling points of the (small-molecule) covalent compounds tend to be 
very low since the intermolecular forces, such as dispersion and dipole-dipole, 
are weaker. 

The trends in the formulas themselves are interesting. Crossing the second 
period, the formulas rise to a maximum element-fluorine ratio at carbon, then 
decrease again. This trend is explicable in terms of the covalent bonding of 
the later second period being limited to a maximum of eight electrons. For the 
third period elements, the oxidation number of the other element increases 
smoothly until sulfur. On the basis of the other fluorides and the oxidation 
number trend, chlorine would be expected to form chlorine heptafluoride, 
C1F 7 . The nonexistence of this compound is often attributed to the steric im¬ 
possibility of fitting seven fluorine atoms around a central chlorine atom. 

Highest Oxides of the Second and Third Periods 

The formulas of the highest (oxidation-state) oxides, like those of the fluo¬ 
rides, correlate with the group number of the non-oxygen element, that is, 
+ 1 (Group 1), +2 (Group 2), +3 (Group 13), +4 (Group 14), +5 (Group 15), 
+6 (Group 16), and +7 (Group 17). The one exception is oxygen difluoride, 
the only oxide in which the other element has a higher electronegativity than 
oxygen. As can be seen from Table 9.7, like the fluorides, there is a diagonal 
band of compounds adopting network covalent structures separating the ionic 
and covalently bonded regions. 
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TABLE 9.7 1 

Formulas, bonding types, and phases at room temperature 
and 3 elements 

of the highest oxides of the Periods 2 

Compound 

Li 2 0 

BeO 

b 2 o 3 

co 2 

N 2 o 5 

— 

f 2 o 

Bonding 

type 

(phase) 

Ionic 

(solid) 

Ionic 

(solid) 

Network 

covalent 

(solid) 

Covalent 

(gas) 

Covalent 

(gas) 

— 

Covalent 

(gas) 

Compound 

Na 2 0 

MgO 

ai 2 o 3 

Si0 2 

O 

® 

(S0 3 ) 3 

ci 2 o 7 

Bonding 

type 

(phase) 

Ionic 

(solid) 

Ionic 

(solid) 

Ionic 

(solid) 

Network 

covalent 

(solid) 

Covalent 

(solid) 

Covalent 

(solid) 

Covalent 

(liquid) 


The stability of the covalent oxides decreases to the right, as can be seen 
from the free energies of formation (Table 9.8). Dinitrogen pentoxide, oxygen 
difluoride, and dichlorine heptaoxide are all very strong oxidizing agents, them¬ 
selves being reduced. Dichlorine heptaoxide decomposes explosively (thus, its 
A Gf value is not known precisely), while dinitrogen pentoxide is only stable 
below room temperature. Such behavior is expected since the free energies of 
formation of these three compounds are all positive. 


Free energy of formation of the highest oxidation state covalent 
oxides of the Periods 2 and 3 elements 

Compound 

B 2 o 3 

co 2 

n 2 o 5 

— 

f 2 o 

AG® (kJmol -1 ) 

-1194 

-386 

+ 115 

— 

+42 

Compound 


Si0 2 

PAo 

(so 3 ) 3 

ci 2 o 7 

AG® (kJ-niol -1 ) 


-856 

-2700 

-371 

>+270 


Bonding Trends in the Hydrides of the Second and Third Periods 

The formulas of the hydrides correlate with the lowest common oxidation state 
of the nonhydrogen element, that is, +1 (Group 1), +2 (Group 2), +3 (Group 13), 
±4 (Group 14), -3 (Group 15), -2 (Group 16), and -1 (Group 17). Table 9.9 


TABLE 9.9 1 

Formulas, bonding types, and phases at room temperature 
and 3 elements 

of the hydrides of the Periods 2 


Compound 

LiH 

<BeH 2 ) x 

b 2 h 6 

ch 4 

nh 3 

h 2 o 

HF 

Bonding 

type 

(phase) 

Ionic 

(solid) 

Network 

covalent 

(solid) 

Covalent 

(gas) 

Covalent 

(gas) 

Covalent 

(gas) 

Covalent 

(liquid) 

Covalent 

(liquid) 

Compound 

NaH 

MgH 2 

(AlHj), 

SiH 4 

PH 3 

h 2 s 

HC1 

Bonding 

type 

(phase) 

Ionic 

(solid) 

Ionic 

(solid) 

Network 

covalent 

(solid) 

Covalent 

(gas) 

Covalent 

(gas) 

Covalent 

(gas) 

Covalent 

(gas) 
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shows the patterns in bonding for the hydrides of Periods 2 and 3. The non- 
metal hydrides are small-molecule covalent with very low boiling points; in 
fact, all are gases at room temperature except for water and hydrogen fluoride. 
These two particular hydrides are liquids as a result of the strong (intermolecu- 
lar) hydrogen bonds (see Chapter 3, Section 3.12). Again we see the bonding 
pattern of ionic to network covalent to covalent on crossing the periods. 

It is in the chemical reactivity of the hydrides that we see the major differ¬ 
ences. The ionic hydrides, such as sodium hydride, are stable in dry air but react 
rapidly with water: 

NaH(s) + H 2 O(O-»NaOH(fl 0 ) + H 2 (g) 

The polymeric covalent hydrides are also dry-air stable and react with water. 

The small-molecule covalent hydrides do not react with water, but in the 
trend from left to right, their reactivity toward oxygen decreases. For example, 
diborane, B 2 H 6 , spontaneously burns in air to form diboron trioxide: 

B 2 H 6 (g) + 3 0 2 (g) —»B 2 0 3 (s) + 3 H 2 0(/) 

Silane, SiH 4 , is also spontaneously flammable in air, while phosphine, PH 3 , 
often ignites due to trace impurities. Methane, ammonia, and hydrogen sulfide 
need an ignition source before they will burn. The flammability of the non- 
metal hydrides correlates with the pattern in the free energy of formation of 
the compounds (Table 9.10). Thus, the three most reactive hydrides are actu¬ 
ally thermodynamically unstable. In Chapter 10, Section 10.4, we will see that 
the pattern in hydride reactivity can be interpreted in terms of bond polarity. 


Free energy of formation of the gaseous covalent hydrides of the 
Periods 2 and 3 elements 

Compound 

B 2 H 6 

ch 4 

NH 3 

h 2 o 

HF 

AG? (Minor 1 ) 

+87 

-51 

-16 

-237 

-275 

Compound 


SiH 4 

PH 3 

h 2 s 

HC1 

AG? (kJ-moF 1 ) 


+57 

+ 13 

-34 

-95 


9.3 Isoelectronic Series in Covalent Compounds 


Among the elements that form covalent compounds, we often find patterns in for¬ 
mulas. One example is that of the highest oxyacids of the third period: Si0 4 4- , 
P0 4 3- , S0 4 2- , and C10 4 + As the number of electrons on the central atom increases 
by one, so the charge decreases by one unit. Thus, all of these four oxyanions are 
isoelectronic . In the strict definition of isoelectronic that we use in this text: 

Isoelectronic species share the same total number of valence electrons and the 
same total sum of electrons. 

If species have the same number of valence electrons but different numbers of 
total electrons (such as C0 2 , CS 2 , and CSe 2 ), then we refer to them as valence 
isoelectronic. 
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FIGURE 9.2 Structure of the 
isoelectronic [Al 6 0 18 ] 18- , [Si 6 0 18 ] 12- , 
and [P 6 0 18 ] 6- ions. 



18—(At) 
12—(Si) 
6 —(P) 


There are numerous sets of isoelectronic species, but a particularly interesting 
trio is that of the cyclic ions: [A1 6 0 18 ] 18_ , [Si 6 0 18 ] 12- , and [P 6 0 18 ] 6- (Figure 9.2). 
These share a common structure, even though in the first ion, the non-oxygen 
element is a metal; the second, a semimetal; and the third, a nonmetal. Calcium 
aluminate, Ca 9 [Al 6 0 18 ], is a major component of cement, while beryllium alumi¬ 
num silicate, Be 3 Al 2 [Si 6 0 18 ], is the mineral and gemstone beryl. 

We can construct isoelectronic matrices across sections of the periodic table; 
for example, Table 9.11 shows the matrix for the diatomic combinations of Period 2 
elements from Groups 14,15, and 16, having 14 total electrons and 10 valence elec¬ 
trons. The dioxygen dication is in parentheses since its existence is fleeting. 


TABLE 9.11 

A matrix of some 14/10 diatomic species of 
the Period 2 elements 


Group 14 Group 15 Group 16 

Group 14 
Group 15 
Group 16 

C 2 2 CN CO 

n 2 no + 

[o 2 2+ ] 


Table 9.12 shows a sequential isoelectronic series, each row having one 
more electron than the row above it. The 22/16 electron triatomic oxo-species 
are linear, and as the number of electrons increase, so the bond angle decreases 
(as predicted by VSEPR theory). 


TABLE 9.12 

Sequential isoelectronic series of some Period 2 oxo-species with 
corresponding bond angles 

Electrons 

Group 14 

Group 15 

Group 16 

Bond angle 

22/16 

co 2 

no 2 + 


180° 

23/17 

co 2 - 

no 2 

o 3 + 

ca. 135° 

24/18 


no 2 _ 

o 3 

ca. 116° 

25/19 



o 3 

114° 
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9.4 Trends in Acid-Base Properties 


As we saw in Chapter 7, Section 7.4, the variations in acid-base behavior are 
an important dimension of inorganic chemistry. Here we review the acid-base 
properties of the oxides and hydrides. 

Highest Oxides of the Second and Third Periods 

Progressing across a period, there is a transition from basic oxide for the metals to 
acidic oxide for the nonmetals (Table 9.13). For example, sodium oxide reacts 
with water to give sodium hydroxide, while sulfur trioxide reacts with water to 
give sulfuric acid: 

Na 2 0(s) + H 2 O(Z)-> 2 NaOH(<i 0 ) 

SO 3 (s) + H 2 0(/) —» H 2 S0 4 (/) 


TABLE 9.13 


Acid-base properties of the highest oxides of the Period 3 elements 


Compound Na 2 0 MgO A1 2 0 3 

Acid-base behavior Basic Basic Amphoteric 


Si0 2 P 4 O 10 (S0 3 ) 3 C1 2 0 7 

Acidic Acidic Acidic Acidic 


Not all oxides react with water; some are insoluble. For example, magnesium 
oxide is water-insoluble but will react with acids: 

MgO(s) + 2 HCl(ag) —> MgCl 2 (aq) + H 2 0(Z) 

while acidic oxides, such as silicon dioxide, will react with bases: 

Si0 2 (s) + 2 NaOH(0 Na 2 Si0 3 (/) + H 2 0(g) 

Aluminum is one of the borderline, or weak, metals. These metals (other ex¬ 
amples are zinc and tin) have chemical properties of both metals and nonmetals. 
Thus, their oxides react with acids (like metals) and bases (like nonmetals). 
For example, aluminum oxide reacts with acids to give the hexaaquaaluminum 
cation, [Al(OH 2 ) 6 ] 3+ , which we can simply represent as A1 3 + (aq), and it reacts 
with bases to give the tetrahydroxoaluminate, [Al(OH) 4 ] _ , anion: 

A1 2 0 3 (s) + 6 H + (aq) —> 2 Al 3 + (aq) + 3 H 2 0(/) 

Al 2 0 3 (s) + 2 OH -(aq) + 3H 2 0(/)^ 2 [Al(OH) 4 ]"(^) 


Highest Oxides of the Group 15 Elements 

Just as there is a transition from basic oxide to acidic oxide across a period, so 
there is a similar pattern down a group in the middle of the periodic table. Here 
we have chosen the Group 15 elements to illustrate the pattern (Table 9.14). 
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TABLE 9.14 

Acid-base properties of the highest oxides of the Group 15 
elements 

n 2 o 5 

O 

O 

As 2 0 3 

Sb 2 0 3 

Bi 2 0 3 

Acidic 

Acidic 

Acidic 

Amphoteric 

Basic 


Covalent Hydrides of the Second and Third Periods 

The nonmetal hydrides show a very different pattern from the oxides (Table 9.15). 
Those of the low electronegativity elements, such as methane, CH 4 , form neu¬ 
tral hydrides. Ammonia is the only common basic hydride: 

NH 3 (aq) + H 2 0(/) ^ NK 4 + (aq) + OH ~(aq) 

while hydrogen chloride is strongly acidic: 

HCl(g) + H 2 0(/)^H 3 0 + (^) + C r{aq) 

hydrogen fluoride less so: 

HF(g) + H 2 0(/) ^ H 3 0 + (aq) + F ~{aq) 

and hydrogen sulfide very much less: 

H 2 S(g) + H 2 0(Z) ^ H 3 0 + (aq) + HS ~{aq) 


Acid-base patterns in the covalent hydrides of the Periods 2 and 3 elements 

Compound 

b 2 h 6 

ch 4 

nh 3 

h 2 o 

HF 

Acid-base behavior 

Neutral 

Neutral 

Basic 

— 

Weakly acidic 

Compound 


SiH 4 

ph 3 

h 2 s 

HC1 

Acid-base behavior 


Neutral 

Neutral 

Very weakly acidic 

Strongly acidic 


9.5 The (n) Group and (n + 10) Group Similarities 


Similarities in formulas between two sets of groups, such as Groups 4 and 14, 
originally led Mendeleev and others to construct a simple eight-column peri¬ 
odic table. When chemists became aware of the importance of atomic number 
in determining periodic order, the resulting 18-column table had group labels 
1 A, IB, etc., to continue to provide a link between the two sets. With the newer 
1-18 numbering, this link is less apparent and is in danger of being forgotten. 
This is regrettable, as there are some interesting parallels that actually rein¬ 
force the concept of periodicity. 

The link is predominantly between compounds and ions of the highest oxi¬ 
dation state of the main group elements and those of the corresponding oxi¬ 
dation state of the matching transition elements. A general definition for this 
relationship is 
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There are similarities in chemical formulas and structures of the highest oxida¬ 
tion state of some members of the (w) Group elements and of the members of 
the corresponding (n + 10) Group elements. 

One can argue on simple electron-configuration or oxidation-state grounds 
that there should be similarities between these two sets, but the similarities go 
far beyond simple formula resemblances. We find some commonality in melt¬ 
ing points, properties, and, in a few cases, unusual corresponding structures. In 
general, the match in formulas and properties is strongest between the Period 3 
main group elements and the first row of the transition metals (Figure 9.3). 

Aluminum and Scandium 

Aluminum and scandium have so many similarities that the Canadian geochemist 
Fathi Habashi has suggested that aluminum’s place in the periodic table should 
actually be shifted to Group 3. Certainly this makes sense from the perspective 
of electron configuration, for the aluminum ion has a noble gas configuration like 
the 3+ ions of the Group 3 elements, whereas the lower Group 13 elements have 
filled (n -1 )d 10 orbitals. 


3(13) 4(14) 5(15) 6(16) 7(17) 12(2) 

A1 
Sc 
Y 
Lu 
Lr 

FIGURE 9.3 This part of the 
periodic table shows d-block 
Groups 3-7 and 12, together with 
the third period members from 
the related main group (group 
numbers in parentheses). 


Si 


Ti 


Zr 


Hf 


Rf 


V 


Nb 


Ta 


Db 


Cr 


Mo 


W 


Sg 


Cl 


Mn 


Tc 


Re 


Bh 


Mg 


Zn 


Cd 


Hg 


Uub 


Group 3 ion 


Sc 3+ 


Electron configuration 


[Ar] 


Group 13 ion 

Al 3+ 

Ga 3+ 


Electron configuration 


[Ne] 

[Ar](3d 10 ) 


The closer resemblance of aluminum to Group 3 in terms of melting point and 
electrode potential can be seen in Table 9.16. 


A comparison of some properties of Group 3 and Group 13 
elements 

Group 3 elements 

Group 13 elements 

Element 

m.p.(°C) 

£®(V) 

Element 

m.p. (°C) 

£®(V) 

— 

— 

— 

A1 

660 

— 1.66 

Sc 

1540 

-1.88 

Ga 

30 

-0.53 

Y 

1500 

-2.37 

In 

160 

-0.34 

La 

920 

-2.52 

Tl 

300 

+0.72 

Ac 

1050 

-2.6 

— 

— 

— 


In solution, both Al 3+ and Sc 3+ cations hydrolyze significantly to give acid 
solutions containing polymeric hydroxo species. On addition of hydroxide ion 
to the respective cation, the hydroxides of aluminum and scandium are both 
produced as gelatinous precipitates. The precipitates redissolve in excess base 
to give anionic species. In another example, both metals form isomorphous 
compounds of the type Na 3 MF 6 , where M = A1 or Sc. The term isomorphous 
actually means “same shape” and traditionally referred to crystals having the 
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same shape. Now we tend to use it to mean isostructural; that is, the ions are 
packed in the same way in the crystal lattice. 

Not only does aluminum resemble scandium but also reactive aluminum 
metal differs significantly in its chemistry from unreactive gallium metal. 
Among differences in compound types, gallium, like boron, forms a gaseous 
hydride, Ga 2 H 6 . Aluminum, however, forms a polymeric white solid hydride 
(A1H 3 ) x . Bubbling hydrogen sulfide gas through a solution of the respective 
cation also has a very different result. Gallium gives a precipitate of gallium 
sulfide, Ga 2 S 3 , while aluminum gives a precipitate of aluminum hydroxide. 
(Likewise, scandium gives a precipitate of scandium hydroxide.) However, the 
structures of the aluminum halides do resemble those of gallium halides more 
than those of scandium halides. 

Group 14 and Titanium(IV) 

Although there are similarities between titanium(IV) and silicon(IV), there is 
a much greater similarity between titanium(IV) and tin(IV)—a lower member 
of Group 14. In fact, this pair has among the closest similarities of elements in 
different groups. When we start with the oxides, we find that white titanium(IV) 
oxide and white tin(IV) oxide are isostructural and share the rare attribute of 
turning yellow on heating {thermochromism). There are very close similarities 
in the melting and boiling points of the chlorides: titanium(IV) chloride (m.p. 
-24°C,b.p. 136°C) and tin(IV) chloride (m.p. -33°C,b.p. 114°C). Both chlorides 
behave as Lewis acids and hydrolyze in water: 

TiCl 4 (/) + 2 H 2 0(/) ^Ti0 2 {s) + 4 HCl(g) 

SnCl 4 (/) + 2 H 2 0(/) —» Sn0 2 (s) + 4 HCl(g) 

Phosphorus(V) and Vanadium(V) 

Because phosphorus is a nonmetal and vanadium a metal, there is obviously a 
limit to the comparisons that can be made. Nevertheless, there are some strik¬ 
ing similarities in their +5 oxidation states. For example, phosphate, P0 4 3- , 
and vanadate, V0 4 3- , ions are both strong bases. In addition, the two elements 
form a large number of polymeric anions, including the unique matching pair 
of P 4 0 12 4- and V 4 0 12 4- . 

Sulfur(VI) and Chromium(VI) 

Table 9.17 shows some formula similarities between sulfur(VI) and chromium 
(VI). The resemblance even extends to the physical properties of some of 
the compounds, for example, the two oxychlorides: sulfuryl chloride, S0 2 C1 2 
(m.p. -54°C, b.p. 69°C), and chromyl chloride, Cr0 2 Cl 2 (m.p. -96°C, b.p. 117°C). 
These compounds resemble each other chemically, decomposing in water. How¬ 
ever, there are major chemical differences between sulfur(VI) and chromium(VI); 
in particular, chromates and dichromates are strongly oxidizing and colored 
(chromate, yellow, and dichromate, orange), whereas the sulfates and pyrosulfates 
are non-oxidizing and colorless. 
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TABLE 9.17 

Similarities between chromium(VI) and sulfur(VI) species 


Group 6 


Group 16 

Formula 

Systematic name 

Formula 

Systematic name 

Cr0 3 

Chromium(VI) oxide 

so 3 

Sulfur trioxide 

Cr0 2 Cl 2 

Chromyl chloride 

so 2 ci 2 

Sulfuryl chloride 

Cr0 4 2 ' 

Chromate ion 

so 4 2- 

Sulfate ion 

Cr 2 0 7 2 " 

Dichromate ion 

s 2 o v 2 

Pyrosulfate ion 


Chlorine(VII) and Manganese(VII) 

The oxo-anions of chlorine(VII) and manganese(VII), perchlorate, C10 4 _ , and 
permanganate, Mn0 4 _ , are both strongly oxidizing and their salts are isomor- 
phous. However, like the chromate-sulfate pair, the permanganate-perchlorate 
pair do differ in color: the transition metal oxo-anion, permanganate, is deep 
purple, while the main group oxo-anion, perchlorate, is colorless. Their oxides, 
colorless dichlorine heptaoxide, C1 2 0 7 , and reddish brown manganese(VII) 
oxide, Mn 2 0 7 , are highly explosive liquids at room temperature. 

Chlorine and manganese show another resemblance by forming oxides 
in an oxidation state that would not be predicted for either element—that 
of +4 (C10 2 and Mn0 2 ). Although chlorine dioxide is a yellow gas and 
manganese(IV) oxide is a black solid, it is curious why both elements should 
possess oxides in such an unexpected oxidation state. 

Xenon(VIII) and Osmium(VIII) 

The next link is between lower members of Group 8 and Group 18. The chem¬ 
istry of the metal osmium and of the nonmetal xenon have some fascinating 
parallels—particularly in the +8 oxidation state. For example, osmium forms 
a yellow strongly oxidizing oxide, 0s0 4 , while xenon forms a pale yellow 
explosive oxide, Xe0 4 . There are parallels in the formulas of oxyfluorides, too: 
Xe0 2 F 4 and 0s0 2 F 4 , and Xe0 3 F 2 and 0s0 3 F 2 . There are also similarities in 
the +6 oxidation state. The highest fluorides for both elements (formed by 
direct reaction of the element with fluorine) are in this oxidation state, XeF 6 and 
OsF 6 , and they both form corresponding fluoro-anions: XeF 7 - and OsF 7 - . 

The Alkali Metals (Group 1) and the Coinage Metals (Group 11) 

Up to now, we have been extolling the usefulness of the links between the 
Group (, n ) and (n + 10) elements. By contrast, there are no major similarities 
between the Group 1 and Group 11 elements. In fact, this pair illustrates the 
extremes of dissimilarity of metallic behavior! The alkali metals are reactive 
and all the common salts are soluble; the coinage metals are unreactive and 
most of their +1 oxidation state compounds are insoluble. Some examples of 
the major differences between the elements of the two groups are shown in 
Table 9.18. 
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TABLE 9.18 


Contrast of the alkali metals and the coinage metals 


Property 


Alkali metals Coinage metals 


Common oxidation 
numbers 

Always +1 

Silver +1; but copper 
and gold rarely +1 

Chemical reactivity 

Very high; increasing 
down the group 

Very low; decreasing 
down the group 

Density 

Very low; increasing 
down the group 
(0.5 to 1.9 g*cm -3 ) 

High; increasing down 
the group 
(9 to 19 g*cm -3 ) 

Melting points 

Very low; decreasing 
down the group 
(181°C to 29°C) 

High; all about 1000°C 

Aqueous redox 
chemistry 

None 

Yes (e.g., 

Cu 2+ (aq) —> Cu + {aq)) 

Solubilities of 
common salts 

All soluble 

+1 Oxidation state 
compounds insoluble 



Magnesium and Zinc 

Although Groups 1 and 11 are dissimilar, there are major similarities between 
magnesium (Group 2) and zinc (Group 12). Table 9.19 compares key points of 
their chemistry. 


TABLE 9.19 


Comparison of the properties of magnesium and zinc 


Property Magnesium 


Zinc 


Ionic radius 
Oxidation state 
Ion color 
Hydrated ion 
Soluble salts 
Insoluble salt 
Chloride 
Hydroxide 


72 pm 
+2 

Colorless 

Mg(OH 2 ) 6 2+ 

Chloride, sulfate 
Carbonate 

Covalent, hygroscopic 
Basic 


74 pm 
+2 

Colorless 

Zn(OH 2 ) 6 2+ 

Chloride, sulfate 
Carbonate 

Covalent, hygroscopic 
Amphoteric 



Chemical Topology 


T he study of patterns in chemistry is called chemical 
topology. Guillermo Restrepo and his colleagues at 
the Industrial University of Santander, Colombia, have 
applied the principles of chemical topology to the periodic 
table. The advantage of using a computer to analyze 
element patterns is that computer programs can correlate 


enormous amounts of data and look at degrees of matching, 
in this case among a total of 31 chemical and physical 
properties of each of the elements. The program then 
constructs a dendrimer diagram; that is, it produces a 
“tree” of similarities. Each element is represented by a 
“twig” on a “branch.” All the elements on a branch show 
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similarities in their behavior. The closer the twigs, the 
more closely the elements are related. Of course, the limi¬ 
tations are that the patterns are dependent on the particu¬ 
lar properties chosen in the comparison and the method 
of comparison. In fact, Restrepo has produced a total of 19 
different trees, though all have remarkable similarities. 

To make the tree easier to read, it is rotated through 
90° so that the branches lie horizontal. Let us look at the 
branch containing the noble gases: 



_|-Ne 
~~l-Ar 

- He 


Thus, unreactive argon and neon are more closely related, 
as are the chemically reactive heavier members of the 
series. Helium is identified as so different, it has its own 
unique branch. 

The pattern for the alkali metals is similar: 



K 

Rb 


- Cs 



Li 

Na 

Ba 


As we would expect, the alkali metals all fit on a single 
branch. The heavier alkali metals are closer together and 
more closely related, as are the two lighter ones. Of initial 
surprise, barium is a member of this group. However, 
barium is highly reactive and forms a peroxide, like the 


alkali metals but unlike the alkaline earth metals, so this 
alignment does make some sense. 

An interesting branch is the one shown below, con¬ 
taining beryllium, aluminum, and silicon. This branch 
shows that there is indeed substance to the diagonal 
relationship since beryllium and aluminum are grouped 
together. It is more surprising that the metal aluminum 
and the semimetal silicon are part of the same branch, 
although aluminum does replace silicon readily in clay 
mineral structures: 



Be 

A1 

Si 


Is chemical topology the way of the future? Certainly it 
provides a semiquantitative method of looking at periodic 
trends and patterns, and it can pick out relationships that 
have been overlooked in the past. For example, the main 
group metal indium appears to have considerable simi¬ 
larities with some of the transition metals, a possibility 
that had not been recognized before: 



However, chemical topology provides just a general 
overview of patterns. To chemists, it is often specific simi¬ 
larities in reactions that are important, which need the 
insight of the human mind to spot. 


9.6 Isomorphism in Ionic Compounds 

In the previous section, we mentioned how pairs of compounds can be isomor- 
phous, that is, have analogous crystal structures. The best example of isomor¬ 
phism occurs in a series of compounds called the alums. 

Alums 

Alums have the general formula M + M 3 + (S 04 2 _ ) 2 * 12 H 2 0 . (The tripositive ion is 
actually a hexahydrate, so the correct formulation is M + [M(0H 2 ) 6 ] 3+ (S0 4 2_ ) 2 * 
6H 2 0.) Large crystals can be grown simply by mixing equimolar mixtures of 
the monopositive sulfate and the tripositive sulfate. Thus, alums are favorite 
compounds for crystal-growing competitions. The monopositive cation can be 
potassium, rubidium, or ammonium, while the tripositive cation is most commonly 
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aluminum, chromium(III), or iron(III). The name alum specifically pertains to 
the colorless aluminum-containing compound (see Chapter 13, Section 13.8), the 
others being named chrome alum (deep purple) and ferric alum (pale violet). 

The similarities in the sets of ionic radii can be seen in Table 9.20. The 
lattice energy of alums is very high, accounting for the high stability of the 
compounds. In fact, alum is the most convenient water-soluble compound of 
aluminum, while ferric alum is a stable and convenient compound of iron(III). 
The formation of alums is another similarity between the chemistry of aluminum 
and iron(III) ions (see Section 9.5). 


TABLE 9.20 

A comparison 

of cation radii in alums 


Monopositive ions 

Tripositive ions 

K + 

152 pm 

Al 3+ 

68 pm 

Rb + 

166 pm 

Cr 3+ 

75 pm 

nh 4 + 

151 pm 

Fe 3+ 

78 pm 


Principles of Isomorphous Substitution 

What determines the ability of an ion to substitute while maintaining the same 
crystal structure? There are two principles of isomorphous substitution. The 
first principle states: 

One ion may substitute for another in a lattice if the two ions have identical 

charges and differ in radii by no more than 20 percent. 

This principle is really a restatement of the radius-ratio rules that were dis¬ 
cussed in Chapter 5, Section 5.4. A large difference in ionic radii precludes 
isomorphism, but close values of ionic radii do not necessarily mean isomorphism 
will occur. 

In many cases, mixed structures can be formed. For example, pale purple 
crystals can be formed by crystallizing a mixture of alum and chrome alum, 
the crystals having the lattice sites of the 3 + ions randomly filled by aluminum 
and chromium(III) ions. Isomorphism is of particular importance in mineral 
chemistry. For example, many precious gems involve isomorphous substitu¬ 
tion. Ruby is aluminum oxide containing some chromium(III) ion in place of 
the aluminum ion. Thus, its formula is represented as (Al 3+ , Cr 3+ ) 2 (0 2 ~) 3 . Like¬ 
wise, sapphires contain titanium(III) in aluminum oxide: (Al 3+ ,Ti 3+ ) 2 (0 2_ ) 3 . 

The composition of the natural gemstones reflects the composition of the 
molten rock from which the crystals formed.This is true of many minerals. As an 
example, olivine is a mixed magnesium/iron(II) silicate, (Mg 2+ , Fe 2+ ) 2 (Si0 4 4_ ), 
where varying ratios of magnesium and iron(II) ions occupy the same lattice 
sites. The classic example of isomorphous substitution is that of the lanthanoid 
phosphates, MP0 4 , where M 3+ is any of the lanthanoids. These ions are so similar 
in radii that the naturally occurring phosphate ore monazite usually contains a 
mixture of all the lanthanoids. 
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A second principle of isomorphous substitution is applicable to compounds 
containing two different cations. This principle states: 

Isomorphous substitution can occur by ions of different charges but the same 
radii as the ions they replace, provided the sum of the cation charges remains 
the same. 

Many examples are found in the important series of minerals called 
the perovskites (see Chapter 16, Section 16.6). The parent compound is 
(Ca 2+ )(Ti 4+ )(0 2_ ) 3 , while one of the many other compounds adopting this 
structure is (Na + )(W 5+ )(0 2_ ) 3 , where the monopositive sodium has replaced 
the similar-size dipositive calcium ion and the pentapositive tungsten ion has 
replaced the tetrapositive titanium ion. Some of the common substitution pos¬ 
sibilities are shown in Table 9.21. (Note that drawing divisions in ionic radii is 
somewhat arbitrary; for example, an ion at the high end of the “small” category 
might well substitute for an ion at the low end of the “medium” category.) 


TABLE 9.21 

Some comparative ion sizes 



Ionic radii 

+1 Charge 

+2 Charge 

+3 Charge 

+4 Charge 

+5 Charge 

Small 


Be 2+ 

Al 3+ , Fe 3+ , 
Cr 3+ 

Si 4+ 

p5+ 

Medium 

Large 

Very large 

Li + 

Na + 

k + ,nh 4 + 

Mg 2+ ,Fe 2+ 

Ca 2+ 

Ba 2+ 

La 3+ 

Ti 4 + 

w 5+ 


New Materials: Beyond the Limitations of Geochemistry 


M ost minerals are formed in the Earth under condi¬ 
tions of high temperature and pressure over mil¬ 
lions of years. Now chemists have the ability to synthesize 
minerals using innovative reaction methods. 

The precious stone lapis lazuli, also called ultrama¬ 
rine, is one mineral now being synthetically produced. 
Finely powdered ultramarine is important as an intensely 
blue paint and plastics pigment (and eye shadow) that is 
nontoxic and stable to light, unlike organic dyes, which 
soon fade. In nature, this compound has the formula (Na, 
Ca) 8 [SiA10 4 ] 6 (S, S0 4 ), where the proportions of sodium, 
calcium, sulfide, and sulfate are variable. In addition, the 
mineral is often contaminated by calcium carbonate and 
iron(II) disulfide, and it is rare and expensive. Two chem¬ 
ists, Sandra Dann and Mark Weller, produced a synthetic 
ultramarine of fixed composition, Na 8 [SiA10 4 ] 6 (S 2 , S 3 ), 
that is impurity-free and has a consistent deep blue color. 


Dann and Weller have now begun producing minerals 
that never before existed. The minerals produced in geo¬ 
chemical processes reflect the abundances of the con¬ 
stituent elements in the Earth’s crust. The two chemists 
have used the principles of isomorphous substitution to 
synthesize minerals involving extremely rare elements. 
For example, they have synthesized an analog of sodalite, 
Na 8 [SiA10 4 ]Cl 2 , in which each of the elements (except 
sodium) is replaced by the element one below it in the 
periodic table. The new compound, Na 8 [GeGa0 4 ]Br 2 , is 
unlikely to exist naturally anywhere in the universe since 
the abundances of the replacement elements are on the 
order of 10 8 less abundant than those in sodalite itself. 
Such novel compounds have potential as pigments, fluo- 
rescers, ferroelectrics, ion exchange materials, catalysts, 
and magnetic storage devices. 
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9.7 Diagonal Relationships 


Although chemists usually think of periodic trends vertically (down groups) or 
horizontally (across periods), there are, in fact, other patterns to be found in 
the periodic table. One of these is the diagonal relationship: 

There are similarities in chemical properties between an element and that to 
the lower right of it. This relationship is found for elements in the upper-left 
corner of the periodic table. 


B 

L 

A1 

Si 


Li 

Be 


Mg 


FIGURE 9.4 Elements commonly 
considered linked by the diagonal 
relationship. 


We have already seen evidence of a diagonal relationship in the bonding 
types of the fluorides, oxides, and hydrides, where there is a diagonal of net¬ 
work covalent compounds separating the ionic and covalent bonding types. 
The diagonal relationship is only chemically significant for three pairs of ele¬ 
ments: lithium and magnesium, beryllium and aluminum, and boron and sili¬ 
con (Figure 9.4). 


Similarities of Lithium and Magnesium 

The best examples of resemblance between the chemistry of lithium and that 
of magnesium are 

1. The hardness of lithium metal is greater than that of the other alkali metals 
but similar to that of the alkaline earth metals. 

2. Lithium forms a normal oxide, Li 2 0, like the alkaline earth metals but un¬ 
like the other alkali metals. (Sodium forms Na 2 0 2 , containing the 0 2 2- ion, 
while the heavier alkali metals form compounds containing the 0 2 ion, such 
as K0 2 .) 

3. Lithium is the only alkali metal to form a nitride, Li 3 N, whereas the alka¬ 
line earth metals all form nitrides. 

4. Three lithium salts—carbonate, phosphate, and fluoride—have very low 
solubilities. These anions form insoluble salts with the alkaline earth metals. 

5. Lithium forms organometallic compounds similar to those of magnesium 
(the Grignard reagents used in organic chemistry). 

6. Many lithium salts exhibit a high degree of covalency in their bonding. This 
bonding is similar to that of magnesium. 

7. The lithium and magnesium carbonates decompose to give the appropri¬ 
ate metal oxide and carbon dioxide. The carbonates of the other alkali metals 
do not decompose when heated. 

How can we explain this? An examination of the charge densities of the ele¬ 
ments in Groups 1 and 2 (Table 9.22) reveals that the charge density of lithium 
is much closer to that of magnesium than to those of the other alkali metals. 
Hence, similarity in charge density may explain the resemblance in the chemical 
behaviors of lithium and magnesium. 
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Lithium and Mental Health 
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O ne important consequence of the diagonal relation¬ 
ship is the treatment of bipolar disorder (commonly 
called manic depression) with lithium ion. Biochemists 
have shown that lithium ion functions in part by substitut¬ 
ing for magnesium in an enzyme process. About 1 percent 
of the population suffer from this debilitating illness, in 
which one’s moods oscillate from euphoria and hyperac¬ 
tivity to depression and lethargy. Lithium ion is a mood- 
stabilizing drug. 

Lithium’s benefits were discovered through a combina¬ 
tion of accident (serendipity) and observation. In 1938, an 
Australian psychiatrist, J. Cade, was studying the effects of 
a large organic anion on animals. To increase the dos¬ 
age, he needed a more soluble salt. For large anions, 
the solubilities of the alkali metal ions increase as their 
radius decreases; hence, he chose the lithium salt. How¬ 
ever, when he administered this compound, the animals 
started to show behavioral changes. He realized that the 
lithium ion itself must have altered the workings of the 
brain. Further studies showed that the lithium ion had a 
profound effect on bipolar disorder patients. 

Ironically, the discovery of the health effects of 
lithium could have been made much earlier, because it 
had been well known in folk medicine that water from 


certain lithium-rich British springs helped alleviate the 
disorder. More recently, a study in Texas has shown that 
areas having lower levels of hospital admissions with 
manic depression correlated with higher levels of lithium 
ion in the local drinking water. 

It is a particular imbalance of neurotransmitters that 
gives rise to the bipolar disorder symptoms. This imbal¬ 
ance can be traced back to the enzyme inositolmono- 
phosphatase (abbreviated to IMPase). IMPase converts 
the monophosphates of inositol, a sugarlike molecule, 
to free inositol, a process requiring the participation of 
two magnesium ions. It appears that lithium will readily 
substitute for one of the magnesium ions in the enzyme 
pathway, slowing down the process. This alleviates the 
mood swings, a preferable solution compared to using 
drug combinations that will subdue the manic phase or 
counter depressive episodes. 

Lithium therapy does have its problems. Side effects 
include excessive thirst, memory problems, and hand 
tremor. Additionally, Bertrand’s rule curve (see Chapter 2, 
Section 2.8) is very narrow; that is, there is only a very 
small range between therapeutic and toxic doses. Despite 
its problems, lithium therapy has restored the health of 
enormous numbers of individuals. 


TABLE 9.22 

Charge densities for the alkali metal and alkaline earth 
metal ions 

Group 1 ion 

Charge density 
(Cmin -3 ) 

Group 2 ion 

Charge density 
(Cmm 3 ) 

Li + 

98 

— 

— 

Na + 

24 

Mg 2+ 

120 

K + 

11 

Ca 2+ 

52 

Rb + 

8 

Sr 2+ 

33 

Cs + 

6 

Ba 2+ 

23 


Similarities of Beryllium and Aluminum 

Beryllium and aluminum resemble each other in three ways: 

1. In air, both metals form tenacious oxide coatings that protect the interior 
of the metal sample from attack. 

2. Both elements are amphoteric, forming parallel anions—tetrahydroxoberyl- 
lates, [Be(OH) 4 ] 2 ~, and tetrahydroxoaluminates, [Al(OH) 4 ] _ —in reactions with 
concentrated hydroxide ion. 
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3. Both form carbides (Be 2 C and A1 4 C 3 ) containing the C 4- ion that react 
with water to form methane. (The other Group 2 elements form compounds 
containing the C 2 2- ion, such as CaC 2 , which react with water to form ethyne.) 

However, there are some major differences between the chemical properties 
of beryllium and aluminum. One of the most apparent differences is in the 
formula of the hydrated ions each forms. Beryllium forms the [Be(OH 2 ) 4 ] 2_ 
ion, whereas aluminum forms the [Al(OH 2 ) 6 ] 3_ ion. The lower coordination 
number of the beryllium may be explained as the cation being physically 
too small to accommodate six surrounding water molecules at a bonding 
distance. 

Again we can use charge density arguments to explain this diagonal rela¬ 
tionship: that the very high charge density of the beryllium 2+ ion is closer to 
that of the aluminum 3+ ion than it is to the larger ions of Group 2. 

Similarities of Boron and Silicon 

A comparison of boron and silicon is our third and final example of the diago¬ 
nal relationship. This case is very different from the two other examples, for the 
chemistry of both elements involves covalent bonding. Thus, there can be no 
justification in terms of ion charge density. In fact, this relationship is not easy 
to understand except that both elements are on the borderline of the metal- 
nonmetal divide and have similar electronegativities. Some of the similarities 
are listed here: 

1. Boron forms a solid acidic oxide, B 2 0 3 , like that of silicon, Si0 2 , but unlike 
that of either aluminum, whose oxide is amphoteric, or carbon, whose oxide, 
C0 2 , is acidic but gaseous. 

2. Boric acid, H 3 B0 3 , is a very weak acid that is similar to silicic acid, H 4 Si0 4 , 
in some respects. It bears no resemblance to the amphoteric aluminum hydrox¬ 
ide, Al(OH) 3 . 

3. There are numerous polymeric borates and silicates that are constructed in 
similar ways, using shared oxygen atoms. 

4. Boron forms a range of flammable, gaseous hydrides, just as silicon does. 
There is only one aluminum hydride—a solid. 

9.8 The "Knight s Move" Relationship 


For the later main group elements, the South African chemist Michael Laing 
noticed a relationship between one element and the element one period 
down and two groups to its right. He called this pattern the “ knight’s move ” 
relationship from its similarity to the move in the game of chess. This rela¬ 
tionship, apparent among the lower members of Groups 11 through 15, is 
defined as: 
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There is a similarity between an element of Group ( n ) and Period ( m ) with the 
element in Group (n + 2) and Period (m + 1) in the same oxidation state. This 
relationship is found among elements in the lower-right portion of the periodic 
table. 

Table 9.23 shows the elements exhibiting the “knight’s move” together with 
their oxidation states; the less common oxidation state is in parentheses. In 
Section 9.5, we noted the (n) and (n + 10) group similarity between zinc and 
magnesium. Here we can see that zinc also has chemical similarities to tin(II) 
through the “knight’s move” relationship. For example, aqueous solutions of 
the divalent metal chlorides both hydrolyze to give insoluble hydroxochlo- 
rides: Zn(OH)Cl and Sn(OH)Cl respectively. 


TABLE 9.23 

The "Knight s move" elements and their common oxidation states 

Group 11 

Group 12 

Group 13 

Group 14 

Group 15 

Group 16 

Cu (+1), +2 
Ag +1, (+3) 

Zn +2 

Cd 2+ 

Ga +3 

In (+1), +3 
T1 +1, +3 

Sn +2, (+4) 
Pb +2, (+4) 

Sb +3, (+5) 
Bi +3, (+5) 

Po +2, +4 


Similarities of Indium(l) with Copper(l) and 
Indium(lll) with Bismuth(lll) 

Some metals have two “knight’s move” linkages. Indium is one such element: in 
its lower oxidation state of +1, there are resemblances to copper(I) chemistry, 
while in its higher oxidation state of +3, there are resemblances to bismuth(III) 
chemistry. 

As an example of indium(I) and copper(I) similarity, both ions are found 
mostly in solid-state compounds, such as copper(I) chloride and indium(I) 
chloride. The fluorides are unknown for both monopositive ions, while the 
iodides are the most stable. 

The chemistry of indium(III) resembles that of bismuth(III) in that both 
ions (represented as M) form parallel complex ions with halide ions (X) of the 
forms MX 4 ~ and MX 6 3- .The two ions form parallel oxohalides, such as InOCl 
and BiOCl. In addition, they both form alums: M + M 3+ (S0 4 2_ )2T2H 2 0, where 
M + is a large monopositive ion and M 3+ is indium(III) or bismuth(III). 

Similarities of Silver(l), Thallium(l), and Potassium 

The most interesting “knight’s move” pair are silver(I) and thallium(I). Both of 
these very low charge density ions have insoluble halides except for the fluo¬ 
rides. Again we find matches in the melting points; some examples are shown 
in Table 9.24. 


The nineteenth-century chemist 
John Baptiste Andre Dumas 
called thallium the "duckbilled 
platypus among elements" 
because thallium more closely 
resembles elements in groups 
other than its own. 
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TABLE 9.24 

Some similarities in melting points between 
silver(l) and thallium(l) compounds 


Chloride (°C) 

Nitrate (°C) 

Silver(I) 


455 

212 

Thallium (I) 


430 

206 


Yet in other ways thallium(I) ion behaves more like potassium ion, particu¬ 
larly in its biochemistry, as we will discuss in Section 9.13. Table 9.25 shows the 
chemical similarities and differences between thallium(I) ion and the ions of 
potassium and silver. 


TABLE 9.25 


A comparison of the properties of thallium(l) ion to those of silver(l) and potassium ions 


Properties of thallium(I) Properties of silver(I) Properties of potassium 


Forms normal oxide, T1 2 0 

Forms normal oxide, Ag 2 0 

Forms K0 2 , not normal oxide 

Soluble, very basic hydroxide 

Insoluble hydroxide 

Soluble, very basic hydroxide 

Hydroxide reacts with carbon 
dioxide to form carbonate 

Unreactive hydroxide 

Hydroxide reacts with carbon 
dioxide to form carbonate 

Fluoride soluble, other halides 
insoluble 

Fluoride soluble, other 
halides insoluble 

All halides soluble 

Chromate brick-red color 
and insoluble 

Chromate brick-red color 
and insoluble 

Chromate yellow and soluble 


The Inert-Pair Effect 

How can the “knight’s move” be explained? Ions of similar charge and size 
(that is, similar charge densities) are likely to have similarities in their chem¬ 
istry. For example, silver(I) and thallium(I) both have very low and similar 
charge densities. The similarity in size of the two ions of different periods is 
also easy to account for. With the filling of the transition metal series (and the 
lanthanoids), the d and / electrons are poor shielders of the outer electrons. 
Thus, the ion of the (n + 2) group and (m + 1) period “shrinks” to about the 
size of the ion of the same charge of the ( n ) group and the (m) period. 

But this avoids the question of why such elements as thallium, tin, lead, and 
bismuth form compounds in a lower oxidation state than would be expected 
from their group number—and why that oxidation state is always less by two 
(for example,T1 + ,T1 3+ ; Sn 2+ , Sn 4+ ; Pb 2+ , Pb 4+ ; Bi 3+ , Bi 5+ ).The explanation can 
be found in the inert-pair effect. To illustrate, we will use thallium as an ex¬ 
ample. All the Group 13 elements have an outer electron configuration of s 2 p\ 
Thus, formation of a +1 ion corresponds to the loss of the single p electron and 
retention of the two s electrons. 

To find a reasonable explanation for the formation of these low-charge ions, 
we have to consider relativistic effects (mentioned in Chapter 2, Section 2.5).The 
velocities of electrons in outer orbitals, particularly in the 6s orbital, become 
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TABLE 9.26 

Comparative ionization energies of aluminum 
and thallium 


Ionization energy (MJ*mol -1 ) 

Element 

First {p) 

Second ( 5 ) Third (s) 

Aluminum 

0.58 

1.82 2.74 

Thallium 

0.59 

1.97 2.88 


close to that of light and, as a result, the mass of these 65 electrons increases. 
Following from this, the mean distance of the 6 s electrons from the nucleus 
decreases: in other words, the orbital shrinks. This effect is apparent from the 
successive ionization energies. In Chapter 2, Section 2.6, we saw that ioniza¬ 
tion energies usually decrease down groups, but a comparison of the first three 
ionization energies of aluminum and thallium shows that the ionization energy 
of the outer p electron is greater, and the ionization energies of the pair of s 
electrons significantly greater, for thallium than for aluminum (Table 9.26). 

Recalling the Born-Haber cycles (Chapter 6 , Section 6.3), we note that the 
large energy input needed to form the cation must be balanced by a high lat¬ 
tice energy (energy output). But the thallium(III) ion is much larger than the 
aluminum(III) ion; hence, the lattice energy of a thallium(III) ionic compound 
will be less than that of the aluminum analog. The combination of these two 
factors, particularly the higher ionization energy, leads to a decreased stability 
of the thallium(III) ionic state and, hence, the stabilizing of the thallium(I) 
ionic oxidation state. 


9.9 The Early Actinoid Relationships 


In Chapter 24, we will discuss the chemistry of the two “orphan” series, the 
lanthanoids and the actinoids. Curiously, though the lanthanoids have few simi¬ 
larities outside of their own series, there are some resemblances of actinoids to 
transition metals. We can state this relationship as 


There are similarities in chemical formulas and chemical properties between 
early members of the actinoid series and the corresponding members of the 
transition metal series. 

This resemblance (Figure 9.5) was so strong that, until 1944, the five actinoids 
then known (thorium through plutonium) were assigned as members of the 
fourth row of the transition series (where we place rutherfordium through hassium 
today). 

As an example, we can compare uranium with the Group 6 metals. The 
most obvious similarity is provided by the oxo-anions: the yellow diuranate 
ion, U 2 0 7 2- , with the orange dichromate ion, Cr 2 0 7 2- . Uranium forms a uranyl 
chloride, U0 2 C1 2 , matching those of chromyl chloride, Cr0 2 Cl 2 , and molybdenyl 
chloride, Mo0 2 C1 2 . In general, as we might expect, uranium bears the closest 
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FIGURE 9.5 The relationship 
between the early actinoid 
elements and those of the 
corresponding transition metal 
groups. 
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similarity to tungsten. For example, uranium and tungsten (but not molybde¬ 
num and chromium) form stable hexachlorides, UC1 6 and WC1 6 , respectively. 
Just as uranium resembles the Group 6 elements, so protactinium resembles 
the Group 5 elements, and thorium resembles the Group 4 elements. 

The similarities in properties result from similarities in outer electron con¬ 
figurations, as can be seen from comparisons of molybdenum, tungsten, uranium, 
and seaborgium, the next “true” member of Group 6. 


Atom 

Electron configuration 

Ion 

Electron configuration 

Mo 

[Kr]5^ 2 4d 4 

Mo 6+ 

[Kr] 

W 

[Xe]6r(4/' 14 )5</ 4 

W 6+ 

[Xe](4/ 14 ) 

U 

[Rn]7s 2 5/ 3 6rf 1 

u 6+ 

[Rn] 

Sg 

[Rn]7s 2 (5/ 14 )6d 4 

Sg 6+ 

[Rn](5/ 14 ) 


Whereas the/orbitals in tungsten and seaborgium are “buried,” those of uranium 
are part of the valence shell. In fact, the partial occupancy of 5/and 6d orbitals 
in uranium suggests that they are of similar energies. Thus, uranium readily 
attains a 6+ oxidation state like the members of the Group 6 elements. 


9.10 The Lanthanoid Relationships 


In terms of relationships, the lanthanoids have to be among the most similar 
of the elements. This might seem surprising, considering that the progression 
of the elements along the series corresponds to the successive filling of the 4 f 
orbitals. There are two reasons for the similarities. The first reason is that the 
common oxidation state results essentially from the balance between the ion¬ 
ization energy of the metal and the lattice energy of the solid salt formed. In 
the case of each lanthanoid, the optimum reduction in energy corresponds to 
the formation of the 3+ ion. Second, the remaining electrons in the 4/orbitals 
are essentially “buried.” Thus, the lanthanoids, in general, behave like large 
main group metals having the one oxidation state of 3 + . In this behavior, they 
resemble the Group 3 elements. As a result, the Group 3 and lanthanoid ele¬ 
ments are often classed together as the rare earth metals (Figure 9.6)—even 
though some of them are not rare. 
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FIGURE 9.6 The rare earth metals consist of the Group 3 and lanthanoid elements. All of 
these elements have similar chemical properties and share the common oxidation state of 3+. 

Similarities of Europium and Strontium 

There are two exceptions to the simplicity of the lanthanoids. The first is 
europium, Eu, which readily forms a 2+ ion. We can see why europium forms 
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a lower oxidation state by looking at the electron configurations of the ions. 
Formation of the 2+ ion corresponds to the half filling of the/orbital set and, in 
fact, the third ionization energy of europium is the highest of the lanthanoids: 

Atom Electron configuration Ion Electron configuration 


Eu 


[Xe]6/4/ 7 


Eu z 

Eu 


3 + 


[Xe]4 f 
[Xe]4/ 6 


The europium(II) ion behaves very similarly to an alkaline earth ion; for 
example, its carbonate, sulfate, and chromate are insoluble, as are those of the 
heavier alkaline earth metals. The ionic radius of europium(II) is actually very 
similar to that of strontium, and, as might be expected, several europium(II) 
and strontium compounds are isomorphous. 

Similarities of Cerium(IV) and Thorium(IV) 

Whereas europium has a lower than normal oxidation state, cerium has a higher 
than normal oxidation state of 4+. Formation of the 4+ ion corresponds to the 
noble gas configuration, which may account for the fact that cerium has the 
lowest fourth ionization energy of the lanthanoids. 

Atom Electron configuration Ion Electron configuration 


Ce 


[Ke\6s 2 4f l 5d l 


Ce 3+ 

Ce 4+ 


[XeH / 1 

[Xe] 


Cerium(IV) behaves like zirconium(IV) and hafnium(IV) of Group 4 and 
like thorium(IV) of the corresponding actinoids. For example, all four of these 
ions form insoluble fluorides and phosphates. There are particularly strong 
similarities in the chemistry of cerium(IV) and thorium(IV). Cerium(IV) oxide 
(used in self-cleaning ovens) and thorium(IV) oxide both adopt the fluorite 
structure. They form isomorphous nitrates, M(N0 3 ) 4 *5H 2 0, where M is Ce 
or Th, and both form hexanitrato-complex ions [M(N0 3 ) 6 ] 2 T The major dif¬ 
ference between the two elements in this oxidation state is that thorium(IV) 
is the thermodynamically stable form of that element while cerium(IV) is 
strongly oxidizing. It is because of the high redox potential that ammonium 
hexanitratocerate(IV), (NH 4 ) 2 [Ce(N0 3 ) 6 ], is used in redox titrations: 

Ce 4+ (aq) + e“ ->Ce 3+ (a< ? ) E e = + 1.44V 

9.11 "Combo" Elements 


The compound carbon monoxide has several similarities to dinitrogen, N 2 . For 
example, they are both triply bonded molecules with similar boiling points: 
-196°C (N 2 ) and -190°C (CO). A major reason for the parallel behavior is 
that the dinitrogen molecule and the carbon monoxide molecule are isoelec- 
tronic. This similarity extends to the chemistry of the two molecules. In par¬ 
ticular, there are several transition metal compounds where dinitrogen can 
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substitute for a carbon monoxide entity. For example, it is possible to replace 
one or two carbon monoxides bonded to chromium in Cr(CO) 6 to give isoelec- 
tronic Cr(CO) 5 (N 2 ) and Cr(CO) 4 (N 2 ) 2 . 

The “combo” elements are a subset of isoelectronic behavior in which the 
sum of the valence electrons of a pair of atoms of one element matches the 
sum of the valence electrons of two horizontal neighboring elements. 

A “combo” element can be defined as the combination of an (n — jc) group ele¬ 
ment with an (n + x) group element to form compounds that parallel those of 
the ( n ) group element. 


Boron-Nitrogen Analogs of Carbon Species 

The best example of a “combo” element is that of the boron and nitrogen com¬ 
bination. Boron has one less valence electron than carbon, and nitrogen has 
one more. For many years, chemists have tried to make analogs of carbon com¬ 
pounds that contain alternating boron and nitrogen atoms. Included in their 
successes have been analogs of the pure forms of carbon. The two common 
allotropes of carbon are graphite, the lubricant, and diamond, the hardest natu¬ 
rally occurring substance known. 

Unfortunately, both carbon allotropes burn when heated to give carbon 
dioxide gas, thus precluding the use of either of these substances in high- 
temperature applications. Boron nitride, BN, however, is the ideal substitute. The 
simplest method of synthesis involves heating diboron trioxide with ammonia at 
about1000°C: 

B 2 0 3 (s) + 2 NH 3 (g) 2 BN(i) + 3 H 2 0(g) 

The product has a graphite-like structure (Figure 9.7) and is an excellent high- 
temperature, chemically resistant lubricant. 

Unlike graphite, boron nitride is a white solid that does not conduct elec¬ 
tricity. This difference is possibly due to differences in the way the layers in 
the two crystals are stacked. The layers in the graphite-like form of boron 
nitride are almost exactly the same distance apart as those in graphite, but 


FIGURE 9.7 Comparative layer 
structures of boron nitride and 
graphite. 
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the boron nitride layers are organized so that the nitrogen atoms in one layer 
are situated directly over boron atoms in the layers above and below, and 
vice versa. This arrangement is logical, because the partially positive boron 
atoms and partially negative nitrogen atoms are likely to be electrostatically 
attracted to each other. By contrast, the carbon atoms in one layer of graphite 
are directly over the center of the carbon rings in the layers above and below. 
An alternative reason for the lack of electrical conductivity is the weaker 
aromaticity in the layers due to the differing electronegativities of boron and 
nitrogen. 

In a further analogy to carbon, application of high pressures and high tem¬ 
peratures converts the graphite-like allotrope of boron nitride to a diamond¬ 
like form called borazon. This allotrope of boron nitride is similar to diamond 
in terms of hardness and is far superior in terms of chemical inertness at high 
temperatures. Hence, borazon is often used in preference to diamond as a 
grinding agent. 

There is another similarity between boron-nitrogen and carbon compounds. 
The reaction between diborane, B 2 H 6 , and ammonia gives borazine, B 3 N 3 H 6 , a 
cyclic molecule analogous to benzene, C 6 H 6 : 


3 B 2 H 6 (g) + 6 NH 3 (g) —> 2 B 3 N 3 H 6 (/) + 12 H 2 (g) 


In fact, borazine is sometimes called “inorganic benzene” (Figure 9.8). This 
compound is a useful reagent for synthesizing other boron-nitrogen analogs 
of carbon compounds, but at this time it has no commercial applications. Note 
that, as one would expect from their comparative electronegativities, the boron 
atoms bear a slight positive charge and the nitrogen atoms, a slight negative 
charge. This assignment is confirmed from the way that electrophilic (electron- 
loving) reagents bond preferentially to the nitrogen atoms. 

Despite similarities in boiling points, densities, and surface tensions, the 
polarity of the boron-nitrogen bond means that borazine exhibits less aromaticity 
than benzene. Hence, borazine is much more prone to chemical attack than 
is the homogeneous ring of carbon atoms in benzene. For example, hydrogen 
chloride reacts with borazine to give B 3 N 3 H 9 C1 3 , in which the chlorine atoms 
bond to the more electropositive boron atoms: 


B 3 N 3 H 6 (/) + 3HCl(g)^B 3 N 3 H 9 Cl 3 (s) 


H 


H 


FIGURE 9.8 Comparison of 



the structures of borazine and 
benzene. 


8 - 


H 

Borazine 


H 

Benzene 


220 


CHAPTER 9 


Periodic Trends 


This compound can be reduced by sodium tetrahydroborate, NaBH 4 , to give 
B 3 N 3 H 12 , an analog of cyclohexane, C 6 H 12 . In fact, like cyclohexane, B 3 N 3 H 12 
adopts the chair conformation. 

Though isoelectronic, ammonia borane, H 3 NBH 3 , has few similarities with 
ethane, H 3 CCH 3 , except for structure. Whereas ethane is a gas at room tem¬ 
perature, ammonia borane is a solid with a melting point of 104°C, a difference 
that can be ascribed to the very polar nature of the boron-nitrogen bond, giv¬ 
ing rise to strong dipole-dipole attractions between neighboring molecules and 
hence a high melting point. 


"Combo" Elements and Semiconductors 
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FIGURE 9.9 A portion of 
the periodic table showing the 
combination of elements that 
will provide compounds that are 
isoelectronic with each of the 
Group 14 elements. Such possible 
pairs are shown in identical 
shading. 


The “combo” element concept is important in the context of semiconductors. 
Materials scientists realized that by using isoelectronic combinations to match 
semiconducting elements, it was possible to make semiconductors with desired 
properties. 

A particular focus of interest is the Period 4 elements centered on 
germanium. Germanium adopts the diamond structure, which is the same as the 
sphalerite structure (see Chapter 5, Section 5.4), one of the two packing ar¬ 
rangements of zinc sulfide, but with all of the atoms identical and occupying 
both anion and cation sites in the lattice. Examples of compounds (“combo” 
elements) adopting this same sphalerite crystal structure are gallium arsenide, 
GaAs; zinc selenide, ZnSe; and copper(I) bromide, CuBr. Although these com¬ 
mon “combo” examples are truly isoelectronic, the two elements do not neces¬ 
sarily have to come from the same period; thus, more generally, we can say the 
sum of the valence electrons must add up to eight. This electron relationship 
is known as the Zintlprinciple. Figure 9.9 shows the combinations of elements 
that can result in this series of Zintl solids. 

In Chapter 4, Section 4.2, we saw that for metals, there was an overlap 
between the highest occupied molecular orbitals (HOMOs) and the lowest unoc¬ 
cupied molecular orbitals (LUMOs). It is this overlap that enables electrical 
conductivity to occur throughout the metal structure. In the case of insulators, 
the gap between the two energy levels is very large, whereas for semiconduc¬ 
tors, the gap is small enough that it is feasible for electrons to be excited to the 
higher energy state. We can see the trend in Table 9.27 using a family of Zintl 
(isoelectronic) solids. 


TABLE 9.27 

The properties of a 

series of isoelectronic solids 


Solid 

Unit-cell dimension 
(pm) 

Electronegativity 

difference 

Energy gap 
(kJ-moF 1 ) 

Ge 

566 

0.0 

64 

GaAs 

565 

0.4 

137 

ZnSe 

567 

0.8 

261 

CuBr 

569 

0.9 

281 
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It is quite remarkable that the length of side of a unit cell is essentially con¬ 
stant (within experimental error) throughout the series, even though there is a 
change in bonding from pure covalent (Ge) through polar covalent (GaAs) to 
substantially ionic (ZnSe, CuBr). The increased polarity of the bond causes a 
decrease in the conductivity of the solid. Thus, germanium and gallium arsenide 
are semiconductors, while zinc selenide and copper(I) bromide are insulators. 

But there is more to the study of this simple series than scientific curiosity. 
These band gaps allow us to construct light-emitting diodes (LEDs), devices that 
have been used for many years as indicator lights but that are now finding uses 
as energy-efficient vehicle taillights, traffic lights, and night lights. To obtain the 
chosen color, specific band gaps are needed. These band gaps can be adjusted by 
substituting proportions of one element for another in a Zintl solid. A particu¬ 
larly useful series is that of GaP^As^ _ x ), where x has a value between zero and 
one. Gallium phosphide, GaP, itself has a band gap of 222 kEmoL 1 , while as we 
saw above, that of gallium arsenide is 137 kEmoL 1 . In between combinations 
have corresponding intermediate band gaps; for example, GaP 0 . 5 As 0 .5 has a band 
gap of about 200 kEmoL 1 . 

The most exciting “combo”-element pair is gallium and nitrogen, an analog 
of silicon. This diagonal pair around silicon provides a semiconducting material 
that is already changing our lives. Gallium nitride is a tough material that can be 
used in LEDs to generate blue-violet and—with added indium nitride—green 
light. Using GaN/InN for the green color, if every traffic light around the world 
were converted from conventional bulbs to LEDs, the energy saving would be 
enormous. The intensely deep blue GaN LEDs are used on the fronts of some 
types of city buses, such as those in Toronto, Canada. 

Also, the (high-energy) blue-violet light enables the new generation of 
DVD discs to hold six times more information. The sales of gallium nitride 
devices have already passed one billion dollars per year, and many other ap¬ 
plications of this compound are still in the research phase. 


9.12 Biological Aspects 


In this chapter, we have been looking at patterns in the periodic table. There¬ 
fore, our two examples of biological applications relate to such patterns. First, we 
explore the importance of the group relationship of strontium to calcium, and 
second, the link between thallium and potassium that involves the potassium- 
silver-thallium connection we discussed in Section 9.9. 

Strontium 

Bone and teeth consist of crystals of hydroxyapatite, Ca 5 (P0 4 ) 3 (0H), and the 
fibrous protein collagen. Two of the reasons why nature chooses hydroxyapa¬ 
tite as a biological structural material are the insolubility of calcium phosphates 
and the high availability of the calcium ion. Nature might have used strontium 
instead of calcium except that strontium is about 100 times less abundant in 
nature than calcium. 
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When nuclear weapons were first being tested, it was thought that the haz¬ 
ards were localized and of little danger. The 1951 atmospheric tests in Nevada 
changed that view. Among the fission products was strontium-90, which, as might 
be expected, substitutes for calcium ion. In fact, strontium is preferentially ab¬ 
sorbed over calcium. As a highly radioactive isotope (half-life 29 years), the stron- 
tium-90 irradiates the bone marrow critical to reproduction of cells that mediate 
immune function. Baby teeth are a convenient way of measuring strontium-90 
levels since they are naturally lost and provide measures of strontium-90 levels 
over the child’s lifetime. There are no natural sources of strontium-90. Measure¬ 
ments of strontium-90 in baby teeth in St. Louis showed levels increasing steadily 
until 1964, when there was a ban on atmospheric weapons tests. Children, with 
their rapid bone growth, readily absorb strontium-90, and strontium-90 levels 
have correlated with increases in childhood leukemia rates. 

Although atmospheric nuclear testing has long been ended, research indi¬ 
cates a possible link between radioactive emissions from commercial nuclear 
power plants and abnormally high levels of childhood leukemia (and other 
radiation-related diseases) in certain parts of the United States. Thus, concerns 
about this hazardous isotope still exist. 

However, radioactive strontium-85 is used to treat extreme bone pain, often 
resulting from bone cancer. Like the other isotopes of strontium, highly radio¬ 
active strontium-85 accumulates in the bones of these patients, the radiation 
specifically deadening the surrounding nerves that are causing the severe pain. 


The most infamous case of 
thallium poisoning was adapted 
into a 1995 movie: The Young 
Poisoner's Handbook. (Caution: 
This movie is a black comedy with 
gruesome incidents.) 


Thallium(l) 

Just as thallium(I) resembles potassium in its chemistry, so it resembles potassium 
in its biochemistry. Thallium(I) is a highly toxic ion that accumulates in tissues with 
high concentrations of potassium ion.Thallium(I) invades cells so readily because 
it is preferred over potassium by the same cellular transport mechanism. Once 
in the cell, thallium(I) substitutes for potassium in potassium-activated enzymes 
and disrupts the functioning of the enzymes. It is also believed that thallium(I), 
a very soft acid, combines with the soft-base sulfur of thio-amino acid groups 
in mitochondria, blocking oxidative phosphorylation. Thallium poisoning causes 
degenerative changes in all cells, but particularly the nervous system and hair 
follicles. Unfortunately, many of its symptoms can be diagnosed as resulting from 
other illnesses. 

There are two complementary treatments of thallium poisoning. 
First is the administration of potassium iron(III) hexacyanoferrate(II), 
K + [Fe 3+ Fe 2+ (CN - ) 6 ], commonly called soluble Prussian blue, a nontoxic com¬ 
pound. The use of this compound depends on the fact that thallium(I) resem¬ 
bles silver(I) in some of its chemistry—which it does in this case. That is, it 
forms an insoluble compound with the complex ion: 

[Fe 3+ Fe 2 + (CN ” ) 6 ] ” (aq) + Tl + (aq) ^Tl + [Fe 3+ Fe 2+ (CN") 6 ](s) 


By this means, any thallium(I) in the gastrointestinal tract will be precipitated 
and excreted. In addition, administration of high potassium ion concentrations 
can be used to shift the equilibria for tissue-bonded thallium(I). 


Exercises 
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Thallium Poisoning: Two Case Histories 


WW* c 

I n 1976, a 19-month-old girl from the Middle Eastern 
country of Qatar was flown to England for treatment 
of a mysterious illness, initially suspected to be enceph¬ 
alitis. Despite a battery of tests, nothing specific could 
be found, and the girl’s condition continued to worsen. 
One of her intensive care nurses, Marsha Maitland, en¬ 
joyed reading Agatha Christie murder mystery novels, 
and, at that time, Maitland was reading Christie’s The 
Pale Horse. In this novel, the contract killer uses a taste¬ 
less, water-soluble thallium(I) salt to repeatedly commit 
“perfect murders.” Christie gave accurate descriptions 
of the symptoms of thallium(I) poisoning, and Mait¬ 
land noticed how similar they were to the symptoms of 
the dying girl. She mentioned this fact to the attending 
physicians, who used a forensic pathologist to test urine 
samples for thallium(I). Maitland was correct: the girl 
had a very high level of thallium(I) in her body. The sol¬ 
uble Prussian blue and potassium ion treatments were 
immediately administered, and after three weeks, the 
now-healthy girl was released from the hospital. Where 
had the thallium come from? Thallium(I) sulfate was 
used in the Middle East to kill cockroaches and rodents 
in drains, and it appears that the girl found some of the 
poison and ingested it. 

The most prominent poisoning case of recent times 
occurred in China in 1995. A young chemistry student, Zhu 
Ling, at Beijing’s Tsinghua University had taken seriously 
ill. Her parents rushed her to one of China’s best hospi¬ 
tals, Beijing Union Medical College Hospital, but they 


were unable to identify the cause of her severe abdominal 
cramps and burning sensations in her limbs. Also, her 
hair began to fall out. Her former high school friend Bei 
Zhi Cheng was very concerned about her and persuaded 
his roommate, Cai Quangqing, to help. Cai had access to 
the Internet for research purposes, and he sent an SOS 
in English, describing Zhu’s symptoms to a sci.med.news- 
group. This unusual request sparked an enormous world¬ 
wide response, with over 600 e-mail replies being received 
over the next two weeks. Among suggestions were myes- 
thenia gravis and Guillain-Barre syndrome, but a consen¬ 
sus emerged of deliberate thallium poisoning. 

Zhu’s doctors initially resented the intrusion of Bei 
and Cai into the medical diagnosis. However, Zhu’s par¬ 
ents took samples of their daughter’s blood, urine, hair, 
and fingernails to the Beijing Institute of Labor, Hygiene, 
and Occupational Diseases for thallium testing. Analysis 
showed that Zhu had up to 1000 times the normal levels 
of thallium in her body. Others following the unfolding 
drama contacted the Los Angeles County Poison and 
Drug Information Center about treatment, and they in¬ 
formed the hospital of the importance of immediate sol¬ 
uble Prussian blue and potassium ion treatment. Within 
a day, Zhu’s thallium levels began to drop, and 10 days 
later, the thallium(I) concentration was undetectable. 
Beijing police initiated an investigation of the poisoning 
attempt. Police identified Sun Wei, Zhu Ling’s classmate 
and roommate in Tsinghua University, as the most likely 
suspect, but the case has never been solved. 


KEY IDEAS 


• Group trends are particularly systematic at the left and 
right ends of the table. 

• Periodic trends tend to show a transition in bonding type 
from ionic through network covalent to small-molecule 
covalent. 

• There are similarities in the highest oxidation state 
between many pairs of ( n ) and (n + 10) elements. 


• A diagonal relationship exists for elements in the 
extreme top-left portion of the table. 

• Some elements in the lower-right segment of the table 
are linked by the “knight’s move” relationship. 


EXERCISES 


9.1 Explain what is meant by (a) the Zintl principle; 9.2 Explain what is meant by (a) the “knight’s move’ 
(b) the diagonal relationship. relationship; (b) ( n ) group and (n + 10) group similarities. 






224 


CHAPTER 9 • Periodic Trends 


9.3 What are the common features of an alum? 

9.4 Explain the trends in melting point for (a) the 
Group 2 elements; (b) the Group 17 elements; (c) the 
Group 14 elements. 

9.5 Write the formulas for the Period 4 main group 
metal fluorides. Suggest the bonding type in each case. 

9.6 Write the formulas for the Period 4 main group 
metal hydrides. Suggest the bonding type in each case. 

9.7 If calcium hydride is melted and electrolyzed, what 
would you expect will be the products at the (a) anode; 
(b) cathode? 

9.8 Compare and contrast the chemistry of (a) manga¬ 
nese (VII) and chlorine(VII); (b) silver(I) and rubidium. 

9.9 There is the following trend in melting points of 
Period 2 metal oxides: MgO, 2800°C; CaO, 1728°C; SrO, 
1635°C; BaO, 1475°C. Suggest a reason for this trend. 

9.10 Draw structures for the boron-nitrogen “combo” 
analog of (a) naphthalene, C 10 H 8 ; (b) biphenyl, C 12 H 10 . 

9.11 Which metal hydroxide is isostructural with alumi¬ 
num hydroxide? 

9.12 Write a chemical equation for the reaction of water 
with liquid silicon tetrachloride and titanium(IV) chloride. 

9.13 Write a chemical equation for the reaction of water 
with solid sulfur trioxide and with chromium(VI) oxide. 

9.14 What are the formulas of the highest oxidation state 
oxide of chlorine and manganese? What other oxides of the 
two elements resemble each other in formula? 

9.15 (a) Write the formulas of aluminum oxide and 
scandium oxide. 

(b) Write formulas for the oxy-anions of phospho¬ 
rus and vanadium in their highest oxidation states. 

9.16 Explain briefly why aluminum might be considered 
a member of Group 3 instead of Group 13. 

9.17 Titanium(IV) nitrate shares many properties, in¬ 
cluding identical crystal structure, with a metal of a differ¬ 
ent group. Suggest the identity of the metal. 


9.18 Phosphorus forms an oxychloride of formula POCl 3 . 
Which transition metal is likely to form an oxychloride of 
matching formula? 

9.19 In Table 9.4, the melting point of neon is significantly 
less than that of nitrogen, oxygen, or fluorine. Suggest an 
explanation. 

9.20 One source of scandium is the ore sterrite, ScP0 4 - 
2 H 2 0. This ore is isostructural with an ore of a main group 
metal. Write the formula of that ore. 

9.21 Suggest an explanation in terms of orbital occupancy 
why the oxidation state of +2 is found for the element 
europium. 

9.22 Suggest an explanation in terms of orbital occupancy 
why the oxidation state of +4 is found for the element 
cerium. 

9.23 “Knight’s move” relationships exist when both 
elements are in the same oxidation states. Which oxida¬ 
tion states would be shared by (a) copper and indium; 
(b) cadmium and lead? 

9.24 “Knight’s move” relationships exist when both ele¬ 
ments are in the same oxidation states. Which oxidation 
states would be shared by (a) indium and bismuth; (b) zinc 
and tin? 

9.25 Silver bromide has a melting point of 430°C. Which 
bromide would you expect to have a similar melting point? 
Check data tables and confirm your answer. 

9.26 Write the formulas of two oxo-anions that seaborgium 
(Sg) might form. 

9.27 Carbon and nitrogen form the cyanide ion: (C=N) ~~. 
Write the formulas of the corresponding isoelectronic spe¬ 
cies of (a) carbon with oxygen; (b) carbon with carbon. 

9.28 Sodium is the only alkali metal for which the 
dioxide(2-), Na 2 0 2 , is the most stable oxide species. Using 
Table 9.20, deduce the alkaline earth metal that also forms 
a stable dioxide(2-) compound. 

9.29 Monazite, the lanthanoid phosphate ore, MP0 4 , also 
typically contains about 3 percent of a Group 3 metal ion. 
Suggest the identity of this ion. 


BEYOND THE BASICS 

9.30 Write a chemical equation for the reaction of silane, 
SiH 4 , with dioxygen. 

9.31 If silane, SiH 4 , has a positive free energy of forma¬ 
tion, why does it exist at all? 


9.32 Magnesium and zinc have similar chemistries as 
a result of the ( n ) and (n + 10) relationship. They can be 
considered related in a different way if the “true” transi¬ 
tion metals, Groups 3 to 10, are removed. What would be 
another way of considering their relationship? 
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9.33 You have a solution containing either magnesium 
ion or zinc ion. Suggest a reaction that you could use to 
identify the cation. 

9.34 Moisture/density gauges are used by construction 
companies to determine the properties of the soil on which 
they are building. These gauges use two radioactive sources, 
cesium-137 and americium-241, in their functioning. Many are 
stolen in the United States, as there is a large black market 
demand for them. Some are abandoned and/or broken open 
when the thieves discover they contain radioactive materials. 
Suggest why the cesium-137 could be a particular hazard. 

9.35 A compound Zn x [P 12 N 24 ]Cl 2 has a similar crystal 
structure to that of the mineral sodalite, Na 8 [Al 6 Si 6 0 24 ]Cl 2 . 
The total number of valence electrons in the aluminosili¬ 
cate ion and the phosphonitride ion is the same. 

(a) Calculate the charge on the phosphonitride ion. 

(b) Calculate x, the number of zinc ions in the zinc 
phosphonitride. 


9.36 Predict the formula for the highest fluoride of iodine. 
Research whether this compound exists. Suggest why its 
atom ratio is different from the highest fluoride of chlorine. 

9.37 Calculate the oxidation numbers of the other ele¬ 
ment for each fluoride in Table 9.8 and identify the pattern 
in these numbers. 

9.38 Calculate the oxidation numbers of the other ele¬ 
ment for each hydride in Table 9.9 and identify the pattern 
in these numbers. 

9.39 Research the formulas of the highest oxides as the 
Group 8 elements are descended. Calculate the oxidation 
numbers of the Group 8 element in each case. What do you 
note about the highest value? 

9.40 In the following matrix of 22/16-electron isoelec- 
tronic series, certain known species have been deliberately 
omitted with the spaces marked by X. Write the formulas 
for the missing species. 



Group 2 

Group 13 

Group 14 

Group 15 

Group 16 

Group 17 

Group 14 


bc 2 5 - 

X 

QN- 



Group 15 


X 

X 

X 

n 2 o 

n 2 f + 

Group 16 

BeQ 2 2 - 

X 

co 2 

no 2 + 



Group 17 

X 


9.41 In the accompanying matrix of linear triatomic 22/16- 
electron isoelectronic series, certain known species have 
been deliberately omitted with the spaces marked by X. 
Write the formulas for the missing species. 



Group 15 Group 16 Group 17 

Group 15 

CN 2 2 X FCN 

Group 16 

x co 2 X 
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For answers to odd-numbered questions: www.whfreeman.com/descriptive5e 
V'TJC For accompanying video clips: www.whfreeman.com/descriptive5e 
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CHAPTER 10 


Hydrogen 



Only one element in the periodic table does not belong to any particular 
group-hydrogen. This element has a unique chemistry. Furthermore, its three 
isotopes differ so much in their molar masses that the physical and chemical 
properties of the isotopes are measurably different. 


A lthough hydrogen was described about 200 years ago, the existence 
of different isotopes of hydrogen is a more recent discovery. In 1931, 
some very precise measurements of atomic mass indicated that there 
might be different isotopes of hydrogen. Harold C. Urey at Columbia 
University decided to try to separate them by applying the concept that 
the boiling point of a species depends partially on its molar mass. Urey 
evaporated about 5 L of liquid hydrogen, hoping that the last 2 mL would 
contain a larger than usual proportion of any higher molar mass isotope. 
The results proved him correct: the residue had a molar mass double that 
of normal hydrogen. This form of hydrogen was named deuterium. 

Frederick Soddy, who had devised the concept of isotopes, refused 
to believe that deuterium was an isotope of hydrogen. He contended, as 
many other chemists did, that by definition, isotopes were inseparable. 
Because Urey claimed to have separated the two forms of hydrogen, 
Soddy argued that they could not be isotopes, preferring to believe that 
Urey was incorrect rather than question his own definition. Except for 
Soddy’s negative opinion, Urey received considerable recognition for 
his discovery, culminating in the Nobel Prize in Chemistry in 1934. Ironi¬ 
cally, the earlier atomic mass measurements were subsequently shown 
to be in error. In particular, they did not provide any evidence for the 
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CHAPTER 10 


Hydrogen 


existence of hydrogen isotopes. Thus, Urey’s search, although successful, was 
based on erroneous information. 


10.1 Isotopes of Hydrogen 

The isotopes of hydrogen are particularly important in chemistry. Because the 
relative mass differences between hydrogen’s isotopes are so large, there is a 
significant dissimilarity in physical properties and, to a lesser extent, in chemi¬ 
cal behavior among them. Natural hydrogen contains three isotopes: protium, or 
“common” hydrogen, which contains zero neutrons (abundance 99.985 percent); 
deuterium, which contains one neutron (abundance 0.015 percent); and radioac¬ 
tive tritium, which contains two neutrons (abundance 10 -15 percent). In fact, this 
is the only set of isotopes for which special symbols are used: H for protium, D for 
deuterium, and T for tritium. As the molar mass of the isotopes increases, there is 
a significant increase in both the boiling point and the bond energy (Table 10.1). 


Physical properties of the isotopes of hydrogen 

Isotope 

Molar mass (g-mol *) 

Boiling point (K) 

Bond energy (kJ*mol *) 

H 2 

2.02 

20.6 

436 

d 2 

4.03 

23.9 

443 

t 2 

6.03 

25.2 

447 


Atoms of hydrogen-7 have been 
created, but they have a lifetime of 
less than 10 -21 s. 


The strongest single bond 
between two atoms of the same 
element is that between two atoms 
of tritium in T 2 , with an energy of 
447 kJ-mol -1 . The energy of the 
bond between two hydrogen-1 
atoms is 436 kJ-mol” 1 . 


The covalent bonds of deuterium and tritium with other elements are also 
stronger than those of common hydrogen. For example, when water is electro¬ 
lyzed to give hydrogen gas and oxygen gas, it is the O—H covalent bonds that are 
broken more readily than O—D bonds. As a result, the remaining liquid contains 
a higher and higher proportion of “heavy” water, deuterium oxide. When 30 L 
of water is electrolyzed down to a volume of 1 mL, the remaining liquid is about 
99 percent pure deuterium oxide. Normal water and “heavy” water, D 2 0, differ 
in all their physical properties; for example, deuterium oxide melts at 3.8°C and 
boils at 101.4°C. The density of deuterium oxide is about 10 percent higher than 
that of protium oxide at all temperatures. As a result, heavy water ice cubes will 
sink in “light” water at 0°C. Deuterium oxide is used widely as a solvent so that 
the hydrogen atoms in solute molecules can be studied without their properties 
being “swamped” by those in the aqueous solvent. Reaction pathways involving 
hydrogen atoms also can be studied by using deuterium-substituted compounds. 

Tritium is a radioactive isotope with a half-life of about 12 years. With such 
a short half-life, we might expect that none survives naturally; in fact, tritium 
is constantly being formed by the impact of cosmic rays on atoms in the upper 
atmosphere. One pathway for its production involves the impact of a neutron 
on a nitrogen atom: 

14 xt _L 1 v 12/^i _i_ S'-p 

7 N + o n 6 e + X T 
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The isotope decays to give the rare isotope of helium, helium-3: 

3 T 3 Re + _0 e 

There is a significant demand for tritium. It is sought for medical purposes, 
where it is useful as a tracer. In its radioactive decay, the isotope emits low- 
energy electrons ((3 rays) but no harmful y rays.The electrons can be tracked by 
a counter and cause minimal tissue damage. The most significant consumers of 
tritium are the military forces of the countries possessing hydrogen (more accu¬ 
rately, tritium) bombs. To extract the traces of tritium that occur in water would 
require the processing of massive quantities of water. An easier synthetic route 
entails the bombardment of lithium-6 by neutrons in a nuclear reactor: 

6 3 U + In -> iHe + iT 

Tritium’s short half-life creates a problem for military scientists of nuclear 
powers because, over time, the tritium content of nuclear warheads diminishes 
until it is below the critical mass needed for fusion. Hence, warheads have to 
be periodically “topped up” if they are to remain usable. 

10.2 Nuclear Magnetic Resonance 


One of the most useful tools for studying molecular structure is nuclear magnetic 
resonance (NMR).This technique involves the study of nuclear spin. As discussed 
in Chapter 2, Section 2.3, protons and neutrons have spins of ±\. In an atom, there 
are four possible permutations of nuclear particles: even numbers of both protons 
and neutrons, odd number of protons and even number of neutrons, even number 
of protons and odd number of neutrons, and odd numbers of both protons and 
neutrons. The last three categories, then, will have unpaired nucleons. This condi¬ 
tion might be expected to occur in an enormous number of nuclei, but, with spin 
pairing being a major driving force for the stability of nuclei, only 4 of the 273 
stable nuclei have odd numbers of both protons and neutrons. 

Unpaired nucleons can have a spin of +\ or each spin state has the same 
energy. However, in a magnetic field, the spin can be either parallel with the field 
or opposed to it, and the parallel arrangement has lower energy. The splitting of 
(difference between) the two energy levels is very small and corresponds to the 
radio frequency range of the electromagnetic spectrum. When we focus a radio 
wave source on the sample with unpaired nucleons and adjust the frequency 
of radio waves to the energy level of the splitting, electromagnetic radiation 
is absorbed by the sample as unpaired nucleons reverse their spins to oppose 
the field; that is, they move to the higher energy level. In a field of 15 000 gauss, 
absorption happens at 63.9 MHz (or 6.39 X 10 7 s -1 ) for an isolated proton. 

The relative intensity of the absorption depends very much on the iden¬ 
tity of the nucleus. As it happens, hydrogen-1 gives the most intense absorp¬ 
tion among the nuclei (Figure 10.1). This is fortunate, because hydrogen is 
the most common element in the universe and therefore readily available for 
study. Even today, years after the discovery of NMR, hydrogen is the element 
most studied by this technique. 
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FIGURE 10.1 Relative intensities 
of the unique absorption by 
common isotopes in a magnetic 
field of 14 000 gauss. 
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Isotopes in Chemistry 


I n our discussions of the chemistry of elements, we 
rarely mention the effects of isotopes on chemical re¬ 
actions, yet such effects are of considerable importance, 
particularly for hydrogen, where isotopic mass differ¬ 
ences are so large. The difference in isotope masses can 
affect reaction rates and the position of equilibria. 

We have a better understanding of the role of iso¬ 
topes as a result of the Bigeleisen-Mayer formulation 
(co-discovered by the same Maria Goeppert-Mayer we 
mentioned in the Chapter 2 feature “Origin of the Shell 
Model of the Nucleus”). This relationship showed that 
bonds to light isotopes are easier to break than those to 
heavier isotopes. Thus, the heavy isotope of an element 
will favor chemical species in which it is bound more 
strongly. We find, for example, that in the environment, 
the heavier isotope of sulfur, sulfur-34, is slightly more 
abundant as sulfate (where sulfur has strong covalent 
bonds to four oxygen atoms) than as sulfide. It is possible to 
separate isotopes by means of chemical equilibria. A good 
example of an isotope effect in a chemical reaction is 

HD(g) + H 2 O(0 ^ H 2 (g) + HDO(g) 

The plots of energy wells are shown for the four species in 
Figure 10.2. It can be seen that deuterium forms a propor¬ 
tionally stronger bond with oxygen than with hydrogen. 
Thus, there is an energy preference for the HDO/H 2 combi¬ 
nation; in other words, the equilibrium lies to the right and it 
is the water that is enriched in deuterium. It is by means of a 
series of such equilibria that pure D 2 Q can be produced. 


da 
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HD 


FIGURE 10.2 A plot of relative energies for the 
hydrogen gas-water equilibrium for the hydrogen and 
deuterium isotopes. 

Carbon is another element for which isotope effects are 
particularly important—in fact, the proportion of carbon-13 
can vary from 0.99 percent to 1.10 percent, depending on the 
carbon source. When carbon dioxide is absorbed by plants 
and converted to sugars, different photosynthetic pathways 
result in different fractionation of the carbon isotopes. For 
example, from the carbon isotope ratio, we can tell whether 
a sugar sample is derived from sugarcane or sugar beets. 
These isotope ratio tests have become invaluable in check¬ 
ing consumer foodstuffs for quality, such as the possible 
adulteration of honey or wine with low-cost sugar solution. 
In the chemistry laboratory, there are many applications of 
isotope effects, including the correlation of infrared absorp¬ 
tion spectra with molecular vibrations. 


If this were all that NMR could do, it would not be a particularly useful tech¬ 
nique. However, the electrons surrounding a nucleus affect the actual magnetic 
field experienced by the nucleus. Because the magnetic field for each environ¬ 
ment differs from that applied by a magnet, the splitting of the energy levels 
and the frequency of radiation absorbed are unique for each species. Thus, ab¬ 
sorption frequency reflects the atomic environment. The difference in frequency 
absorbed (called the chemical shift, or simply, shift) is very small—about 1CT 6 of 
the signal itself. Hence, we report the shifts in terms of parts per million (ppm). 
In addition, splitting of the transition levels can occur through interaction with 
neighboring odd-spin nuclei. Thus, the relative locations of atoms can often be 
identified by NMR. This technique is a great aid to chemists, particularly organic 
chemists, both for the identification of a compound and for the study of electron 
distributions within molecules. It is also used extensively in the health field under 
the name of magnetic resonance imaging (MRI). 












10.3 Properties of Hydrogen 231 


10.3 Properties of Hydrogen 

As stated earlier, hydrogen is a unique element, not belonging to any of the other 
groups in the periodic table. Some versions of the periodic table place it as a 
member of the alkali metals, some as a member of the halogens, others place 
it in both locations, and a few place it on its own. The basic reasons for and 
against placement of hydrogen in either Group 1 or Group 17 are summarized 
in Table 10.2. Throughout this book, hydrogen has a place in the periodic table 
all its own, emphasizing the uniqueness of this element. In particular, since 
hydrogen has an electronegativity higher than those of the alkali metals and 
lower than those of the halogens, it makes sense to place hydrogen midway 
between the two groups. 


TABLE T0.2 

Reasons for and against placing hydrogen in Group 1 or 17 


Argument for placement Argument against placement 

Alkali metal group 

Forms monopositive Is not a metal 

ion, H + (H 3 0 + ) 

Has a single s electron Does not react with water 

Halogen group 

Is a nonmetal Rarely forms 

mononegative ion, H~ 

Forms a diatomic Is comparatively 

molecule nonreactive 




Dihydrogen is a colorless, odorless gas that liquefies at -253°C and solidifies 
at -259°C. Hydrogen gas is not very reactive, partly because of the high H—H 
covalent bond energy (436 kJ*mol _1 ). Dihydrogen does react with dioxygen. If 
hydrogen gas and oxygen gas are mixed and sparked, the reaction is explosive: 

2 H 2 (g) + 0 2 (g) —¥■ 2 H 2 0(g) 

The reaction has to be enthalpy driven because there is a decrease in entropy 
(see Chapter 6, Section 6.1). If we add the bond energies, we see that the 
strong O—H bond (464 kJ-mol _1 ) makes the reaction thermodynamically 
feasible (Figure 10.3). 

Dihydrogen reacts with the halogens, with the rate of reaction decreasing down 
the group. It has a violent reaction with difluorine to give hydrogen fluoride: 

H 2 (g) + F 2 (g) —> 2 HF(g) 

The reaction of dihydrogen with dinitrogen (discussed more fully in Chapter 15, 
Section 15.5) is very slow in the absence of a catalyst: 

3H 2 (g) + N 2 (g)^2NH 3 (g) 

At high temperatures, dihydrogen reduces many metal oxides to the metallic 
element. Thus, copper(II) oxide is reduced to copper metal: 

CuO(s) + H 2 (g) Cu(s) + H 2 0(g) 
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FIGURE 10.3 Theoretical 2 H(g) + O(g) 

enthalpy cycle for the formation -r- 

of water. 


H 2 (g) + 0(g) 


+436 kj 


H 2 (g) + \ O z (g) 


-928 kj 


+248 kj 


-244 kj 


V 


H 2 0(g) 


In the presence of a catalyst (usually powdered palladium or platinum), dihy¬ 
drogen will reduce carbon-carbon double and triple bonds to single bonds. For 
example, ethene, C 2 H 4 , is reduced to ethane, C 2 H 6 : 

H 2 C=CH 2 (g) + H 2 (g) —> H 3 C CH 3 (g) 

The reduction with dihydrogen is used to convert unsaturated liquid fats (edi¬ 
ble oils), which have numerous carbon-carbon double bonds, to higher melting, 
partially saturated solid fats (margarines), which contain fewer carbon-carbon 
double bonds. 

In the laboratory, hydrogen gas can be generated by the action of dilute 
acids on many metals. A particularly convenient reaction is that between zinc 
and dilute hydrochloric acid: 

Zn(s) + 2 HCl(aq) —> ZnC\ 2 (aq) + H 2 (g) 

There are several different routes of industrial synthesis, one of these being the 
steam re-forming process. In the first step of this process, the endothermic reaction 
of natural gas (methane) with steam at high temperatures gives carbon monoxide 
and hydrogen gas. It is difficult to separate the two products because the mixture 
must be cooled below —205°C before the carbon monoxide will condense. To over¬ 
come this problem and to increase the yield of hydrogen gas, the mixture is cooled, 
additional steam is injected, and the combination is passed over a different catalyst 
system. Under these conditions, the carbon monoxide is oxidized in an exothermic 
reaction to carbon dioxide, and the added water is reduced to hydrogen: 

CH 4 (g) + H 2 0(g) “!£» CO(g) + 3 H 2 (g) 

CO(g) + H 2 0(g) C0 2 (g) + H 2 (g) 

The carbon dioxide can be separated from hydrogen gas in several ways. One 
is to cool the products below the condensation temperature of carbon dioxide 
(—78°C), which is much higher than that of dihydrogen (—253°C). However, this 
process still requires large-scale refrigeration systems. Another route involves 
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Searching the Depths of Space for the Trihydrogen Ion 


* SB d WBk 

* 5 - »■ +* 

9/ U \ 

W e think of chemistry in terms of what occurs at 
about 100 kPa and 25°C, the conditions on the 
surface of this planet. But stable chemical species can 
be very different in other parts of the universe. One of 
the most interesting is the trihydrogen cation. This ion 
is formed in the upper levels of planetary atmospheres, 
where solar wind and other sources of high-energy elec¬ 
trons collide with hydrogen molecules: 

H 2 (g) + e~ —>H 2 + (g) + 2 e“ 

H 2 + (g) + H 2 (g) —» H 3 + (g) + H(g) 

The trihydrogen ion is very stable under these condi¬ 
tions of low pressure and has a very characteristic and 
extremely intense vibrational emission spectrum. Thus, 
astrochemists have been able to study the trihydrogen 
ion in the outer planets Jupiter, Saturn, and Uranus to 
give information about the upper levels of the atmo¬ 
spheres of these gas giants. 

The ion consists of an equilateral triangle of hydrogen 
atoms with H—H bond lengths of 87 pm. It is thermo¬ 


dynamically stable in isolation, but in planetary atmo¬ 
spheres, the ion undergoes a variety of ion-ion reactions, 
the most important decomposition pathway being that of 
the reaction with electrons: 

H 3 + (g) + e-^H 2 (g) + H(g) 

The most exciting discoveries are yet to come. By mea¬ 
suring gravitational wobbles of nearby stars, astronomers 
have concluded that many of the stars have planets orbit¬ 
ing them. At present, more than 40 stars have been shown 
by this indirect means to have one or more planets. But 
no one has actually seen one of these planets directly. The 
reflected sunlight from them is far too weak to detect, but 
the power of the latest generation of telescopes might be 
just sensitive enough to detect the trihydrogen emission 
spectrum. It is probably just a matter of time and the de¬ 
velopment of even more sensitive telescopes before the 
telltale trihydrogen spectrum will directly confirm the ex¬ 
istence of planets around other stars in our galaxy. 


passage of the gas mixture through a solution of potassium carbonate. Carbon 
dioxide is an acid oxide, unlike carbon monoxide, which is neutral. One mole of 
carbon dioxide reacts with an excess of carbonate ion and water to give 2 moles 
of the hydrogen carbonate ion. When reaction is complete, the potassium hydrogen 
carbonate solution can be removed and heated to regenerate the potassium car¬ 
bonate, while the pure carbon dioxide gas can be collected and pressurized: 

K 2 C0 3 (aq) + C0 2 (g) + H 2 0(/) ^ 2 KHC0 3 (^) 

For most purposes, the purity of the dihydrogen (molecular hydrogen) 
obtained from thermochemical processes is satisfactory. However, very pure 
hydrogen gas (at least 99.9 percent) is generated by an electrochemical route, 
the electrolysis of a sodium hydroxide or potassium hydroxide solution. The 
reaction produces oxygen gas at the anode and hydrogen gas at the cathode: 

Cathode: 2 H 2 0(/) + 2 e“ ^2 0¥L~(aq) + H 2 (g) 

Anode: 3 H 2 0(7) ->2 H 3 0 + (a^)+ \ 0 2 (g) + 2 e“ 

10.4 Hydrides 


Binary compounds of hydrogen are given the generic name of hydrides. 
Hydrogen, which forms binary compounds with most elements, has an electro¬ 
negativity only slightly above the median value of all the elements in the peri¬ 
odic table. As a result, it behaves as a weakly electronegative nonmetal, forming 
ionic compounds with very electropositive metals and covalent compounds 
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FIGURE 10.4 Three common 
types of hydrides: ionic, covalent, 
and metallic. Only the main and 
transition groups are shown. A 
few lanthanoids and actinoids 
also form metallic hydrides (not 
shown). For unshaded elements, 
hydrides are either unknown or 
poorly characterized. 
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with nonmetals, as we discussed in Chapter 9, Section 9.2. In addition, it forms 
metallic hydrides with some of the transition metals. The distribution of the 
three major types of hydrides is shown in Figure 10.4. 


Ionic Hydrides 

All the ionic hydrides are very reactive white solids and are formed only by the 
most electropositive metals. We can see the reason by contrasting the forma¬ 
tion of an ionic metal chloride with a metal hydride. The formation of a crystal 
lattice (gas to solid) will result in a negative entropy change: 

M + (g) + X-(g)->M + X-(s) 

Thus, the enthalpy of formation of the crystal lattice has to be the driving force 
for the formation of a solid ionic hydride. The ionization energy of a metal cation 
is always positive. It is in the theoretical enthalpy change of formation of chlo¬ 
ride ion with that of hydride ion where the crucial difference arises: 


lCl 2 (g) 


+121 kJ-mol 


cite) 


_ —369 kJ*mol 

+ e -> 


Cl“(g) 

A// OV e r aii = — 248 kJ-mol 1 


2 (g)- 


1-218 kJ*mol 


'H(g) + e” 


-69 kJ-mol 


H-(g) 

^ ^overall 


+ 149 kJ-mol -1 


With the H—H bond much stronger than the Cl—Cl bond and a much lower 
electron affinity of hydrogen than chlorine, anion formation for the hydride ion is 
significantly positive, whereas that for chloride is very negative. For that reason, 
only a cation with a very low ionization energy (such as those of the alkali metals) 
will enable the net enthalpy change for the hydride formation to be negative. 

The hydride ion is a strong reducing agent. For example, it will reduce water 
to hydrogen gas. The reaction of calcium hydride with water is sometimes used 
in organic chemistry as a means to chemically dry organic solvents: 


CaH 2 (s) + H 2 0(/) Ca(OH) 2 (s) + H 2 (g) 


Covalent Hydrides 

Hydrogen forms compounds containing covalent bonds with all the nonmetals 
(except the noble gases) and with very weakly electropositive metals such as 
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gallium and tin. Almost all the simple covalent hydrides are gases at room tem¬ 
perature. There are three subcategories of covalent hydrides: 

Those in which the hydrogen atom is nearly neutral 
Those in which the hydrogen atom is substantially positive 

Those in which the hydrogen atom is slightly negative, including the 
electron-deficient boron compounds 


For the first category, because of their low polarity, the sole intermolecular 
force between neighboring hydride molecules is dispersion; as a result, these 
covalent hydrides are gases with low boiling points. Typical examples of 
these hydrides are hydrogen selenide, H 2 Se (b.p. — 60°C), and phosphine, PH 3 
(b.p. — 90°C). 

The largest group of near-neutral covalent hydrides contains carbon—the 
hydrocarbons—and comprises the alkanes, the alkenes, the alkynes, and the 
aromatic hydrocarbons. Many of the hydrocarbons are large molecules in 
which the intermolecular forces are strong enough to allow them to be liquids 
or solids at room temperature. All the hydrocarbons are thermodynamically 
unstable toward oxidation. For example, methane reacts spontaneously with 
dioxygen to give carbon dioxide and water: 


CH 4 (g) + 2 0 2 (g) C0 2 (g) + 2 H z O(g) 


A G e = -800 kJ-mol” 


The process is very slow unless the mixture is ignited; that is, the reaction 
has a high activation energy. 

Ammonia, water, and hydrogen fluoride belong to the second category 
of covalent hydrides—hydrogen compounds containing positively charged 
hydrogen atoms. These compounds differ from the other covalent hydrides 
in their abnormally high melting and boiling points. This property is illus¬ 
trated by the boiling points of the Group 17 hydrides (Figure 10.5). 

The positively charged hydrogen in these compounds is attracted by 
an electron pair on another atom to form a weak bond that is known 
as a hydrogen bond (discussed in Chapter 3, Section 3.12) but is more 
accurately called a protonic bridge. Even though, as an intermolecular 
force, protonic bridging is very strong, it is still weak compared to a covalent 
bond. For example, the H 2 0***H0H protonic bridge has a bond energy of 
22 kTmor 1 , compared to 464 kTmol -1 for the O—H covalent bond. In intro¬ 
ductory chemistry texts, protonic bridges are regarded as very strong dipole- 
dipole interactions occurring as a result of the very polar covalent bonds in 
the bridged molecules. However, according to this concept of electrostatic 
attraction, hydrogen chloride should also show this effect, and it does not (to 
any significant extent). 

Hydrogen bonds can also be described in terms of a covalent model using 
molecular orbital theory. This model utilizes the overlap of a a orbital on one 
water molecule with a a orbital on another molecule. The interaction of these two 
orbitals results in a bonding/nonbonding pair occupied by one electron pair (in 
the bonding set). The observation that hydrogen bond lengths are usually much 
shorter than the sum of the van der Waals radii of the two atoms supports this 
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FIGURE 10.5 Boiling points of 
the Group 17 hydrides. 
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model. Furthermore, we find that the stronger the protonic bridge, the weaker the 
O—H covalent bond. Thus, the two bonds are strongly interrelated. 

The third category of hydrides in which the hydrogen atom is slightly nega¬ 
tive includes diborane, B 2 H 6 , silane, SiH 4 , germane, GeH 4 , and stannane (sys¬ 
tematic name: tin(IV) hydride), SnH 4 . These monomeric hydrides containing 
negatively charged hydrogen react violently with oxygen. For example, stan¬ 
nane burns to give tin(IV) oxide and water: 

SnH 4 (g) + 2 0 2 (g) —¥■ Sn0 2 (g) + 2 H 2 0(/) 

A partially negative hydrogen (a hydridic hydrogen) is thus much more 
reactive than a partially positive hydrogen atom. The bonding in boranes is 
particularly unusual, and we will discuss that topic in Chapter 13, Section 13.4. 
In addition, a few hydrides have polymeric structures with hydrogen atoms 
bridging between the metal atoms. It is the “weak” metals—beryllium, magnesium, 
aluminum, copper, and zinc—that form these structures. 

Metallic (d-Block) Hydrides 

Some transition metals form a third class of hydrides, the metallic hydrides. These 
compounds are often nonstoichiometric; for example, the highest hydrogen- 
titanium ratio is found in a compound with the formula TiH 19 . The nature of 
these compounds is complex. Thus, the titanium hydride mentioned previously 
is now believed to consist of (Ti 4+ )(F1 _ ) 19 (e _ ) 2 .i. It is the free electrons that 
account for the metallic luster and high electrical conductivity of these com¬ 
pounds. The density of the metal hydride is often less than that of the pure 
metal because of structural changes in the metallic crystal lattice, and the com¬ 
pounds are usually brittle. The electrical conductivity of the metallic hydrides 
is generally lower than that of the parent metal as well. 

Most metallic hydrides can be prepared by warming the metal with hydrogen 
under high pressure. At high temperatures, the hydrogen is released as dihy¬ 
drogen gas again. Many alloys (for example, Ni 5 La) can absorb and release 
copious quantities of hydrogen. Their proton densities exceed that of liquid 
hydrogen, a property that makes them of great interest as a means of hydrogen 
storage for use in hydrogen-powered vehicles. 

A major use of a metal hydride is in the nickel metal hydride batteries that 
are used in portable computers, cordless vacuum cleaners, cellular phones, and 
many other cordless electrical devices. The first essential for such a battery is 
to find a metal alloy that reversibly absorbs and releases hydrogen at ambi¬ 
ent temperatures. These hydrogen-absorbing alloys combine a metal, A, whose 
hydride formation is exothermic with another metal, B, whose hydride forma¬ 
tion is endothermic. The alloys exist as four possible ratios: AB (e.g., TiFe), 
AB 2 (e.g., ZnMn 2 ), AB 5 (e.g., LaNi 5 ), and A 2 B (e.g., Mg 2 Ni). Combinations 
are sought that give an essentially energy-neutral hydride formation. It is the 
combinations TiNi 2 and LaNi 5 that have proved best suited for the function. 
In the cells, at the anode, nickel(II) hydroxide is oxidized to nickel(III) oxide 
hydroxide, while at the cathode, water is reduced to hydrogen atoms, which are 
absorbed into the metal alloy: 


Ni(OH) 2 (s) + OH~(ag) —> NiO(OH)(s) + H 2 0(/) + e" 
[Ni-alloy]“ + H 2 0(/) + e" -> [Ni-alloy]H + OH~(aq) 


10.5 Water and Hydrogen Bonding 237 


10.5 Water and Hydrogen Bonding 


Water is the only common liquid on this planet. Without water as a solvent 
for our chemical and biochemical reactions, life would be impossible. Yet 
a comparison of water to the other hydrides of Group 16 would lead us to 
expect it to be a gas at the common range of temperatures found on Earth. 

In fact, on the basis of a comparison with the other Group 16 hydrides, 
we would expect water to melt at about -100°C and boil at about -90°C 
(Figure 10.6). 

Hydrogen bonding results in another very rare property of water—the 
liquid phase is denser than the solid phase. For most substances, the mol¬ 
ecules are packed closer in the solid phase than in the liquid, so the solid 
has a higher density than the liquid has. Thus, a solid usually settles to the 
bottom as it starts to crystallize from the liquid phase. Were this to happen with 
water, those lakes, rivers, and seas in parts of the world where temperatures 
drop below freezing would freeze from the bottom up. Fish and other marine 
organisms would be unlikely to survive in such environments. 

Fortunately, ice is less dense than liquid water, so in subzero temperatures, 
a layer of insulating ice forms over the surface of lakes, rivers, and oceans, 
keeping the water beneath in the liquid phase. The cause of this abnormal 
behavior is the open structure of ice, which is due to the network of hydrogen 
bonds (Figure 10.7). 
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FIGURE 10.6 The liquid ranges 
of the Group 16 hydrides. If water 
molecules were not bound to 
one another by hydrogen bonds, 
then water's liquid range would 
be between -90°C and -100°C 
(shaded rectangle). [From G. Rayner- 
Canham et al., Chemistry: A Second 
Course (Don Mills, ON: Addison- 
Wesley, 1989), p. 164.] 




FIGURE 10.7 A representation 
of part of the ice structure, showing 
the open framework. The larger 
circles represent the oxygen 
atoms. [From G. Rayner-Canham et 
at, Chemistry: A Second Course 
(Don Mills, ON: Addison-Wesley, 
1989), p. 165.] 
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Water: The New Wonder Solvent 


s* 


\ 


I n this century of green chemistry, one of the most cru¬ 
cial problems in industry is solvent use. Many solvents, 
particularly those used in organic synthesis, are toxic to 
humans and are potential environmental pollutants. One 
of the best replacements turns out to be our most common 
solvent, water. Traditionally, water was avoided for organic 
synthesis because it has a low to near-zero solubility for the 
low and nonpolar solutes that make up much of organic 
chemistry. However, at high pressure and temperature, the 
properties of water change remarkably. 

Supercritical water has been promoted for more than 
two decades as a potential agent for waste detoxifica¬ 
tion. At a temperature of 400° to 500°C and a pressure of 
between 20 and 40 MPa, water is miscible with oxygen and 
with typical environmental toxins. Under such “aggressive” 
conditions, many toxic organic molecules are decomposed 
into small molecules such as carbon dioxide, water, and 
hydrochloric acid. Under near-critical conditions, water is 
a more benign solvent and can be used for synthesis rather 
than decomposition. One of the important differences 
between normal water and subcritical water is the dielec¬ 
tric constant (a measure of the polarity of the solvent).The 
increase in pressure and temperature leads to a substantial 
decrease in the dielectric constant, reducing its polarity to 
a value close to that of acetone. For example, heptane is 
10 5 times more soluble in near-critical water, while toluene 
is miscible. Thus, water becomes an excellent solvent for 
low and nonpolar reactants. 

Also, near-critical water is autoionized about 10 3 
times more than ordinary water. With the much greater 
concentrations of hydronium and hydroxide ions, acid- or 
base-catalyzed reactions can be performed without the 
need for adding an actual acid or base to the reactants. 
A wide variety of organic reactions have been shown to 


proceed in near-critical water cleanly and without need 
for a catalyst. Table 10.3 shows a comparison of the prop¬ 
erties of normal, near-critical, and supercritical water. 


TABLE 10.3 


Properties of water 


Ambient Near-critical Supercritical 


Temperature (°C) 

25 

275 

400 

Pressure (kPa) 

100 

6000 

20 000 

Density (g*cm -3 ) 

1.0 

0.7 

0.1 

Dielectric constant 

80 

20 

2 


In industrial processes, between 50 and 80 percent 
of capital and operating costs are committed to the 
separation of the products. Reducing the pressure on a 
near-critical water reaction causes the water dielectric 
constant to increase. In turn, this renders the organic 
products insoluble and easily (and cheaply) separable. 

If near-critical water processes are so wonderful, 
why are they not yet widely used? To produce the near- 
critical conditions, thick, expensive, stainless-steel pres¬ 
sure vessels must be used. With some reactions, the more 
chemically resistant (but extremely expensive) titanium 
has to be used as a reaction container. Also, there needs 
to be more research on optimizing conditions before 
large-scale investment is undertaken. Nevertheless, com¬ 
mercial organic synthesis using near-critical water sol¬ 
vent offers strong advantages, such as the avoidance of 
organic solvent systems, elimination of undesirable cata¬ 
lysts, avoidance of unwanted by-products, and improved 
reaction selectivity. Its time has come. 


On the melting of ice, some of these hydrogen bonds are broken and the 
open structure partially collapses. This change increases the liquid’s density. 
The density reaches a maximum at 4°C, at which point the increase in density 
due to the collapsing of the hydrogen-bonded clusters of water molecules is 
overtaken by the decrease in density due to the increasing molecular motion 
resulting from the rise in temperature. 

To appreciate another unusual property of water, we must look at a phase 
diagram. A phase diagram displays the thermodynamically stable phase of an 
element or compound with respect to pressure and temperature. Figure 10.8 
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shows an idealized phase diagram. The regions between the solid lines 
represent the phase that is thermodynamically stable under those par¬ 
ticular combinations of pressure and temperature. The standard melting 
and boiling points can be determined by considering the phase changes 
at standard pressure, 100 kPa. When a horizontal dashed line is projected 
from the point of standard pressure, the temperature at which that line 
crosses the solid-liquid boundary is the melting point, and the temperature 
at which the line crosses the liquid-gas line is the boiling point. For almost 
all substances, the solid-liquid line has a positive slope. This trend means 
that application of a sufficiently high pressure to the liquid phase will cause 
the substance to solidify. 

Water, however, has an abnormal phase diagram (Figure 10.9) because the 
density of ice is lower than that of liquid water. The Le Chatelier principle 
indicates that the denser phase is favored by increasing pressure. So, for water, 
application of pressure to the less dense solid phase causes it to melt to the 
denser liquid phase. It is this anomalous behavior that contributes to the fea¬ 
sibility of ice skating, because the pressure of the blade, together with friction 
heating, melts the ice surface, providing a low-friction liquid layer down to 
about -30°C. 

Finally, of course, water is essential in terms of its acid-base chemistry, 
resulting from its autoionization: 

2 H 2 0(/) ^ H 3 0 + (a<7) + OH~ (aq) 

This topic is covered in depth in Chapter 7. 


10.6 Clathrates 


Until a few years ago, clathrates were a laboratory curiosity. Now the methane 
and carbon dioxide clathrates in particular are becoming of major environ¬ 
mental interest. A clathrate is defined as a substance in which molecules or 
atoms are trapped within the crystalline framework of other molecules. The 
name is derived from the Latin word clathratus, which means “enclosed be¬ 
hind bars.” In our discussion here we will focus on the gas clathrates of water, 
sometimes called gas hydrates. Although the latter term is widely used, it is 
not strictly correct, since the term hydrate usually implies some intermolecular 
attraction between the substance and the surrounding water molecules as, for 
example, in hydrated metal ions. 

The noble gas clathrates used to be the classic example of a clathrate. Until 
1962, no chemical compounds of the noble gases were known (see Chapter 18, 
Section 18.4), and clathrates provided the only chemistry of those elements. 
For example, when xenon dissolves in water under pressure and the solution 
is cooled below 0°C, crystals with the approximate composition of Xe*6H 2 0 
are formed. Warming the crystals causes immediate release of the gas. There 
is no chemical interaction between the noble gas and the water molecule; the 
gas atoms are simply locked into cavities in the hydrogen-bonded ice structure. 
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FIGURE 10.8 An idealized 
phase diagram. 
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FIGURE 10.9 Phase diagram 
for water (not to scale). 
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As the ice melts, the cavity structure collapses and the gas atoms are released. 
However, a significant point is that the presence of a “guest” within the ice 
structure stabilizes the crystal lattice and raises the melting point of the ice to 
several degrees above 0°C. 


Methane Clathrates 



FIGURE 10.10 A representation 
of part of the methane clathrate 
structure. 


It was the discovery of methane hydrates (Figure 10.10) on the seafloor that 
turned clathrates into an issue of major importance. We are now aware that 
large areas of the ocean floors have thick layers of methane clathrates just 
beneath the top layer of sediment. It is probable these clathrate layers 
have formed over eons by the interaction of rising methane from leak¬ 
ing subsurface gas deposits with near-freezing water percolating down 
through the sediment layers. Provided the water is at a temperature and 
pressure below those of the melting point of the clathrate, the clathrate 
will form. Each cubic centimeter of hydrate contains about 175 cm 3 of 
methane gas measured at SATP (298 K and 100 kPa). The methane 
content of the clathrate is sufficient that the “ice” will actually burn. It 
is believed that the total carbon in the methane clathrate deposits in 
the world oceans is twice that of the sum of all coal, oil, and natural gas 
deposits on land. 

Because the stability of methane clathrates is so temperature and 
pressure dependent, there is concern that the warming of oceans may 
lead to the melting of clathrate deposits, releasing large volumes of 
methane into the atmosphere. There are also extensive methane clathrate de¬ 
posits in the permafrosts of northern Canada and northern Russia. The released 
methane would then have a significant effect on climate because methane is a 
potent greenhouse gas (see Chapter 14, Section 14.11). It has been argued that 
some sudden past changes of climate were triggered by methane release from 
clathrates. For example, the lowering of water levels during ice ages would have 
reduced the pressure on seabed deposits, possibly liberating large volumes of 
gas. The increased methane levels would then have caused global warming, 
terminating the ice age. 


Carbon Dioxide Clathrates 

Deep-ocean sequestration of carbon dioxide has been suggested as one pos¬ 
sible method of storing waste carbon dioxide produced by power plants and in¬ 
dustrial processes. When carbon dioxide is released into the deep ocean, under 
the ambient conditions of temperature and pressure, it forms a solid clathrate. 
The clathrate has a high stability; for example, at a depth of 250 m, where the 
pressure is about 2.7 MPa, the clathrate is stable at +5°C. Whereas “normal” 
ice is less dense than liquid water, the carbon dioxide clathrate has a density of 
about 1.1 g*cm -3 and sinks to the ocean floor. It has been proposed that mega¬ 
tonnes of excess carbon dioxide could be disposed of in this way. There are 
three major concerns with this concept. First and most important, the layer of 
carbon dioxide clathrate will smother the exotic bottom life of the deep oceans 
where the clathrates are deposited. Second, experiments have already shown 
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that fishes exhibit respiratory distress when they approach the acidic carbon 
dioxide-saturated water around experimental clathrate deposits. Third, over 
an extended period—perhaps hundreds of thousands of years—the clathrates 
will probably release their captive carbon dioxide to the surrounding waters, 
causing a pH decrease of the oceans. The pH change would obviously have an 
effect on the ecological balance of marine life. 


10.7 Biological Aspects of Hydrogen Bonding 


Hydrogen is a key element in living organisms. In fact, the existence of life 
depends on two particular properties of hydrogen: the closeness of the elec¬ 
tronegativities of carbon and hydrogen and the ability of hydrogen to form 
hydrogen bonds when covalently bonded to nitrogen or oxygen. The low 
polarity of the carbon-hydrogen bond contributes to the stability of organic 
compounds in our chemically reactive world. Biological processes also rely on 
both polar and nonpolar surfaces, the best example of the latter being the lipids. 
It is important to realize that nonpolar sections of biological molecules, usually 
containing just carbon and hydrogen atoms, are just as significant as their polar 
regions. 

Hydrogen bonding is a vital part of all biomolecules. Proteins are held in 
shape by hydrogen bonds that form cross-links between chains. The strands 
of DNA and RNA, the genetic material, are held together by hydrogen bonds 
as well. But more than that, the hydrogen bonds in the double helices are not 
random: they form between specific pairs of organic bases. These pairs are pre¬ 
ferentially hydrogen bonded, because the two components fit together to give 
particularly close approaches of the hydrogen atoms involved in the hydrogen 
bonding. This bonding is illustrated in Figure 10.11 for the interaction between 
two particular base units, thymine and adenine. It is the specific matching that 
results in the precise ordering of the components in the DNA and RNA chains, 
a system that allows those molecules to reproduce themselves almost com¬ 
pletely error-free. 
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FIGURE 10.11 Hydrogen bond 
interaction between thymine and 
adenine fragments of the two 
strands in a DNA molecule. 
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Is There Life Elsewhere in Our Solar System? 


I t is difficult for a chemist or biochemist to visualize 
any life-form that does not depend on water. Water 
is an ideal solvent, and it is hydrogen bonds that allow 
protein and DNA molecules to form their complex struc¬ 
tures. This raises the question of where there is liquid 
water, is there life? 

Until recently, this seemed to be a theoretical ques¬ 
tion, since no other planets possessed any surface liquid 
water. Now our attention is focusing on the larger moons 
of Jupiter. It was traditionally believed that the other 
moons in the solar system would be like our own—rocky, 
dust covered, and lifeless. From photos sent back by 
space probes, we now know that the moons of Jupiter 
and Saturn show some incredible differences in surfaces. 
The most strikingly different moon is Io, with its sulfur 
volcanoes and unique chemistry. 

There are, in fact, four large moons of Jupiter: Io, 
Europa, Ganymede, and Callisto (in order of increas¬ 
ing distance from Jupiter). Europa is the moon of next 
greatest interest to astrochemists. Our Moon, like other 
“dead” objects in the solar system, is covered by craters, 
mainly formed by impacts of asteroids over the entire 
geologic timescale. Europa, however, is the smoothest- 
surfaced body ever discovered and also has a very low 
average density. Hence, the surface is thought to consist 
of ice. The surface must have been liquid in the geologi¬ 
cally recent past to “freeze over” meteor impact sites. 

This raises the question as to whether there is liquid 
water beneath the surface ice of Europa. After all, ice is 
a good insulator (even though the surface is at — 160°C), 


and the tidal friction from Jupiter may well provide an 
energy source. From that question follows another: if 
there is liquid water, has any life developed in it? A few 
years ago, this question would have raised laughter, but 
no more. We are now aware of extremophile bacteria 
that can thrive in the most unlikely environments. In 
fact, living bacteria have recently been found in ice lay¬ 
ers nearly 4 km beneath the Antarctic ice sheet and just 
above Lake Vostok, which is under the ice sheet itself. 
To investigate the surface of Europa, NASA proposed 
to send a probe, the Europa Ice Clipper, to the Moon 
to collect samples of the ice and bring them back. Evi¬ 
dence of recent melting, dissolved ionic solutes—and 
maybe embedded simple organisms—would be excit¬ 
ing. Unfortunately, that probe was canceled, but per¬ 
haps another mission will be proposed to accomplish 
this important task. 

Attention is now turning to Ganymede and Callisto. 
Ganymede is the largest of Jupiter’s moons; in fact, it 
is the largest moon in the solar system, and it is even 
larger than the planet Mercury. Ganymede, too, has an 
icy surface, although there is evidence that it has a core 
of molten iron. If so, then there may be a layer of liquid 
water under the ice. For this moon, the highly cratered 
ice seems to be about 800 km thick; thus, reaching the liq¬ 
uid layer would be a near-impossible task. There is now 
evidence that Callisto, too, has a salty ocean underneath 
the old icy surface. However, if there is currently life any¬ 
where else in the solar system, chemists and biochemists 
are betting on Europa. 


NaH 

Na 

HF < Fz H 2 ° z > H 2 0 



nh 3 


All proteins depend on hydrogen bonding for their function as well. Pro¬ 
teins consist mainly of one or more strands of linked amino acids. But to func¬ 
tion, most proteins must form a compact shape. To do this, the protein strand 
loops and intertwines with itself, being held in place by hydrogen bonds cross 
linking one part of the strand to another. 


10.8 Element Reaction Flowchart 


In each chapter discussing chemical elements, a flowchart will be used to dis¬ 
play the key reactions of that element. See the flowchart for hydrogen in the 
margin. 
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KEY IDEAS 

• Dihydrogen is a reactive, gaseous element. • Clathrates (methane and carbon dioxide) have become 

• Three classes of hydrides are known: ionic, covalent of increasing environmental interest. 

(three subcategories), and metallic. 

• Hydrogen bonding plays a major role in determining the 
physical properties of water. 


EXERCISES 

10.1 Define the following terms: (a) protonic bridge; 

(b) hydridic bridge. 

10.2 Define the following terms: (a) clathrate; (b) phase 
diagram. 

10.3 An ice cube at 0°C is placed in some liquid water at 
0°C. The ice cube sinks. Suggest an explanation. 

10.4 Which of the following isotopes can be studied 
by nuclear magnetic resonance: carbon-12, oxygen-16, 
oxygen-17? 

10.5 When we study the NMR spectrum of a compound, 
why are the absorption frequencies expressed as ppm? 

10.6 Explain why hydrogen is not placed with the alkali 
metals in the periodic table. 

10.7 Explain why hydrogen is not placed with the halogens 
in the periodic table. 

10.8 Explain why hydrogen gas is comparatively unreactive. 

10.9 Is the reaction of dihydrogen with dinitrogen to pro¬ 
duce ammonia entropy or enthalpy driven? Do not consult 
data tables. Explain your reasoning. 

10.10 Write chemical equations for the reaction between 

(a) tungsten(VI) oxide, W0 3 , and dihydrogen with 
heating 

(b) hydrogen gas and chlorine gas 

(c) aluminum metal and dilute hydrochloric acid 

10.11 Write chemical equations for the reaction of 

(a) potassium hydrogen carbonate on heating 

(b) ethyne, HC=CH, with dihydrogen 

(c) lead(IV) oxide with hydrogen gas on heating 

(d) calcium hydride and water 

10.12 Show that the combustion of methane, CH 4 (g) + 
2 0 2 (g) —> C0 2 (g) + 2 H 2 0(/), is indeed spontaneous by 
calculating the standard molar enthalpy, entropy, free 


energy of combustion from enthalpy of formation, and 
absolute entropy values. Use the data tables in Appendix 1. 

10.13 Construct a theoretical enthalpy cycle (similar to that 
of Figure 10.3) for the formation of ammonia from its elements. 
Obtain bond energy information and the standard enthalpy of 
formation of ammonia from the data tables in Appendices 1 
and 3. Compare your diagram to that in Figure 10.3 and com¬ 
ment on the differences. 

10.14 What is the major difference between ionic and co¬ 
valent hydrides in terms of physical properties? 

10.15 Discuss the three types of covalent hydrides. 

10.16 Which of the following elements is likely to form 
an ionic, metallic, or covalent hydride or no stable hydride: 
(a) chromium; (b) silver; (c) phosphorus; (d) potassium? 

10.17 Write the expected formulas for the hydrides of the 
Period 4 main group elements from potassium to bromine. 
What is the trend in the formulas? In what way are the first 
two members of the series different from the others? 

10.18 Construct a plot of the enthalpies of formation of 
carbon, silicon, and tin hydrides (see Appendix 1) against 
the element-hydrogen electronegativity difference for 
each hydride. Suggest an explanation for the general 
trend. 

10.19 Predict which of the following hydrides is a gas or a 
solid: (a) HC1; (b) NaH. Give your reason in each case. 

10.20 If the hydrogen bond between a pair of hydrogen and 
fluorine atoms is the strongest hydrogen bond, why does water 
have a much higher melting point than hydrogen fluoride? 

10.21 What are the two properties of hydrogen that are 
crucial to the existence of life? 

10.22 Write balanced chemical equations corresponding 
to each transformation in the element reaction flowchart 
for hydrogen (page 242). 
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BEYOND THE BASICS 

10.23 Predict which of the following hydrides is likely to be 
strongly hydrogen bonded and so deduce the likely phases 
of each of the hydrides at room temperature: (a) H 2 0 2 ; 
(b) P 2 H 4 ; (c) N 2 H 4 ; (d) B 2 H 6 . 

10.24 Write balanced chemical equations for the air oxida¬ 
tion of (a) B 2 H 6 ; (b) PbH 4 ; (c) BiH 3 . 

10.25 The hydride ion is sometimes considered similar 
to a halide ion; for example, the lattice energies of sodium 
hydride and sodium chloride are -808 kJ-mol -1 and -788 
kJ-mol _1 , respectively. However, the enthalpy of formation 
of sodium hydride is much less than that of a sodium halide, 
such as sodium chloride. Use the data tables in the appen¬ 
dices to calculate enthalpy of formation values for the two 
compounds and identify the factor(s) that cause the values 
to be so different. 


10.26 Explain why 

(a) interstitial hydrides have a lower density than 
that of the parent metal; 

(b) ionic hydrides are more dense than the parent 
metal. 

10.27 Hydrogen gas has been proposed as the best fuel 
for the twenty-first century. However, a company in Florida 
has developed AquaFuel as an alternative. This gas mixture 
is formed by passing a high current through water using 
carbon electrodes. What are the likely gaseous products of 
electrolysis? Write a balanced molecular equation for the 
process. Write a balanced molecular equation for the com¬ 
bustion of the mixture. Calculate the energy released per 
mole of gas mixture and compare it to the energy released 
per mole of hydrogen gas combustion. 


ADDITIONAL RESOURCES 


For answers to odd-numbered questions: www.whfreeman.com/descriptive5e 




For accompanying video clips: www.whfreeman.com/descriptive5e 




CHAPTER 1 1 


The Group 1 Elements: 
The Alkali Metals 



Metals are usually thought of as being dense and nonreactive. The alkali 
metals, however, are actually the opposite of this characterization, being of 
both low density and very high chemical reactivity. 


C ompounds of the alkali metals have been known since ancient 
times. However, the alkali metal cations are extremely difficult to 
reduce, and it was not until after electric power was harnessed that the 
metals themselves could be extracted. A British scientist, Humphry 
Davy, electrolyzed molten potassium hydroxide in 1807 to extract the 
first of the alkali metals. Davy obtained such acclaim for his extraction 
of these metals from their salts that a rhyme was written about him: 

Sir Humphry Davy 
Abominated gravy 
Lived in the odium 
Of having discovered sodium. 

(E. C. Bentley, 1875-1956) 

Nationalism has often become interwoven with chemistry. When 
Napoleon heard of Davy’s discovery, he was extremely angry that 
the French chemists had not been first. But by coincidence, it was 
a French scientist, Marguerite Perey, who in 1939 isolated the one 
alkali metal that exists only as radioactive isotopes. She named the 
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Two elements have been named 
after France: francium and gallium 
(from the Latin for France, Gaul). 


element francium after her native country—Napoleon would have been 
delighted! 


11.1 Group Trends 

All of the alkali metals are shiny, silver-colored metals. Like the other metals, 
they have high electrical and thermal conductivities. But in other respects, they 
are very atypical. For example, the alkali metals are very soft, and they become 
softer as one progresses down the group. Thus, lithium can be cut with a knife, 
whereas potassium can be “squashed” like soft butter. 

Most metals have high melting points, but those of the alkali metals are 
very low and become lower as the elements in Group 1 become heavier, with 
cesium melting just above room temperature. In fact, the combination of high 
thermal conductivity and low melting point makes sodium useful as a heat 
transfer material in some nuclear reactors. The softness and low melting points 
of the alkali metals can be attributed to the very weak metallic bonding in 
these elements. For a “typical” metal, the enthalpy of atomization is in the 
range of 400 to 600 kFmoL 1 , but as can be seen from Table 11.1, those of the 
alkali metals are much lower. In fact, there is a correlation between both soft¬ 
ness and low melting point and a small enthalpy of atomization. 


TABLE 11.1 

Melting points and enthalpies of atomization of the 
alkali metals 

Element 

Melting point (°C) 

^^atomization (kJ*mol ) 

Li 

180 

162 

Na 

98 

108 

K 

64 

90 

Rb 

39 

82 

Cs 

29 

78 


Even more atypical are the densities of the alkali metals. Most metals have 
densities between 5 and 15 g^cirT 3 , but those of the alkali metals are far less 
(Table 11.2). In fact, lithium has a density one-half that of water! 


TABLE 11.2 1 

Densities of the alkali metals 

Element 

Density (g*cm -3 ) 

Li 

0.53 

Na 

0.97 

K 

0.86 

Rb 

1.53 

Cs 

1.87 
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With such a low density, lithium would be ideal for making unsinkable 
(although soft!) ships, except for one other property of the alkali metals—their 
high chemical reactivity. The metals are usually stored under oil, because when 
they are exposed to air, a thick coating of oxidation products covers the lustrous 
surface of each metal very rapidly. For example, lithium is oxidized to lithium 
oxide, which in turn reacts with carbon dioxide to give lithium carbonate: 

4 Li(s) + 0 2 (g) —> 2 Li 2 0(s) 

Li 2 0W + C0 2 (g)^Li 2 C0 3 (5) 

The alkali metals react with most nonmetals. For example, every molten 
alkali metal burns in chlorine gas to give off a white smoke of the metal chloride. 

The reaction of sodium with dichlorine really typifies the wonder of chemistry— 
that a highly reactive, dangerous metal reacts with a poisonous gas to produce 
a compound that is essential to life. 

2Na(Z) + Cl 2 (g) —>2 NaCl(s) 

As discussed in Chapter 9, Section 9.1, the reactions of the alkali metals 
with water are very dramatic, with reactivity increasing down the group. The ^ 
equation for the reaction of water with potassium is 

2K(s) + 2 H 2 0(/) —> 2 KOH(a^) + H 2 (g) 

Because they are so much more reactive than the “average” metal, the alkali 
metals are sometimes referred to as the supermetals. 

11.2 Features of Alkali Metal Compounds 

All the Group 1 elements are metals. As a result, all the members of the group 
have common features. The alkali metal ions always have an oxidation number 
of +1, and most of their compounds are stable, ionic solids. The compounds 
are colorless unless they contain a colored anion such as chromate or per¬ 
manganate. Even for these highly electropositive elements, the bonds in their 
compounds with nonmetals have a small covalent component. 

Stabilization of Large Anions 

Because the cations of the alkali metals (except for that of lithium) have among 
the largest sizes and hence the lowest charge densities, they are able to stabilize 
large low-charge anions. For example, the ions of sodium through cesium are 
the only cations that form solid hydrogen carbonate salts. 

Ion Hydration 

All ions are hydrated when dissolved in water. Flowever, this is not always true 
in the solid phase. Hydration in the crystalline solid depends on the balance of 
lattice energy and ion hydration energies. The lattice energy results from the 
electrostatic attraction between the cations and anions: the higher the charge 
density of the ions, the larger the lattice energy. Thus, the lattice energy term 
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favors the loss of an ion’s hydration sphere on crystallization to give the small 
(higher-charge-density) anhydrous ion. But the hydration energy depends on 
the attraction between the ion and the surrounding polar water molecules. A 
major factor contributing to the strength of the ion-dipole attraction is the 
charge density of the ions. In this ionic tug-of-war, we find that high charge 
density usually favors retention of all or part of the hydration sphere in the 
solid phase, while salts of low-charge ions tend to be anhydrous. 

As we mentioned earlier, the alkali metals have very low charge densities 
compared to those of other metals. Thus, we would expect—and find—that the 
majority of solid alkali metal salts are anhydrous. The charge densities of lithium 
and sodium ions are high enough to favor the formation of a few hydrated 
salts. An extreme example is lithium hydroxide, which forms an octahydrate, 
Li0H*8H 2 0. With the lowest charge densities of all metals, very few potassium, 
rubidium, and cesium salts are hydrated. 

The low charge densities are reflected in the trend in hydration enthalpy 
among the alkali metals (Table 11.3). The values are very low (for comparison, 
that of the Mg 2+ ion is 1920 kEmoR 1 ), and the values decrease as radius in¬ 
creases down the group. 


TABLE 11.3 1 

Hydration enthalpies of the alkali metal ions 

Ion 

Hydration enthalpy (kJ*mol _1 ) 

Li + 

519 

Na + 

406 

K + 

322 

Rb + 

301 

Cs + 

276 


Flame Colors 



Each of the alkali metals produces a characteristic flame color when a sample 
of an alkali metal salt is placed in a flame (Table 11.4). In the process, energy 
from the combustion reactions of the fuel is transferred to the metal salt that 
is placed in the flame. This transfer causes electrons in the alkali metal atoms to 
be raised to excited states. The energy is released in the form of visible radiation 


TABLE 11.41 

Alkali metals and their flame colors 

Metal 

Color 

Lithium 

Crimson 

Sodium 

Yellow 

Potassium 

Lilac 

Rubidium 

Red-violet 

Cesium 

Blue 
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as the electron returns to the ground state. Each alkali metal undergoes its own 
unique electron transitions. For example, the yellow color of sodium is a result 
of the energy (photon) emitted when an electron drops from the 3 p 1 orbital 
to the 3s 1 orbital of a neutral sodium atom, the ion having acquired its valence 
electron from the combustion reactions in the flame (Figure 11.1). 


3 P 


Electron 


3p 


1 


Energy 

released 


3 P 


3s 


1 


from 

flame 


3s 


as yellow 
light 



(a) ( b ) (c) 

FIGURE 11.1 In a flame, the sodium ion (a) acquires an electron in the 3 p orbital (b). As 
the electron drops from the excited 3 p state to the ground 3s state (c), the energy is released 
as yellow light. 


11.3 Solubility of Alkali Metal Salts 

It is the solubility of all the common alkali metal salts that makes them so useful 
as reagents in the chemistry laboratory. Whether it is a nitrate, a phosphate, or 
a fluoride anion that we need, we can almost always count on the alkali metal 
salt to enable us to make a solution of the required anion. Yet the solubili¬ 
ties cover a wide range of values. For example, a saturated solution of lithium 
chloride has a concentration of 14 mol*L _1 , whereas a saturated solution of 
lithium carbonate has a concentration of only 0.18 moFL -1 . This variability is 
illustrated by the solubilities of the sodium halides (Table 11.5). 


TABLE 11.5 1 

Solubilities of the sodium halides at 25°C 

Compound 

Solubility (mol*L _1 ) 

NaF 

0.99 

NaCl 

6.2 

NaBr 

9.2 

Nal 

12.3 


To explain this solubility trend, we need to look at the energy cycle involved 
in the formation of a solution from the solid. As we discussed in Chapter 6, 
Section 6.4, the solubility of a compound is dependent on the enthalpy changes 
(the lattice energy and the enthalpy of hydration of the cation and anion) 
together with the corresponding entropy changes. These are shown in Figure 11.2. 
For the salt to be appreciably soluble, the free energy, AG e , should be negative, 
where AG 0 = A H° - TAS e . 
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M + (g) + X-(g) M+(g) + X-(g) 



Ion 

Lattice 

entropy 

Ion hydration 
entropy 

Lattice 

hydration 


M + (aq) + X~(aq ), 

energy 

enthalpy 

M+X"(s) 

/ \ Entropy of 

M+X“(s) 

M+(aq) + X~(aq) , 

^ Enthalpy of 
solution 

(a) 


solution 

( b ) 


FIGURE 11.2 Enthalpy cycle (a) and entropy cycle (b) for the solution of an ionic compound. 
M + is the alkali metal ion and X” is the anion. 


* 


Mono Lake 


r* 

his California lake, nestled against the Sierra 
Nevada, is unique in the world, and this uniqueness 
derives from its chemistry. Surrounded by mountains 
and volcanic hills, the lake has no outlet, so water loss 
is by evaporation. The lake is estimated to be among the 
oldest in North America—at least 760 000 years old. Dur¬ 
ing that time, soluble salts have been leached out of the 
surrounding rocks by surface waters and underground 
springs, accumulating in this lake of surface area about 
180 km 2 (70 mi 2 ) with an average depth of about 20 m 
(60 ft). It has been calculated that the lake contains about 
2.8 X 10 8 tonnes of dissolved salts. 

Whereas the Great Salt Lake in Utah contains mostly 
sodium chloride, Mono Lake contains a fascinating mix 
of soluble sodium and potassium salts, including chloride, 
sulfate, hydrogen carbonate, carbonate, borate, and a trace 
of fluoride, iodide, arsenate, and tungstate ions. Among the 
other metal ions in the lake are calcium, magnesium, and 
strontium. As a result of the high HC0 3 “ and C0 3 2- con¬ 
centrations, the pH of the lake is about 10. Though the 
bulk composition of the lake is known, there is still much 
to discover about the ion interactions and the variation 
in composition with depth and season. 

The tufa towers are the most characteristic feature 
of the lake. They are mainly formed when underwater 
springs rich in calcium ion mix with the carbonate ion 
of the lake waters. Hence, the towers identify the loca¬ 
tion of underwater springs. The water is so saturated 
in these two ions that calcium carbonate deposits form 
over the lake bottom, over discarded soft-drink cans and 
any other debris. The towers only form underwater; thus, 
those visible today result from a drop in water level since 


1941, when feed water was diverted to agricultural and 
consumable use elsewhere in the state. 

Not only is the chemistry of the lake unique; so is 
its ecology. With the high pH and high soluble salt con¬ 
centrations, the only water life is algae, brine shrimp, 
and black alkali flies. These algae-feeding flies swarm 
around the lake, spending two of their three life stages 
entirely underwater. The flies are rich in fat and protein, 
making them an excellent source of food for migrat¬ 
ing birds “refueling” for their long journeys. In fact, the 
lake is one of the most productive ecosystems in the 
world. 

As more and more of the water was diverted, the water 
level dropped, reaching a minimum of about 50 percent 
of its 1941 volume in 1982. Had the level dropped by 
much more, the ion concentration would have become 
too high even for the brine shrimp and alkali flies, killing 
all life in the lake and the birds that depended on it. For¬ 
tunately, the lake has been designated as an Outstanding 
National Resource Water. This means that the lake vol¬ 
ume must be restored to about 70 percent of its former 
volume (at present, the figure is about 60 percent), and 
the volume, allowing for winter-summer variation, must 
be maintained forever at about that value. 

Mono Lake is now of interest to NASA scientists 
studying Martian chemistry. There are many old Martian 
lake beds, and it is believed that the lakes may have had 
similar compositions to that of Mono Lake and perhaps 
supported related life-forms. The astrochemists are eager 
to obtain ultra-high-resolution photos of the Martian lake 
beds to see if they, too, have tufa towers, which would be 
an indication of parallel chemical processes. 
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If we look at the enthalpy terms (Table 11.6), we see that for each sodium 
halide, the lattice energy is almost exactly balanced by the sum of the cation 
and anion hydration enthalpies. In fact, the error in these experimental values 
is larger than the calculated differences. As a result, we can only say that the 
lattice energy and hydration enthalpy terms are essentially equal. 


TABLE 11.6 1 

Enthalpy factors in the solution process for the sodium halides 

Compound 

Lattice energy 
(kJ-mol" 1 ) 

Hydration enthalpy 
(kJ-mol 1 ) 

Net enthalpy change 
(kJ-mol 1 ) 

NaF 

+930 

-929 

+ 1 

NaCl 

+788 

-784 

+4 

NaBr 

+752 

-753 

-1 

Nal 

+704 

-713 

-9 


When we calculate the entropy changes (Table 11.7), we find that for all the 
salts except sodium fluoride, the entropy gained by the ions as they are freed 
from the crystal lattice is numerically larger than the entropy lost when these 
gaseous ions are hydrated in solution. To obtain the free energy change for the 


TABLE 11.7 

Entropy factors in the solution process for the sodium halides, 
expressed as FA5 values 

Compound 

Lattice entropy 
(kJ-mol" 1 ) 

Hydration entropy 
(kJ-mol" 1 ) 

Net entropy change 
(kJ-mol" 1 ) 

NaF 

+72 

-74 

-2 

NaCl 

+68 

-55 

+ 13 

NaBr 

+68 

-50 

+ 18 

Nal 

+68 

-45 

+23 


solution process, we combine these two very small net changes in enthalpy and 
entropy. Amazingly, the calculated free energies provide a trend parallel to that 
of the measured solubilities (Table 11.8). Furthermore, if we plot the solubilities 
of the salts one anion forms with different alkali metal cations as a function of the 



TABLE 11.8 

Calculated free energy change for the solution process for the 
sodium halides 

Compound 

Enthalpy change 
(kJ-mol" 1 ) 

Entropy change 
(kJ-mol" 1 ) 

Free energy change 
(kJ-mol 1 ) 

NaF 

+ 1 

-2 

+3 

NaCl 

+4 

+ 13 

-9 

NaBr 

-1 

+ 18 

-19 

Nal 

-9 

+23 

-32 
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FIGURE 11.3 Solubility of alkali 
metal fluorides and iodides as a 
function of alkali metal ion radius. 


ionic radius of the alkali metal ions, in most cases we get a smooth curve. This 
curve may have a positive or negative slope (or in some cases reach a minimum 
in the middle of the series). To illustrate such trends, the solubilities of alkali 
metal fluorides and iodides are shown in Figure 11.3. 

We can understand the different curves in Figure 11.3 by focusing on 
the lattice energies. Although there is a strong dependence of lattice energy 
on ionic charge, there is a secondary relationship to the cation/anion radius 
ratio; that is, a significant mismatch in ionic sizes will lead to a lower than ex¬ 
pected lattice energy. Table 11.9 shows the ionic radii of the cations, lithium 
and cesium, and the anions, fluoride and iodide. Thus, lithium iodide, the 
ions of which have very different sizes, is much more soluble than lithium 
fluoride, the ions of which have similar sizes. Conversely, cesium iodide, the 
ions of which have similar sizes, is much less soluble than cesium fluoride, in 
which there is a large mismatch in ionic size. 


Selected ionic radii 

Cation 

Radius (pm) 

Anion 

Radius (pm) 

Li + 

73 

F - 

119 

Cs + 

181 

I” 

206 


11.4 Lithium 


Lithium is the least dense metal 
(0.53 g'cnrT 3 ), whereas iridium is 
the most dense metal 
(22.65 g-crrT 3 ). 


Lithium, having a density of about half that of water, is the least dense of 
all metals. Its very low density makes lithium attractive for use in aerospace 
alloys. For example, alloy LA 141, which consists of 14 percent lithium, 1 percent 
aluminum, and 85 percent magnesium, has a density of only 1.35 g*cnT 3 , almost 
exactly half that of aluminum, the most commonly used low-density metal. 

The metal has a bright silvery appearance, but when a surface is exposed to 
moist air, it very rapidly turns black. Like the other alkali metals, lithium reacts 
with the dioxygen in air: 

4 U(s) + 0 2 (g) —>2 Li 2 0(s) 

It is the only alkali metal, and one of a very few elements in the entire peri¬ 
odic table, to react with dinitrogen. Breaking the triple bond in the dinitrogen 
molecule requires an energy input of 945 kJ-mol _1 .To balance this energy up¬ 
take, the lattice energy of the product must be very high. Of the alkali metals, 
only the lithium ion, which has the greatest charge density of the group, forms 
a nitride with sufficiently high lattice energy: 

6 Li(s) + N 2 (g) —>2 Li 3 N(s) 

The nitride is reactive, however, forming ammonia when added to water: 
Li 3 N(s) + 3 H 2 0(Z) ->3 LiOH(^) + NH 3 (g) 
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Liquid lithium is the most corrosive material known. For example, if a sam¬ 
ple of lithium is melted in a glass container, it reacts spontaneously with the 
glass to produce a hole in the container, the reaction being accompanied by the 
emission of an intense, greenish white light. In addition, the lithium ion has the 
most negative standard reduction potential of any element: 

U + (aq) + e“ —»Li(s) E e = -3.05 V 

That is, the metal itself releases more energy than any other element when it is 
oxidized to its ion (+3.05 V). 

Yet, of the alkali metals, it has the least spectacular reaction with water. As 
discussed in Chapter 6, Section 6.6, we must not confuse thermodynamic spon¬ 
taneity, which depends on the free energy change, with rate of reaction, which 
is controlled by the height of the activation energy barrier. In this particular 
case, we must assume that the activation energy for the reaction with water is 
greater for lithium than for the other alkali metals. Because lithium metal has 
the greatest lattice energy of the alkali metals and because escape from the 
lattice must be involved in any oxidation/hydration pathway, it is not really 
surprising that the activation energy is higher. 

Uses of Lithium 

The largest industrial use of lithium is in lithium greases—in fact, more than 
60 percent of ah automotive greases contain lithium. The compound used is 
lithium stearate, C 17 H 35 COOLi, which is mixed with oil to give a water- 
resistant, grease-like material that does not harden at cold temperatures yet is 
stable at high temperatures. 

The comparatively high charge density of the lithium ion is responsible for 
several other important ways in which lithium’s chemistry differs from that of 
the rest of the alkali metals. In particular, there is an extensive organometallic 
chemistry of lithium in which the bonding is definitely covalent (see Chapter 22, 
Section 22.3). Even for common salts, such as lithium chloride, their high solu¬ 
bilities in many solvents of low polarity, particularly ethanol and acetone, in¬ 
dicate a high degree of covalency in the bonding. One specific organometallic 
compound, butyllithium, LiC 4 H 9 , is a useful reagent in organic chemistry. It can 
be prepared by treating lithium metal with chlorobutane, C 4 H 9 C1, in a hydro¬ 
carbon solvent such as hexane, C 6 H 12 : 

2 Li (s) + C 4 H 9 Cl(C 6 // 72 )^LiC 4 H 9 (C 6 // 72 ) + LiCl(s) 

After the lithium chloride is separated by filtration, the solvent can be re¬ 
moved by distillation; liquid butyllithium remains in the distillation vessel. This 
compound has to be handled carefully, because it spontaneously burns when 
exposed to the dioxygen in air. 

Lithium Batteries 

Lithium is the most common anode material in new battery technology. With 
its high reduction potential and very low mass per unit of stored energy, it is 
currently used in compact high-voltage cells. Because lithium has a density 
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^ that of lead, substantial mass savings are possible once the very challeng¬ 
ing task of devising an inexpensive reversible (rechargeable) lithium cycle is 
perfected. Thus, the lithium battery is strongly favored to replace the lead-acid 
battery for electric vehicle propulsion. 

Lithium batteries are now becoming commonplace, but there are, in fact, 
many types of them. The lithium ion rechargeable battery is used in portable 
computers and cell phones. The anode consists of lithium cobalt(III) oxide, 
LiCo0 2 , the cathode is graphite, and an organic liquid is used as the elec¬ 
trolyte. In the charging cycle, at the cathode, lithium ions are released into 
the solution as electrons are removed from the electrode. Charge balance 
is maintained by one cobalt(III) ion being oxidized to cobalt(IV) for each 
lithium ion released: 

LiCo0 2 (s) ^►Li( 1 _ JC )Co0 2 (^) + x Li + (solvent) + re“ 

At the anode, lithium ions enter between the graphite layers and are reduced 
to lithium metal. This insertion of a “guest” atom into a “host” solid, a process 
accompanied by only small, reversible changes in structure, is known as inter¬ 
calation, and the resulting product is called an intercalation compound: 

C(s) + x 1a + (solvent) + xe“ —»(Li) x C(s) 

The discharge of the cell corresponds to the reverse reactions. 

There are many other lithium batteries using different electrode mate¬ 
rials. Some of the electrode materials and the battery codes are as follows: 
manganese(IV) oxide (CR), polycarbonmonofluoride (BR), vanadium(V) oxide 
(VL), and manganese oxide with lithium-aluminum cathode (ML). In most of 
these cells, the transition metal serves as part of the redox system, oscillating 
between two oxidation states, (IV) (III) for manganese and (V) (IV) for 
vanadium. 

An increasingly popular lithium battery system is that using thionyl chlo¬ 
ride, SOCl 2 . This battery provides a high voltage per cell, reliability, long shelf 
life, low weight, and a constant energy output. However, it is not rechargeable. 
This class of battery is used in spacecraft, rescue submarines, and submarine 
torpedoes. A lithium-thionyl chloride cell consists of three major components: 
a metallic lithium or lithium alloy anode, a carbon cathode, and an electrolyte 
of Li + [GaCl 4 ]“ or Li + [A1C1 4 ] _ dissolved in thionyl chloride. The anode reaction 
is that of oxidation of lithium metal to lithium ion: 

Li(s) —> hi + (SOCl 2 ) + e~ 

At the cathode, the thionyl chloride is reduced: 

2 SOCl 2 (/) + 4e” ^4 Cr{SOCl 2 ) + S0 2 (S0C/ 2 ) + S (SOCl 2 ) 

The lithium ions and chloride ions combine on the surface of the carbon cath¬ 
ode to give lithium chloride, which is insoluble in this solvent: 

U + (SOCl 2 ) + d~(SOCI 2 )->Ud(s) 

It is the sites on the cathode where the lithium chloride is deposited that 
become inactive. Thus, the cell stops functioning when most sites on the carbon 
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electrode are covered. A related cell design uses sulfuryl chloride, S0 2 C1 2 . This 
solvent has the advantage that on reduction, there are only two products: chloride 
ion and sulfur dioxide: 

S0 2 C1 2 (/) + 2 e” ^2 C \-{S0 2 Cl 2 ) + SO 2 {S0 2 C1 2 ) 

Another battery is the lithium-sulfur dioxide cell. This is used in automated 
external defibrillators (AEDs) that restore normal heart rhythm to victims of 
sudden cardiac arrest. The cell is able to function down to -40°C, so it is also 
favored for emergency aircraft beacons in cold climates. The sulfur dioxide is 
dissolved in an organic solvent and is under a pressure of 200-300 kPa. As in all 
lithium cells, the anode process is the oxidation of lithium, but in this case, the 
cathode reaction is the reduction of sulfur dioxide to the S 2 0 4 2- ion: 

2 SO 2 {solvent) + 2e~ —>S 2 0^~(solvent) 


11.5 Sodium 


Sodium is the alkali metal for which there is the highest industrial demand. 
Like all the alkali metals, the pure element does not exist naturally because of 
its very high reactivity. 

Uses of Sodium 

Sodium metal is required for the synthesis of a large number of sodium com¬ 
pounds, but it has two major uses, the first of which is the extraction of other 
metals. The easiest way to obtain many of the rarer metals such as thorium, 
zirconium, tantalum, and titanium is by the reduction of their compounds with 
sodium. For example, titanium can be obtained by reducing titanium(IV) chloride 
with sodium metal: 

TiCl 4 (/) + 4 Na(s) —>Ti(s) + 4 NaCl(s) 

The sodium chloride can then be washed away from the pure titanium metal. 

The second major use of sodium metal is in the production of the gasoline 
additive tetraethyllead (TEL). Although TEL is now banned from gasolines 
in North America because of its toxicity and the lead pollution resulting from 
its use, it is still employed throughout much of the world to boost the octane 
rating of cheap gasolines. The synthesis of TEL uses the reaction between a 
lead-sodium alloy and ethyl chloride: 

4 NaPb(s) + 4 C 2 H 5 Cl(g) (C 2 H 5 ) 4 Pb(/) + 3 Pb(s) + 4 NaCl(s) 

The Industrial Extraction of Sodium 

The silvery metal is manufactured by the Downs process, in which sodium chloride 
(m.p. 801 °C) is electrolyzed in the molten state. The electrolysis is done in a 
cylindrical cell with a central graphite anode and a surrounding steel cathode 
(Figure 11.4). A mixture of calcium chloride and sodium chloride is used to 
reduce the melting point and hence lower the temperature at which the cell 
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FIGURE 11.4 


Downs cell. 
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needs to be operated. Although calcium chloride itself has a melting point of 
772°C, a mixture of 33 percent sodium chloride and 67 percent calcium chloride 
has a melting point of about 580°C. It is the lower melting point of the mixture 
that makes the process commercially feasible. 

The two electrodes are separated by a cylindrical steel gauze diaphragm so 
that the molten sodium, which floats to the top of the cathode compartment, 
will be kept away from the gaseous chlorine formed at the anode: 

Na + (AfaC/) + e~ ->Na(Z) 

2 Or (NaCl) -> Cl 2 (g) + 2 e“ 

The sodium metal produced contains about 0.2 percent calcium metal. Cooling 
the metal mixture to 110°C allows the calcium impurity (m.p. 842°C) to solidify 
and sink into the melt. The pure sodium (m.p. 98°C) remains liquid and can be 
pumped into cooled molds, where it solidifies. 


11.6 Potassium 


The potassium found in the natural environment is slightly radioactive because it 
contains about 0.012 percent of the radioactive isotope potassium-40. In fact, a sig¬ 
nificant proportion of the radiation generated within our bodies comes from this 
isotope, which has a half-life of 1.3 X 10 9 years. Approximately 89 percent of the 
potassium atoms decay by emitting an electron, while the other 11 percent decay by 
capturing an electron (evidence that electron density does penetrate the nucleus): 

40t^ _v 40 p 0 

19-*^ ^ 20 ^a-h_ie 

40-iv- _i_ 0 _ . 40 A 

19-K-h _ 1 e —> 18ZXF 

The ratio of potassium-40 to argon-40 is one way of dating rocks in that once the 
magma solidifies, the argon formed will be trapped within the rock structure. 
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Insoluble Potassium Compounds 

We have already mentioned that alkali metal salts exhibit a wide range of solu¬ 
bilities. In particular, the least soluble are those with the greatest similarity in 
ion size. Thus, a very large anion would form the least soluble salts with the 
larger cations of Group 1. This concept holds for the very large hexanitrito- 
cobaltate(III) anion, [Co(N0 2 ) 6 ] 3_ . Its salts with lithium and sodium are soluble, 
whereas those with potassium, rubidium, and cesium are insoluble. Thus, if a 
solution is believed to contain either sodium or potassium ion, addition of the 
hexanitritocobaltate(III) ion can be used as a test. A bright yellow precipitate 
indicates the presence of potassium ion: 

3K + (aq) + [Co(N0 2 ) 6 f~(aq) ^K 3 [Co(N0 2 ) 6 ](s) 

Another very large anion that can be used in a precipitation test with the larger 
alkali metals is the tetraphenylborate ion, [B(C 6 H 5 ) 4 ] _ : 

K + (aq) + [B(QH 5 ) 4 ]-(^)->K[B(C 6 H 5 ) 4 ](j) 

The Industrial Extraction of Potassium 

Potassium metal is produced commercially by chemical means. Extraction in 
an electrolytic cell would be too hazardous because of the extreme reactivity 
of the metal. The chemical process involves the reaction of sodium metal with 
molten potassium chloride at 850°C: 

Na(/) + KC1(Z) ^ K(g) + NaCl(Z) 

Although the equilibrium lies to the left, at this temperature potassium is a 
gas (b.p. 766°C; b.p. for sodium is 890°C)! Thus, the Le Chatelier principle can 
be used to drive the reaction to the right by pumping the green potassium gas 
from the mixture as it is formed. 


11.7 Oxides 


Most metals in the periodic table react with dioxygen gas to form oxides con¬ 
taining the oxide ion, O 2- . However, of the alkali metals, only lithium forms a 
normal oxide when it reacts with oxygen: 

4 Li(s) + 0 2 (g) —>2 Li 2 0(s) 

Sodium reacts with dioxygen to give sodium dioxide(2—), Na 2 0 2 (commonly 
called sodium peroxide), containing the dioxide(2-) ion, 0 2 2- (often called 
the peroxide ion): 

2Na(s) + 0 2 (g) —»Na 2 0 2 (s) 

The notation “2-” simply indicates the charge on the ion, and it avoids the 
need for learning the many prefixes that used to be employed for that purpose. 
We are now using parenthetical Arabic numbers to name species whenever 
there is more than one possible anionic charge. This is a method recommended 
by the American Chemical Society. 
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FIGURE 11.5 Filling of the 
molecular orbitals derived from the 
2 p orbitals for the dioxide(2-) ion 
(commonly called the peroxide ion). 
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Sodium dioxide(2—) is diamagnetic, and the oxygen-oxygen bond length is 
about 149 pm, much longer than the 121 pm in the dioxygen molecule. We can 
explain the diamagnetism and the weaker bond by constructing the part of the 
molecular orbital diagram derived from the 2 p atomic orbitals (Figure 11.5). 
This diagram shows that three bonding orbitals and two antibonding orbitals 
are occupied. All the electrons are paired and the net bond order is 1 rather 
than 2, the bond order in the dioxygen molecule (see Chapter 3, Section 3.4). 

The other three alkali metals react with an excess of dioxygen to form di¬ 
oxides^-) (traditionally named superoxides) containing the paramagnetic 
dioxide(l-) ion, 0 2 _ : 

K(*) + 0 2 (g)->K0 2 (j) 

The oxygen-oxygen bond length in these ions (133 pm) is less than that in 
the dioxide(2-) but slightly greater than that in dioxygen itself. We can also 
explain these different bond lengths in terms of the molecular orbital filling 
(Figure 11.6). The dioxide(l-) ion possesses three bonding pairs and one and 
one-half antibonding pairs. The net bond order in a dioxygen(l-) ion is l|, 
between the bond order of 1 in the dioxide(2-) ion and the bond order of 
2 in the dioxygen molecule. We can explain the ready formation of both the 
dioxide(l-) and the dioxide(2-) ions by postulating that the least polarizing 
cations (those with low charge density) stabilize these large polarizable anions. 


FIGURE 11.6 Filling of the 
molecular orbitals derived from 
the 2 p orbitals for the dioxidefl -) 
ion (commonly called the 
superoxide ion). 
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All the Group 1 oxides react vigorously with water to give the metal 
hydroxide solution. In addition, sodium dioxide(2—) generates hydrogen 
peroxide, and the dioxides(l-) produce hydrogen peroxide and oxygen gas: 

Li 2 0(s) + H 2 0(/) —> 2 LiOH(ag) 

Na 2 0 2 (s) + 2 H 2 0(/) —> 2 NaOH(ag) + H 2 0 2 (^) 

2 K0 2 (s) + 2H 2 0(/)^2K0H(^) + U 2 0 2 (aq) + O 2 (g) 

Potassium dioxide(l-) is used in space capsules, submarines, and some 
types of self-contained breathing equipment because it absorbs exhaled carbon 
dioxide (and moisture) and releases dioxygen gas: 

4 KO 2 (s) + 2 C0 2 (g) —>2 K 2 C0 3 (s) + 3 0 2 (g) 

K 2 C0 3 (s) + C0 2 (g) + H 2 0(/) —>2 KHC0 3 (ag) 


11.8 Hydroxides 


The solid hydroxides are white, translucent solids that absorb moisture from 
the air until they dissolve in the excess water—a process known as deliquescence. 
The one exception is lithium hydroxide, which forms the stable octahydrate, 
Li0H*8H 2 0. Alkali metal hydroxides are all extremely hazardous because 
the hydroxide ion reacts with skin protein to destroy the skin surface. Sodium 
hydroxide and potassium hydroxide are supplied as pellets, and these are pro¬ 
duced by filling molds with the molten compound. As solids or in solution, they 
also absorb carbon dioxide from the atmosphere: 

2NaOH (aq) + C0 2 (g) Na 2 C0 3 (^) + H 2 0(/) 

The alkali metal hydroxides are convenient sources of the hydroxide 
ion because they are very water-soluble. When hydroxide ion is needed as a 
reagent, its source is chosen on the basis of either cost or solubility. In inorganic 
chemistry, sodium hydroxide (caustic soda) is most commonly used as the 
source of hydroxide ion because it is the least expensive metal hydroxide. 
Potassium hydroxide (caustic potash) is preferred in organic chemistry because 
it has a higher solubility in organic solvents than does sodium hydroxide. 

The Industrial Synthesis of Sodium Hydroxide 

Sodium hydroxide is the sixth most important inorganic chemical in terms of 
quantity produced. It is prepared by the electrolysis of brine (aqueous sodium 
chloride).The diaphragm cell is used to produce commercial sodium hydroxide. 
In this cell, water is reduced to hydrogen gas and hydroxide ion at the cathode, 
and chloride ion is oxidized to chlorine gas at the anode (although some water 
is oxidized to oxygen gas as well): 

2 H 2 0(/) + 2 e~ —> H 2 (g) + 2 OH -{aq) 

2 Cl ~(aq) —»Cl 2 (g) + 2e“ 
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FIGURE 11.7 Diaphragm cell. 
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The essential design feature (Figure 11.7) is the diaphragm or separator, 
which prevents the hydroxide ion produced at the cathode from coming into 
contact with the chlorine gas produced at the anode. This separator, which has 
pores that are large enough to allow the brine to pass through, used to be made 
of asbestos but is now made of a Teflon mesh. The cells use prodigious quanti¬ 
ties of electricity, typically between 30 000 and 150 000 A. 

During the electrolysis, the cathode solution, which consists of a mixture 
of 11 percent sodium hydroxide and 16 percent sodium chloride, is removed 
continuously. The harvested solution is evaporated, a process that causes the 
less soluble sodium chloride to crystallize. The final product is a solution of 
50 percent sodium hydroxide and about 1 percent sodium chloride. This com¬ 
position is quite acceptable for most industrial purposes. 

Commercial Uses of Sodium Hydroxide 

About 30 percent of sodium hydroxide production is used as a reagent in 
organic chemical plants, and about 20 percent is used for the synthesis of other 
inorganic chemicals. Another 20 percent is consumed in the pulp and paper 
industry, and the remaining 30 percent is used in hundreds of other ways. 

Sodium hydroxide is the most important base in the chemistry laboratory. It 
also has a number of household uses, where it is commonly referred to as lye. The 
most direct application takes advantage of its reaction with greases, particularly 
those in ovens (such as Easy-Off Oven Cleaner®) or those clogging drains (such 
as Drano®). In some commercial drain-treatment products, aluminum metal is 
mixed with the sodium hydroxide. When added to water, the following chemical 
reaction occurs, producing the aluminate ion and hydrogen gas. The hydrogen 
gas bubbles cause the liquid to churn vigorously, enhancing the contact of grease 
with fresh sodium hydroxide solution, an action that dissolves the plug more 
quickly: 

2 Al(s) + 2 OH"(^) + 6 H 2 0(/) ^2 [Al(OH) 4 ]"(^) + 3 H 2 (g) 
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Sodium hydroxide is also used in the food industry, mainly to provide 
hydroxide ion for breaking down proteins. For example, potatoes are sprayed 
with sodium hydroxide solution to soften and remove the skins before processing. 
(Of course, they are washed thoroughly before the next processing step!) Olives 
have to be soaked in sodium hydroxide solution to soften the flesh enough to 
make them edible. Grits, too, are processed with sodium hydroxide solution. The 
most unusual application is in the manufacture of pretzels. The dough is coated 
with a thin layer of sodium hydroxide solution before salt crystals are applied. The 
sodium hydroxide appears to function as a cement, attaching the salt crystals firmly 
to the dough surface. In the baking process, carbon dioxide is released, thereby 
converting the sodium hydroxide to harmless sodium carbonate monohydrate: 

2 NaOH(s) + C0 2 (g) —»Na 2 C0 3 *H 2 0(s) 

11.9 Sodium Chloride 


Seawater is a 3 percent solution of sodium chloride, together with many other 
minerals. It has been calculated that the sea contains 19 million m 3 of salt— 
about one and a half times the volume of all North America above sea level. 
The salt produced by using the Sun’s energy to evaporate seawater used to be a 
major source of income for some Third World countries, such as the Turks and 
Caicos Islands. Unfortunately, production of salt by this method is no longer 
economically competitive, and the ensuing loss of income and employment has 
caused serious economic problems for these countries. 

Even today, salt is a vital commodity. More sodium chloride is used for 
chemical manufacture than any other mineral, with world consumption ex¬ 
ceeding 150 million tonnes per year. Today almost all commercially produced 
sodium chloride is extracted from vast underground deposits, often hundreds 
of meters thick. These beds were produced when large lakes evaporated to 
dryness hundreds of millions of years ago. About 40 percent of the rock salt 
is mined like coal, and the remainder is extracted by pumping water into the 
deposits and pumping out the saturated brine solution. 


Salt was one of the earliest 
commodities to be traded, and 
2000 years ago, Roman soldiers 
were partially paid in salt (sal)— 
hence our term salary for pay. 


M ° 

s i s* ec 
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W e need about 3 g of sodium chloride per day, but in 
Western countries our daily diet usually contains 
between 8 and 10 g. Provided we have sufficient liquid 
intake, this level of consumption presents no problem. 
However, for those with high blood pressure, a decrease 
in sodium ion intake has been shown to cause a reduction 
in blood pressure. To minimize sodium ion intake, there 
are a number of salt substitutes on the market that taste 
salty but do not contain the sodium ion. Most of these 
contain potassium chloride and other compounds that 
mask the bitter, metallic aftertaste of the potassium ion. 


One enterprising producer of pure household salt 
claims its product contains “33 percent less sodium.” 
This claim is technically true, and it is accomplished by 
producing hollow salt crystals. These have a bulk density 
33 percent less than the normal cubic crystals. Hence, a 
spoonful of these salt crystals will contain 33 percent less 
of both sodium and chloride ions! Provided you sprinkle 
your food with the same volume of salt, it will obviously 
have the desired effect, but for the same degree of salti¬ 
ness, you will need 50 percent more of the product by 
volume than regular salt. 


Salt Substitutes 
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11.10 Potassium Chloride 


Like sodium chloride, potassium chloride (commonly called potash) is recov¬ 
ered from ancient dried lake deposits, many of which are now deep under¬ 
ground. About half of the world’s reserves of potassium chloride lie under 
the Canadian provinces of Saskatchewan, Manitoba, and New Brunswick. As 
the ancient lakes dried, all their soluble salts crystallized. Hence, the deposits 
are not of pure potassium chloride but also contain crystals of sodium chloride; 
potassium magnesium chloride hexahydrate, KMgCl 3 *6H 2 0; magnesium 
sulfate monohydrate, MgS0 4 *H 2 0; and many other salts. 

To separate the components, several different routes are used. One employs 
the differences in solubility: the mixture is dissolved in water and then the 
salts crystallize out in sequence as the water evaporates. However, this process 
requires considerable amounts of energy to vaporize the water. A second route 
involves adding the mixture of crystals to saturated brine. When air is blown 
through the slurry, the potassium chloride crystals adhere to the bubbles. The 
potassium chloride froth is then skimmed off the surface. The sodium chloride 
crystals sink to the bottom and can be dredged out. 

The third route is most unusual, because it is an electrostatic process. The 
solid is ground to a powder, and an electric charge is imparted to the crystals 
by a friction process. The potassium chloride crystals acquire a charge that is 
the opposite of that of the other minerals. The powder is then poured down a 
tower containing two highly charged drums. The potassium chloride adheres to 
one drum, from which it is continuously removed, and the other salts adhere to 
the oppositely charged drum. Unfortunately, the reject minerals from potash 
processing have little use, and their disposal is a significant problem. 

There is just one use for all this potassium chloride—as fertilizer. Potassium ion 
is one of the three essential elements for plant growth (nitrogen and phosphorus 
being the other two), and about 4.5 X 10 7 tonnes of potassium chloride are used 
worldwide for this purpose every year, so it is a major chemical product. 


11.11 Sodium Carbonate 


The alkali metals (and ammonium ion) form the only soluble carbonates. 
Sodium carbonate, the most important of the alkali metal carbonates, exists 
in the anhydrous state (soda ash), as a monohydrate, Na 2 C0 3 *H 2 0, and most 
commonly as the decahydrate,Na 2 CO 3 *10H 2 O (washing soda).The large trans¬ 
parent crystals of the decahydrate effloresce (lose water of crystallization) in 
dry air to form a powdery deposit of the monohydrate: 

Na 2 CO 3 *10H 2 O(s) —»Na 2 C0 3 *H 2 0(s) + 9H 2 0 (/) 

The Industrial Extraction of Sodium Carbonate 

Sodium carbonate is the ninth most important inorganic compound in terms 
of quantity used. In North America, the compound is obtained from the 
mineral trona, which contains about 90 percent of a mixed carbonate-hydrogen 
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carbonate, Na 2 C0 3 *NaHC0 3 ‘2H 2 0, commonly called sodium sesquicarbon- 
ate. Sesqui means “one and one-half,” and it is the number of sodium ions per 
carbonate unit in the mineral. Sodium sesquicarbonate is not a mixture of the 
two compounds but a single compound in which the crystal lattice contains 
alternating carbonate and hydrogen carbonate ions interspersed with sodium ions 
and water molecules in a 1:1:3:2 ratio, that is, Na 3 (HC0 3 )(C0 3 )*2H 2 0. By far the 
largest quantity of trona in the world, 4.5 X 10 10 tonnes, is found in Wyoming. 

In the monohydrate process of extraction, trona is mined like coal about 
400 m underground, crushed, and then heated (calcined) in rotary kilns. This 
treatment converts the sesquicarbonate to carbonate: 

2Na 3 (HC0 3 )(C0 3 )-2H 2 0(s) 3 Na 2 C0 3 (s) + 5 H 2 0(g) + C0 2 (g) 

The resulting sodium carbonate is dissolved in water and the insoluble impuri¬ 
ties are filtered off. The sodium carbonate solution is then evaporated to dryness, 
thereby producing sodium carbonate monohydrate. Heating this product in a 
rotary kiln gives the anhydrous sodium carbonate: 

Na 2 C0 3 ’H 2 0(s) Na 2 C0 3 (.v) + H z O(g) 

Elsewhere in the world, sodium hydrogen carbonate (and from it, the 
carbonate) is made by the Solvay, or ammonia-soda, process. This process 
involves the reaction of sodium chloride with calcium carbonate: 

2 NaCl(ag) + CaC0 3 (s) Na 2 C0 3 (ag) + CaC\ 2 (aq) 

However, the equilibrium position for this reaction lies far to the left. With 
the use of aqueous ammonia, through a series of ingenious reaction steps, the 
above overall reaction can be accomplished. The problem with the Solvay pro¬ 
cess is the amount of the by-product calcium chloride that is produced: the 
demand for calcium chloride is much less than the supply from this reaction. 
Furthermore, the process is quite energy intensive, making it more expensive 
than the simple method of extraction from trona. 

Commercial Uses of Sodium Carbonate 

About 50 percent of the U.S. production of sodium carbonate is used in glass 
manufacture. In the process, the sodium carbonate is reacted with silicon di¬ 
oxide (sand) and other components at about 1500°C. The actual formula of 
the product depends on the stoichiometric ratio of reactants (the process is 
discussed in more detail in Chapter 14, Section 14.14). The key reaction is the 
formation of a sodium silicate and carbon dioxide: 

Na 2 C0 3 (/) + x Si0 2 (s) Na 2 0-.tSi0 2 (/) + C0 2 (g) 

Sodium carbonate is also used to remove alkaline earth metal ions from 
water supplies by converting them to their insoluble carbonates, a process 
called water “softening.” The most common ion that needs to be removed is 
calcium. Very high concentrations of this ion are found in water supplies that 
have come from limestone or chalk geologic formations: 

C0 3 2 “(a<?) + Ca 2+ (aq) —» CaC0 3 (s) 
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11.12 Sodium Hydrogen Carbonate 


The alkali metals, except for lithium, form the only solid hydrogen carbonates 
(commonly called bicarbonates). Once again, the notion that low-charge-density 
cations stabilize large low-charge anions can be used to explain the existence of 
these hydrogen carbonates. 

Sodium hydrogen carbonate is less water-soluble than sodium carbonate. 
Thus, it can be prepared by bubbling carbon dioxide through a saturated solu¬ 
tion of the carbonate: 

Na 2 C0 3 (^) + C0 2 (g) + H 2 0(/) —> 2 NaHC0 3 (s) 

Heating sodium hydrogen carbonate causes it to decompose back to sodium 
carbonate: 

2 NaHC0 3 (s) Na 2 C0 3 (.v) + C0 2 (g) + H 2 0(g) 

This reaction provides one application of sodium hydrogen carbonate, the major 
component in dry powder fire extinguishers. The sodium hydrogen carbonate 
powder itself smothers the fire, but in addition, the solid decomposes to give 
carbon dioxide and water vapor, themselves fire-extinguishing gases. 

The main use of sodium hydrogen carbonate is in the food industry, to cause 
bakery products to rise. It is commonly used as a mixture (baking powder) of 
sodium hydrogen carbonate and calcium dihydrogen phosphate, Ca(H 2 P0 4 ) 2 , 
with some starch added as a filler. The calcium dihydrogen phosphate is acidic 
and, when moistened, reacts with the sodium hydrogen carbonate to generate 
carbon dioxide: 

2 NaHC0 3 (s) + Ca(H 2 P0 4 ) 2 (s) -> 

NaHP0 4 (s) + CaHP0 4 (s) + 2 C0 2 (g) + 2 H 2 0(g) 


11.13 Ammonia Reaction 


The alkali metals themselves have the unusual property of dissolving in liquid 
ammonia to yield solutions that are deep blue when dilute. These solutions 
conduct current electrolytically, and the main current carrier in the solution 
is thought to be the ammonia-solvated electron, e“(am), which is a product of 
the ionization of the sodium atoms: 

Na (s) Na + (am) + Q~(am) 

When concentrated by evaporation, the solutions have a bronze color and 
behave like a liquid metal. On long standing, or more rapidly in the presence 
of a transition metal catalyst, the solutions decompose to yield the amide salt, 
NaNH 2 , and hydrogen gas: 

2Na + (am) + 2NH 3 (Z) + 2e“ -^2NaNH 2 (am) + H 2 (g) 
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11.14 Ammonium Ion as a Pseudo-Alkali-Metal Ion 


Some polyatomic ions resemble element ions in their behavior, and, in a few 
cases, there is a molecule that corresponds to the matching element. We can 
define this unusual category as 

A polyatomic ion whose behavior in many ways mimics that of an ion of an element 

or of a group of elements. 

Even though the ammonium ion is a polyatomic cation containing two non- 
metals, it behaves in many respects like an alkali metal ion. The similarity results 
from the ammonium ion being a large low-charge cation just like the cations of 
the alkali metals. In fact, the radius of the ammonium ion (151 pm) is very close 
to that of the potassium ion (152 pm). However, the chemistry of ammonium salts 
more resembles that of rubidium or cesium ions, perhaps because the ammonium 
ion is not spherical and its realistic radius is larger than its measured value. The 
similarity to the heavier alkali metals is particularly true of the crystal structures. 
Ammonium chloride, like rubidium and cesium chloride, has a CsCl structure at 
high temperatures and a NaCl structure at low temperatures. 

The ammonium ion resembles an alkali metal ion in its precipitation reac¬ 
tions. Though all simple sodium compounds are water-soluble, there are insol¬ 
uble compounds of the heavier alkali metal ions with very large anions. We find 
that the ammonium ion gives precipitates with solutions of these same anions. 
A good example is the hexanitritocobaltate(III) ion, [Co(N0 2 )6] 3_ , which is 
commonly used as a test in qualitative analysis for the heavier alkali metals. A 
bright yellow precipitate is obtained with the ammonium ion analogously to 
potassium, rubidium, and cesium ions: 

3NH 4 + (aq) + [Co(N0 2 ) 6 ] 3 -(^) ^(NH 4 ) 3 [Co(N0 2 ) 6 ](s) 

However, the similarity does not extend to all chemical reactions that these 
ions undergo. For example, gentle heating of alkali metal nitrates gives the 
corresponding nitrite and oxygen gas, but heating ammonium nitrate results in 
decomposition of the cation and anion to give dinitrogen oxide and water: 

2 NaN0 3 (s) 2 NaN0 2 (s) + 0 2 (g) 

NH 4 N0 3 (s) -*-> N 2 0(s) + 2H 2 0(g) 

A major weakness of the parallel between ammonium ion and the heavier 
alkali metal ions is that the parent pseudo-element of the ammonium ion, 
“NH 4 ,” cannot be isolated. 

11.15 Biological Aspects 


We tend to forget that both sodium and potassium ions are essential to life. 
For example, we need at least 1 g of sodium ion per day in our diet. However, 
because of our addiction to salt on foods, the intake of many people is as much 
as five times that value. Excessive intake of potassium ion is rarely a problem. 
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Lithium is possibly an essential 
trace element. Goats raised 
on a lithium-deficient diet had 
lower body-weight gain, lower 
conception rates, and significantly 
higher mortality rates. 


In fact, potassium deficiency is much more common; thus, it is important to ensure 
that we include in our diets potassium-rich foods such as bananas and coffee. 

The alkali metal ions balance the negative charge associated with many of 
the protein units in the body. They also help to maintain the osmotic pressure 
within cells, preventing them from collapsing. In inorganic chemistry, we think 
of the similarities between sodium and potassium, but in the biological world, 
it is the difference that is crucial. Cells pump sodium ions out of the cytoplasm 
and pump potassium ions in (Table 11.10). It is this difference in total alkali 
metal ion concentrations inside and outside cells that produces an electrical 
potential across the cell membrane. 


TABLE 11.10 

Concentrations of ions (mmol-L 

Ion 

[Na + ] [K + ] 

Red blood cells 

Blood plasma 

11 92 

160 10 


The potential difference underlies many basic processes, such as the heart’s 
generation of rhythmic electrical signals, the kidney’s unceasing separation of 
vital and toxic solutes in the blood, and the eye’s precise control of the lens’s 
refractive index. Most of the 10 W of power produced by the human brain— 
awake or asleep—results from the Na + /K + -adenosine triphosphatase enzyme 
pumping potassium ion into and sodium ion out of brain cells. When we “go 
into shock” as a result of an accident, it is a massive leakage of the alkali metal 
ions through the cell walls that causes the phenomenon. 

The ion-selective enzymes function by having cavities that precisely fit one 
or another ion size. In addition to the difference in ion size, there is a signifi¬ 
cant difference in dehydration energy. For the ions to fit in the bonding site, 
they must lose their hydration sphere. The sodium ion, with its higher charge 
density, requires 80 kJ-mor 1 more energy to release its accompanying water 
molecules, giving the potassium ion an immediate bonding advantage. 

A number of antibiotics seem to be effective because they have the ability 
to transfer specific ions across cell membranes. These organic molecules, too, 
have holes in the middle that are just the right size to accommodate an ion 
with a particular ionic radius. For example, valinomycin has an aperture that 
is just right for holding a potassium ion but too large for a sodium ion. Thus, 
the drug functions, at least in part, by selectively transporting potassium ions 
across biological membranes. 


11.16 Element Reaction Flowcharts 


The three most important elements of this group are lithium, sodium, and 
potassium; flowcharts are shown for these three elements. Remember, only inter¬ 
related reactions are shown in these flowcharts, not all of the important reactions. 
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KEY IDEAS 

• As metals, the Group 1 elements have very low densi¬ 
ties, melting points, and boiling points. 

• The alkali metals have a very high chemical reactivity. 

• The large alkali metal cations (lithium is the exception) 
stabilize large, low-charge anions. 


• Group 1 ion salts are soluble except the heavier metal 
ions (potassium through cesium) with very large anions. 

• Reaction of the metals with oxygen leads to different 
products, depending on the cation size. 

• In many ways, the ammonium ion behaves like an alkali 
metal ion. 


EXERCISES 

11.1 Write balanced chemical equations for each of the 
following reactions: 

(a) sodium metal with water 

(b) rubidium metal with dioxygen 

(c) solid potassium hydroxide with carbon dioxide 

(d) heating solid sodium nitrate 


11.2 Write balanced chemical equations for each of the 
following reactions: 

(a) lithium metal with dinitrogen 

(b) solid cesium dioxide(l-) with water 

(c) heating solid sodium hydrogen carbonate 

(d) heating solid ammonium nitrate 
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11.3 In what ways do the alkali metals resemble “typical” 
metals? In what ways are they very different? 

11.4 Which is the least reactive alkali metal? Why is this 
unexpected on the basis of standard oxidation potentials? 
What explanation can be provided? 

11.5 Describe three of the common features of the 
chemistry of the alkali metals. 

11.6 An alkali metal, designated as M, forms a hydrated 
sulfate, M 2 SO 4 T0H 2 O. Is the metal more likely to be 
sodium or potassium? Explain your reasoning. 

11.7 Suggest a possible reason why sodium hydroxide is 
much more water-soluble than sodium chloride. 

11.8 In the Downs cell for the preparation of sodium metal, 

(a) why can’t the electrolysis be performed in 
aqueous solution? 

(b) why is calcium chloride added? 

11.9 Why is it important to use a temperature of about 
850°C in the extraction of potassium metal? 

11.10 Describe the advantages and disadvantages of the 
diaphragm cell for the production of sodium hydroxide. 

11.11 Several of the alkali metal compounds have com¬ 
mon names. Give the systematic name corresponding to 
(a) caustic soda; (b) soda ash; (c) washing soda. 

11.12 Several of the alkali metal compounds have com¬ 
mon names. Give the systematic name corresponding to 
(a) caustic potash; (b) trona; (c) lye. 

11.13 Explain what is meant by (a) efflorescence; (b) inter¬ 
calation. 


11.14 Explain what is meant by (a) supermetals; (b) deli¬ 
quescent. 

11.15 Write the chemical equations for the reactions in¬ 
volved in the Solvay synthesis of sodium carbonate. What 
are the two major problems with this process? 

11.16 Explain briefly why only the alkali metals form solid, 
stable hydrogen carbonate salts. 

11.17 Explain briefly why the ammonium ion is often 
referred to as a pseudo-alkali metal. 

11.18 Construct an approximate molecular orbital dia¬ 
gram to depict the bonding in the gaseous lithium hydride 
molecule. 

11.19 Suggest two reasons why potassium dioxide(l-), not 
cesium dioxide (1-), is used in spacecraft air recirculation 
systems. 

11.20 Suggest which of the following anions is likely to give 
a precipitate with the ammonium ion: phosphate, P0 4 3- , or 
tetraphenylborate, [B(C 6 H 5 ) 4 ]~. Give your reason. 

11.21 Of the alkali metals, the ammonium ion most closely 
resembles the rubidium or cesium ion. Explain. 

11.22 Where are the sodium ions and potassium ions 
located with respect to living cells? 

11.23 Write balanced chemical equations corresponding 
to each transformation in the element reaction flowcharts 
for lithium, sodium, and potassium (page 267). 


BEYOND THE BASICS 

11.24 In this chapter, we have ignored the radioactive 
member of Group 1, francium. On the basis of group trends, 
suggest the key properties of francium and its compounds. 

11.25 What minimum current at 7.0 V, assuming 100 percent 
efficiency, would be needed in a Downs cell to produce 1.00 
tonne of sodium metal per day? (Passage of 1 mol of electrons 
requires 9.65 X 10 4 A-s _1 , that is, 1 Faraday of electricity.) 

11.26 Platinum hexafluoride, PtF 6 , has an extremely high 
electron affinity (772 kJ-moE 1 ). Yet, when lithium metal is 
reacted with platinum hexafluoride, it is lithium fluoride, 
Li + F“, not Li + PtF 6 “, that is formed. Suggest a reason. 

11.27 Suggest an explanation why A Hf becomes less nega¬ 
tive along the series LiF, NaF, KF, RbF, CsF, while it becomes 
more negative along the series Lil, Nal, KI, Rbl, Csl. 


11.28 The atomic mass of lithium is listed as 6.941 g*mol _1 . 
However, lithium compounds are not used as primary 
analytical standards since the atomic mass of the lithium is 
often about 6.97 g-mol _1 . Suggest an explanation for this. 

11.29 Which compound, sodium fluoride or sodium tetra- 
fluoroborate, Na[BF 4 ], is likely to be the more soluble in 
water? Give your reasoning. 

11.30 Determine whether the theoretical cesium(II) fluoride, 
CsF 2 , will spontaneously decompose into cesium fluoride: 

CsF 2 (s) —» CsF 2 (s) + §F 2 (g) 

given that the lattice energy of CsF 2 is 2250 kJ-mol -1 .The sec¬ 
ond ionization energy of cesium is 2.430 MEmol -1 . Obtain 
all additional data from the appendices. This calculation will 
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only provide the enthalpy change. For spontaneity we need 
to find the free energy change from the entropy and enthalpy 
data. Will the entropy change also favor decomposition? Give 
your explanation. 

11.31 From lattice dimension, the hydride ion appears to have 
a radius of 130 pm in lithium hydride but 154 pm in cesium 
hydride. Suggest a reason for the difference in the two values. 

11.32 Solid cesium chloride will react with hydrogen 
chloride gas to give a compound containing a polyatomic 
anion. Write the formula of the anion. Lithium chloride 
does not react with hydrogen chloride. Suggest a reason 
why this reaction does not occur. 

11.33 A solution containing equimolar concentrations of the 
ions Li + , K + , F“, and 1“ is evaporated to dryness. Which salts 


will crystallize out, LiF and KI or Lil and KF? Check your 
answer by working out the energetically preferred lattice ener¬ 
gies (use the Kapustinskii equation—Chapter 6, Section 6.1). 

11.34 In the high temperature/pressure organic substi¬ 
tution reaction of a carbon-chlorine bond with a carbon- 
fluorine bond using an alkali metal fluoride, MF: 

R 3 c— Cl“ + MF —> R 3 C—F + MCI 

why is the use of potassium fluoride preferred to that of 
sodium fluoride? 

11.35 Suggest why the decay of potassium-40 should most 
likely lead to the formation of calcium-40. 


ADDITIONAL RESOURCES 

For answers to odd-numbered questions: www.whfreeman.com/descriptive5e 
For accompanying video clips: www.whfreeman.com/descriptive5e 
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CHAPTER 12 


The Group 2 Elements: 
The Alkaline Earth Metals 



Although harder, denser, and less reactive than the alkali metals, the alkaline 
earth metals are more reactive and of lower density than a 'typical" metal. 


T he last of the alkaline earth metals to be extracted from its 
compounds was radium. Marie Curie and Andre Debierne ac¬ 
complished this task in 1910, delighting in the bright glow from this 
element, not realizing that it was the result of the element’s intense 
and dangerous radiation. During the 1930s, cabaret shows sometimes 
featured dancers painted with radium salts so that they would literally 
glow in the dark. Some of the dancers may have died of radiation- 
related diseases, never being aware of the cause. Even quite recently, 
it was possible to purchase watches with hands and digits painted with 
radium-containing paint, its glow enabling the owner to read the time 
in the dark. (Safer substitutes are now available.) 


|I H 



12.1 Group Trends 

12.2 Features of Alkaline Earth 
Metal Compounds 

12.3 Beryllium 

12.4 Magnesium 

12.5 Calcium and Barium 

12.6 Oxides 

12.7 Calcium Carbonate 
How Was Dolomite Formed? 

12.8 Cement 

12.9 Calcium Chloride 

Biomineralization: A New 
Interdisciplinary "Frontier" 

12.10 Calcium Sulfate 

12.11 Calcium Carbide 

12.12 Biological Aspects 

12.13 Element Reaction Flowcharts 


12.1 Group Trends 

In this section, we consider the properties of magnesium, calcium, 
strontium, and barium. Beryllium is discussed separately, because it 
behaves chemically more like a semimetal. The properties of radium, 
the radioactive member of the group, are not known in as much detail. 

The alkaline earth metals are silvery and of fairly low density. 
As with the alkali metals, density generally increases with increasing 
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TABLE 12.1 

Densities of the common 
alkaline earth metals 

TABLE 12.2 

Melting points of the common alkaline 
earth metals 

Element 

Density (g*cm -3 ) 

Element Melting point (°C) Aff atomizalion (kj-mol ') 


Mg 

1.74 

Mg 

649 

149 

Ca 

1.55 

Ca 

839 

177 

Sr 

2.63 

Sr 

768 

164 

Ba 

3.62 

Ba 

727 

175 


O 

73 pm 


Na + 

9 

116 pm 

K + 

Q 

152 pm 


^2^ atomic number (Table 12.1). The alkaline earth metals have stronger metallic 
v bonding than do the alkali metals, a characteristic that is evident from the sig¬ 

nificantly greater enthalpies of atomization (Table 12.2). The metallic bonding 
of the alkaline earth metals is also reflected in both their higher melting points 
and their greater hardness. Although the metal density shows an increasing 
trend down the group, there are no clear patterns in melting points and enthal¬ 
pies of atomization. The ionic radii increase down the group and are smaller 
than those of the alkali metals (Figure 12.1). 

The alkaline earth metals are less chemically reactive than are the alkali 
metals, but they are still more reactive than the majority of the other metallic 
elements. For example, calcium, strontium, and barium all react with cold 
water, barium reacting the most vigorously of all: 


3 

86 pm 


Ba (s) + 2 H 2 0(/) Ba(OH ) 2 (aq) + H 2 (g) 

As with the alkali metals, reactivity increases as mass increases within the 
group. Thus, magnesium does not react with cold water, but it will react slowly 
with hot water to produce magnesium hydroxide and hydrogen gas. 

They also react with many nonmetals. For example, heated calcium burns in 
chlorine gas to give calcium chloride: 


114 pm 


Ca (s) + Cl 2 (g) -> CaCl 2 (s) 

The alkaline earth metals are unusual in a readiness to react with nitrogen 
gas on heating. Thus, magnesium reacts with dinitrogen to form magnesium 
nitride: 

3 Mg(s) + N 2 (g) Mg 3 N 2 (s) 



166 pm 132 pm 

FIGURE 12.1 Comparison of 
the ionic radii of some of the alkali 
and alkaline earth metals. 


12.2 Features of Alkaline Earth Metal Compounds 


We again exclude beryllium from the discussion because its properties are very 
different from those of the other members of Group 2. The alkaline earth 
metal ions always have an oxidation number of +2, and their compounds are 
mainly stable, colorless, ionic solids—unless a colored anion is present. The 
bonds in alkaline earth metal compounds are mostly ionic in character, but 
covalent behavior is particularly evident in compounds of magnesium. (Covalency 
also dominates the chemistry of beryllium.) 
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Ion Hydration 

In contrast to the larger, low-charge-density alkali metal ions, the salts of the 
smaller, higher-charge-density alkaline earth metal ions are almost always 
hydrated. For example, calcium chloride can be prepared as the hexahydrate, 
tetrahydrate, dihydrate, and monohydrate in addition to its anhydrous form. 
Table 12.3 shows the usual hydration number (number of molecules of water 
of crystallization) of some common alkaline earth metal compounds. As the 
charge density of the metal becomes smaller, so does the hydration number. 
Paradoxically, the hydroxides of strontium and barium are octahydrates, 
whereas those of magnesium and calcium are anhydrous. 


TABLE 12.3 

Usual hydration number of common 
alkaline earth metal salts 

Element 

MC1 2 

m(no 3 ) 2 

mso 4 

Mg 

6 

6 

7 

Ca 

6 

4 

2 

Sr 

6 

4 

0 

Ba 

2 

0 

0 


Solubility of Alkaline Earth Metal Salts 

Whereas all the common Group 1 salts are water-soluble, many of those of 
Group 2 are insoluble. Generally it is the compounds with mononegative anions, 
such as chloride and nitrate, that are soluble, and those with more than one 
negative charge, such as carbonate and phosphate, that are insoluble. A few 
salts of anions show striking trends in solubility: the sulfates change from soluble 
to insoluble down the group, whereas the hydroxides change from insoluble to 
soluble (Table 12.4). 

In Chapter 11, Section 11.3, we discussed the solubility of alkali metal 
halides in terms of thermodynamic functions. For the alkaline earth metals, 
the values of each function differ dramatically from those of the alkali metals, 
yet the net changes in entropy and enthalpy for the solution process are little 
different. 


Solubilities of the alkaline earth metal 
hydroxides and sulfates 

Metal 

Hydroxide solubility 

(g’L- 1 ) 

Sulfate solubility 
(g-L- 1 ) 

Mg 

0.0001 

337 

Ca 

1.2 

2.6 

Sr 

10 

0.013 

Ba 

47 

0.0002 
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First we will consider the enthalpy factors involved. The initial step of our 
enthalpy cycle is vaporization of the crystal lattice. For a salt of a dipositive 
cation, about three times the energy will be needed to vaporize the lattice as 
is needed for a monopositive cation, because there are much greater electro¬ 
static attractions in the dipositive cation salts (2+ charge with 1- versus 1 + 
with 1-). Furthermore, per mole, three ions must be separated rather than two. 
However, the enthalpy of hydration of the dipositive ions will also be much 
greater than those of the monopositive alkali metal ions. 

As a result of the higher charge densities of the Group 2 ions, the water 
molecules are more strongly attracted to the “naked” cation, so there is a much 
greater release of energy when they form a solvation sphere around it. For 
example, the enthalpy of hydration of the magnesium ion is -1921 kJ-mol -1 , 
whereas that of the sodium ion is -435 kJ^mol -1 (the ratio of these two values 
is close to the ratio of their charge densities). Enthalpy data for magnesium 
chloride and sodium chloride are compared in Table 12.5. As these figures indi¬ 
cate, when (anhydrous) magnesium chloride is dissolved in water, the solution 
process is noticeably exothermic. 


TABLE 12.5 

Enthalpy factors in the solution process for magnesium chloride 
and sodium chloride 

Compound 

Lattice energy 
(kJ-mol -1 ) 

Hydration enthalpy 
(kJ-mol 1 ) 

Net enthalpy change 
(kJ-mol 1 ) 

MgCl 2 

+2526 

-2659 

-133 

NaCl 

+788 

-784 

+4 


Now we will consider the entropy factors (Table 12.6). The lattice entropy 
of magnesium chloride is almost exactly one and a half times that of sodium 
chloride, reflecting the fact that three gaseous ions rather than two are being 
produced. However, because the magnesium ion has a much higher charge 
density, the entropy of hydration for the magnesium ion is significantly more 
negative than that for the sodium ion. There is a much more ordered environ¬ 
ment around the magnesium ion, which is surrounded by the strongly held 
layers of water molecules. Thus, overall, the entropy factors do not favor the 
solution process for magnesium chloride. Recall that for sodium chloride, it 
was the entropy factor that favored solution. 


TABLE 12.6 

Entropy factors in the solution process for magnesium chloride 
and sodium chloride, expressed as 7A5 values 

Compound 

Lattice entropy 
(kJ-mol -1 ) 

Hydration entropy 
(kJ-mol -1 ) 

Net entropy change 
(kJ-mol -1 ) 

MgCl 2 

+ 109 

-143 

-34 

NaCl 

+68 

-55 

+ 13 
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TABLE 12.7 

Calculated free energy changes for the solution process for 
magnesium chloride and sodium chloride 

Compound 

Enthalpy change 
(kJ-mol 1 ) 

Entropy change 
(kJmoF 1 ) 

Free energy change 
(kJ-mol -1 ) 

MgCl 2 

-133 

-34 

-99 

NaCl 

+4 

+ 13 

-11 


Combining the enthalpy and entropy terms—keeping in mind that all of the 
data values have associated errors—we see that the solubility process results 
primarily from very small differences in very large energy terms (Table 12.7). 
Furthermore, for magnesium chloride, enthalpy factors favor solution and 
entropy factors oppose them, a situation that is the converse of that for sodium 
chloride. 

It is the much higher lattice energy that partially accounts for the insolubility 
of the salts containing di- and tri-negative ions. As the charge increases, so does 
the electrostatic attraction that must be overcome in the lattice vaporization 
step. At the same time, there are fewer ions (two for the metal sulfates compared 
to three for the metal halides); hence, the total ion hydration enthalpy will be less 
than that for the salts with mono-negative ions. The combination of these two 
factors, then, is responsible for the low solubility. 



12.3 Beryllium 


The element beryllium is steel gray and hard; it has a high melting temperature 
and a low density. It also has a high electrical conductivity, so it is definitely 
a metal. Because of beryllium’s resistance to corrosion, its low density, high 
strength, and nonmagnetic behavior, beryllium alloys are often used in preci¬ 
sion instruments such as gyroscopes. A minor but crucial use is in the windows 
of X-ray tubes. Absorption of X-rays increases with the square of the atomic 
number, and beryllium has the lowest atomic number of all the air-stable metals. 
Hence, it is one of the most transparent materials for the X-ray spectrum. 

The sources of beryllium are bertrandite, Be 4 Si 2 07 ( 0 H) 2 , and the gemstone 
beryl, Be 3 Al 2 Si 6 0 18 , which occurs in various colors because of trace amounts of 
impurities. When it is a light blue-green, beryl is called aquamarine; when it is 
deep green, it is called emerald. The green color is due to the presence of about 
2 percent chromium(III) ion in the crystal structure. Of course, emeralds are 
not used for the production of metallic beryllium; the very imperfect crystals 
of colorless or brown beryl are used instead. 

Beryllium compounds have a sweet taste and are extremely poisonous. 
When new compounds were prepared in the nineteenth century, it was quite 
common to report taste as well as melting point and solubility! Inhalation 
of the dust of beryllium compounds results in a chronic condition known as 
berylliosis. 
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H 7 0 


H 2 

O 

.Be 

\ "OH 2 

oh 2 


2 + 


FIGURE 12.2 Tetrahedral shape 
of the [Be(OH 2 ) 4 ] 2+ ion. 


The chemistry of beryllium is significantly different from that of the other 
Group 2 elements because covalent bonding predominates in its compounds. 
The very small beryllium cation has such a high charge density (1100 C*mm -3 ) 
that it polarizes any approaching anion, and overlaps of electron density occur. 
Hence, the simple ionic compounds of beryllium tend to be found as tetra- 
hydrates, such as BeCl 2 *4H 2 0, which actually consist of [Be(OH 2 ) 4 ] 2+ *2Cr ions 
in the crystal lattice. This tetraaquaberyllium ion, [Be(OH 2 ) 4 ] 2+ , in which the four 
oxygen atoms of the water molecules are covalently bonded to the beryllium 
ion, is also the predominant species in aqueous solution. Four coordination is the 
norm for beryllium, because of the small size of the beryllium ion (Figure 12.2). 

Although beryllium is definitely metallic, it has one property that is more 
characteristic of nonmetals—an ability to form oxyanion species. “Normal” 
metal oxides generally react with acids to give cations but not with bases to 
form oxyanions. Thus, beryllium oxide is amphoteric (see Chapter 7, Section 7.5, 
and Chapter 9, Section 9.4), reacting not only with hydronium ion to form the 
tetraaquaberyllium ion, [Be(OH 2 ) 4 ] 2+ , but also with hydroxide ion to form the 
tetrahydroxoberyllate ion, [Be(OH) 4 ] 2_ : 

BeO (s) + 2 K 3 0 + (aq) + H 2 0(Z) -> [Be(OH 2 ) 4 ] 2+ (^) 

BeO (s) + 2 OH ~{aq) + H 2 0(/) [Be(OH) 4 ] 2 “(^) 


Beryllium and the other metals that exhibit amphoteric behavior (includ¬ 
ing aluminum and zinc) are sometimes called “weak” metals because they tend 
to be located close to the semimetals and to the semimetal/nonmetal boundary. 
In the case of beryllium, it is actually located next to boron, on the semimetal/ 
nonmetal boundary. It is only because we fit the transition metal groups farther 
down into the short form of the periodic table that there appears to be a gap 
between beryllium and boron. 


12.4 Magnesium 


Magnesium is found in nature as one component in a number of mixed-metal 
salts such as carnallite, KMgCl 3 *6H 2 0, and dolomite, CaMg(C0 3 ) 2 . These com¬ 
pounds are not simply mixtures of salts but are pure ionic crystals in which the 
alternating sizes of the cations confer on the crystal lattice a greater stability than 
that conferred by either cation alone. Thus, carnallite contains arrays of chloride 
anions with interspersed potassium and magnesium cations and water molecules 
in a ratio of 3:1:1:6. Another magnesium-containing mineral is magnesium sulfate 
heptahydrate, MgS0 4 *7H 2 0, commonly called Epsom salts. 

Reactions of Magnesium 

When ignited, magnesium metal burns with a bright white light. The intensity 
of the light is so great that damage to the retina can occur. The combustion of 
magnesium powder was used in early photography as a source of illumination: 

2 Mg(s) + 0 2 (g) -> 2MgO(s) 
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The combustion reaction is so vigorous that it cannot be extinguished by 
using a conventional fire extinguisher material such as carbon dioxide. Burn¬ 
ing magnesium even reacts with carbon dioxide to give magnesium oxide and 
carbon: 

2 Mg (s) + CO 2 (g) -> 2MgO(j) + C(s) 

To extinguish reactive metal fires, such as those of magnesium, a class D fire 
extinguisher must be used. (Classes A, B, and C are used to fight conventional 
fires.) Class D fire extinguishers contain either graphite or sodium chloride. 
Graphite produces a solid coating of metal carbide over the combusting sur¬ 
face and effectively smothers the reaction. Sodium chloride melts at the tem¬ 
perature of the burning magnesium and forms an inert liquid layer over the 
metal surface; it too prevents oxygen from reaching the metal. 

The chemistry of magnesium differs from that of the lower Group 2 metals. 
Of particular importance, magnesium readily forms compounds containing 
covalent bonds. This behavior can be explained in terms of its comparatively 
high charge density (120 C*mm~ 3 ; calcium’s charge density is 52 C*mm" 3 ). 
For example, magnesium metal reacts with organic compounds called halo- 
carbons (or alkyl halides) such as bromoethane, C 2 H 5 Br, in a solvent such as 
ethoxyethane, (C 2 H 5 ) 2 0, commonly called ether. The magnesium atom inserts 
itself between the carbon and halogen atoms, forming covalent bonds to its 
neighbors: 

C 2 H 5 Br(ct/zcr) + Mg (s) —» C 2 H 5 MgBr(ct/zcr) 

These organomagnesium compounds are referred to as Grignard reagents , 
and they are used extensively as intermediates in synthetic organic chemistry. 
We discuss Grignard reagents in more detail in Chapter 23, Section 23.4. 

The Industrial Extraction of Magnesium 

Magnesium is the third most common ion in seawater (after sodium and 
chloride), and seawater is a major industrial source of this metal. In fact, 
1 km 3 of seawater contains about 1 million tonnes of magnesium ion. With 
10 8 km 3 of seawater on this planet, there is more than enough magnesium for 
our needs. 

The Dow Chemical extraction process is based on the fact that magnesium 
hydroxide has a lower solubility than calcium hydroxide does. Thus, a suspen¬ 
sion of finely powdered calcium hydroxide is added to the seawater, causing 
magnesium hydroxide to form: 

Ca(OH) 2 (s) + Mg 2+ (aq) Ca 2+ (aq) + Mg(OH) 2 (s) 

The hydroxide is then filtered off and mixed with hydrochloric acid. The resulting 
neutralization reaction gives a solution of magnesium chloride: 

Mg(OH) 2 (s) + 2 HC1 (aq) -> MgC\ 2 (aq) + 2 H 2 0(Z) 

The solution is evaporated to dryness, and the residue is placed in an elec¬ 
trolytic cell similar to the Downs cell used for the production of sodium. 
The magnesium collects on the surface of the cathode compartment and is 
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siphoned off. The chlorine gas produced at the anode is reduced back to hydrogen 
chloride, which is then used to react with more magnesium hydroxide: 

Mg 2+ (MgCl 2 ) + 2 e" Mg(Z) 

2 Cl" (MgCl 2 ) -> Cl 2 (g) + 2 e“ 

Providing an unreactive atmosphere over the molten magnesium is a real 
problem. For most reactive metal syntheses, such as sodium, the space above the 
molten metal can be filled with unreactive (and cheap) nitrogen gas. However, 
as we discussed earlier, magnesium reacts with dinitrogen. Most plants currently 
use expensive sulfur hexafluoride, SF 6 , to blanket the molten magnesium to pre¬ 
vent contact with oxygen (or nitrogen). Unfortunately, sulfur hexafluoride is a 
potent greenhouse gas (see Chapter 16, Section 16.20), and losses to the atmo¬ 
sphere are quite significant. A lesser used alternative blanketing compound is 
sulfur dioxide. 

Uses of Magnesium 

Over half of the approximately 4 X 10 5 tonnes of magnesium metal produced 
worldwide is used in aluminum-magnesium alloys. The usefulness of these 
alloys is due primarily to their low density. With a density less than twice that of 
water (1.74 g*cm -3 ), magnesium is the lowest-density construction metal. Such 
alloys are particularly important wherever the low density provides signifi¬ 
cant energy savings: in aircraft, railroad passenger cars, rapid transit vehicles, 
and bus bodies. In the 1970s, these alloys were used in the superstructure of 
warships because the lower mass of the ship allowed higher speeds. However, 
during the Falkland Islands War of 1982, the Royal Navy discovered a major 
disadvantage of this alloy—its flammability when subjected to missile attack. 
The U.S. Navy had already experienced accidents with the same alloy. An 
appreciation of the high reactivity of the alkaline earth metals might have pre¬ 
vented these mishaps. 


12.5 Calcium and Barium 


Both of these elements are grayish metals that react slowly with the oxygen in 
air at room temperature but burn vigorously when heated. Calcium burns to 
give only the oxide: 

2 Ca(s) + 0 2 (g) -► 2 CaO(j) 

whereas barium forms some dioxide(2-) in excess oxygen: 

2 Ba(s) + 0 2 (g) -► 2 BaO(j) 

Ba(» + 0 2 (g) Ba0 2 (.s) 

The formation of barium peroxide can be explained in terms of the charge density 
of barium ion (23 C*mm -3 ), which is as low as that of sodium (24 C*mm -3 ). 
Cations with such a low charge density are able to stabilize polarizable ions 
like the dioxide(2-) ion. 
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Whereas beryllium is transparent to X-rays, barium and calcium, both with 
high atomic numbers, are strong absorbers of this part of the electromagnetic 
spectrum. It is the calcium ion in bones that causes the skeleton to show up on 
X-ray film. The elements in the soft tissues do not absorb X-rays, a property 
that presents a problem when one wants to visualize the stomach and intes¬ 
tine. Because barium ion is such a good X-ray absorber, swallowing a solution 
containing barium should be an obvious way of imaging these organs. There is 
one disadvantage—barium ion is very poisonous. Fortunately, barium forms an 
extremely insoluble salt, barium sulfate. This compound is so insoluble (2.4 X 
1CT 3 g*L _1 ) that a slurry in water can be safely swallowed, the organs X-rayed, 
and the compound later excreted. 


12.6 Oxides 


As mentioned earlier, the Group 2 metals burn in air to yield the normal oxides, 
except for the member of the group with the lowest charge density—barium— 
which also forms some barium peroxide. Magnesium oxide is insoluble in water, 
whereas the other alkaline earth metal oxides react with water to form the re¬ 
spective hydroxides. For example, strontium oxide forms strontium hydroxide: 

SrO(s) + H 2 0(/) Sr(OH) 2 (s) 

Magnesium oxide has a very high melting point, 2825°C, so bricks of this 
compound are useful as industrial furnace linings. Such high-melting materi¬ 
als are known as refractory compounds . Crystalline magnesium oxide is an 
unusual compound, because it is a good conductor of heat but a very poor 
conductor of electricity, even at high temperatures. It is this combination of 
properties that results in its crucial role in electric kitchen range elements. It 
conducts the heat rapidly from a very hot coil of resistance wire to the metal 
exterior of the element without allowing any of the electric current to traverse 
the same route. 

Commonly called quicklime, calcium oxide is produced in enormous quan¬ 
tities, particularly for use in steel production (see Chapter 20, Section 20.6). It 
is formed by heating calcium carbonate very strongly (over 1170°C): 

CaC0 3 (s) CaO(s) + C0 2 (g) 

This high-melting oxide is unusual in a different way: when a flame is directed 
against blocks of calcium oxide, the blocks glow with a bright white light. This 
phenomenon is called thermoluminescence. Before the introduction of electric 
light, theaters were lighted by these glowing chunks of calcium oxide; hence 
the origin of the phrase “being in the limelight” for someone who attains a 
prominent position. Thorium(IV) oxide, Th0 2 , exhibits a similar property; 
hence its use in the mantles of gas-fueled camping lights. 

Calcium oxide reacts with water to form calcium hydroxide, a product that 
is referred to as hydrated lime or slaked lime: 

CaO (s) + H 2 0(Z) -> Ca(OH) 2 (s) 
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Hydrated lime is sometimes used in gardening to neutralize acid soils; however, 
it is not a wise way of accomplishing this because an excess of calcium hydroxide 
will make the soil too basic: 

Ca(OH) 2 (s) + 2 H + (aq) Ca 2+ (aq) + 2 H 2 0(Z) 


12.7 Calcium Carbonate 


Calcium is the fifth most abundant element on Earth. It is found largely as 
calcium carbonate in the massive deposits of chalk, limestone, and marble that 
occur worldwide. Chalk was formed in the seas, mainly during the Cretaceous 
period, about 135 million years ago, from the calcium carbonate skeletons of 
countless marine organisms. Limestone was formed in the same seas, but as a 
simple precipitate, because the solubility of calcium carbonate was exceeded 
in those waters: 

Ca 2+ (aq) + CO i~{aq) CaC0 3 (s) 

Some deposits of limestone became buried deep in the Earth’s crust, where the 
combination of heat and pressure caused the limestone to melt. The molten 
calcium carbonate cooled again as it was pushed back up to the surface, even¬ 
tually solidifying into the dense solid form that we call marble. 

Both marble and limestone have been used as building materials and for 
sculptures. Unfortunately, the material is readily attacked by acid rain; thus 
World Heritage buildings such as the Parthenon in Greece and the Taj Mahal 
in India are in danger of corroding away: 

CaC0 3 (s) + 2 U + (aq) -> Ca 2+ (aq) + CO 2 (g) + H 2 0(/) 

There are three naturally occurring crystalline forms of calcium carbonate: 
calcite, aragonite, and vaterite. A form of calcite, known as Iceland spar, is 
unusual in that it transmits two images of any object placed under it. The two 
images appear because the crystal has two different indices of refraction. 
Polarizing microscopes rely on Iceland spar (Nicol prisms) for their functioning. 
Calcite is thermodynamically favored at room temperature but by less than 
5 kJ*mol _1 over aragonite. Though calcite is by far the most common, aragonite 
is found in some places. Vaterite is extremely rare. 

Caves like Carlsbad Caverns and Mammoth Cave occur in beds of limestone. 
These structures are formed when rainwater seeps into cracks in the limestone. 
During the descent of rain through the atmosphere, carbon dioxide dissolves in 
it. The reaction of this dissolved acid oxide with the calcium carbonate produces 
a solution of calcium hydrogen carbonate: 

CaC0 3 (s) + C0 2 (g) + H 2 0(/) ^ Ca 2+ (aq) + 2 UC0 3 ~(aq ) 

The solution is later washed away, leaving a hole in the rock. This is a revers¬ 
ible reaction, and within caves, the evaporation of water from drips of calcium 
hydrogen carbonate solution results in the formation of calcium carbonate 
stalagmites and stalactites. This same reaction is causing major concern in the 
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context of increased levels of carbon dioxide in the atmosphere. As some of 
this dissolves in the oceans, so the above equilibrium will shift to the right, 
inhibiting the formation of corals and of shelled marine organisms. 

As was mentioned in Chapter 11, Section 11.12, only the alkali metals 
have a charge density low enough to stabilize the large polarizable hydrogen 
carbonate ion. Hence, when the water evaporates from the solution of calcium 
hydrogen carbonate, the compound immediately decomposes back to solid 
calcium carbonate: 

Ca(HC0 3 ) 2 (^) CaC0 3 (s) + C0 2 (g) + H 2 0(/) 

It is deposited calcium carbonate that forms the stalagmites growing up from a 
cave floor and the stalactites descending from the roof of the cave. 

Calcium carbonate is a common dietary supplement prescribed to help 
maintain bone density. A major health concern today is the low calcium intake 
among teenagers. Low levels of calcium lead to larger pores in the bone struc¬ 
ture, and these weaker structures mean easier bone fracturing and a higher 
chance of osteoporosis in later life. 

As we mentioned in the feature “Antacids” in Chapter 7, calcium carbonate 
is a popular antacid, though it also has a constipative effect. When one is travel¬ 
ing, it is advisable to drink low-mineral-content bottled water rather than local 
tap water, because the tap water might well be significantly higher or lower in 
either calcium (constipative) or magnesium (laxative) ions than your system 
has become used to at home, thereby causing undesirable effects. (Of course, 
in certain parts of the world, there is also the danger of more serious health 
problems from tap water supplies, such as bacterial and viral infections.) 

In the form of powdered limestone (commonly called agricultural lime), 
calcium carbonate is added to farmland to increase the pH by reacting with 
acids in the soil: 

CaC0 3 (s) + 2 H + (aq) Ca 2+ {aq) + C0 2 (g) + H 2 0(/) 
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O ne of the great mysteries of geochemistry is how 
the mineral dolomite was formed. Dolomite is 
found in vast deposits, including the whole of the Dolo¬ 
mite mountain range in Europe. The chemical structure 
is CaMg(C0 3 ) 2 ; that is, it consists of carbonate ions in¬ 
terspersed with alternating calcium and magnesium ions. 
Of particular interest, many of the world’s hydrocarbon 
(oil) deposits are found in dolomite rock. 

Yet this composition does not form readily. If you mix 
solutions of calcium ions, magnesium ions, and carbonate 
ions in the laboratory, you merely obtain a mixture of 
calcium carbonate crystals and magnesium carbonate 
crystals. For 200 years, geochemists have struggled with 


the problem of how such enormous deposits were formed. 
To synthesize dolomite, temperatures of over 150°C are 
required—not typical conditions on the surface of the 
Earth! Furthermore, magnesium ion concentrations in 
seawater are far higher than those of calcium ion. 

The most popular idea is that beds of limestone were 
formed first and then buried deep in the Earth. Water 
rich in magnesium ion is then postulated to have cir¬ 
culated through pores in the rock, selectively replacing 
some of the calcium ions with magnesium ions. It seems 
unlikely for this to have happened uniformly throughout 
thousands of cubic kilometers of rock, but at this time, it 
is the best explanation that we have. 
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12.8 Cement 


About 1500 b.c., it was first realized that a paste of calcium hydroxide and sand 
(mortar) could be used to bind bricks or stones together in the construction of 
buildings. The material slowly picked up carbon dioxide from the atmosphere, 
thereby converting the calcium hydroxide back to the hard calcium carbonate 
from which it had been made: 

Ca(OH) 2 (s) + C0 2 (g) CaC0 3 (s) + H 2 0(g) 

Between 100 b.c. and a.d. 400, the Romans perfected the use of lime mortar 
to construct buildings and aqueducts, many of which are still standing. They 
also made the next important discovery: that mixing volcanic ash with the lime 
mortar gave a far superior product. This material was the precursor of our 
modern cements. 

The production of cement is one of the largest modern chemical industries. 
Worldwide production is about 700 million tonnes, with the United States pro¬ 
ducing about 10 percent of that figure. Cement is made by grinding together 
limestone and shales (a mixture of aluminosilicates) and heating the mixture 
to about 2000°C. The chemical reaction releases large quantities of carbon 
dioxide and partially melts the components to form solid lumps called clinker. 
Clinker consists of a mixture of about 50 percent tricalcium silicate, Ca 3 Si0 5 , 
30 percent dicalcium silicate, Ca 2 Si0 4 , and the remainder calcium aluminate, 
Ca 3 Al 2 0 6 , and calcium ferroaluminate, Ca 4 Al 2 Fe 2 O 10 . The clinker is mixed 
with a small quantity of gypsum (calcium sulfate dihydrate) and ground to a 
fine powder. This mixture is known as Portland cement. 

To make concrete, the powder is mixed with sand and aggregate (small 
rocks). Both the sand and aggregate consist of impure silicon dioxide possess¬ 
ing strong network covalent silicon-oxygen bonds. When water is added, the 
cement undergoes a variety of hydration reactions. A typical idealized reaction 
can be represented as 

2 Ca 3 Si0 5 (s) + 7 H 2 0(/) -► Ca 3 Si 2 0 7 -4H 2 0(s) + 3 Ca(OH) 2 (s) 

The hydrated silicate, called tobermorite gel, forms strong crystals that adhere 
by means of strong silicon-oxygen bonds to the sand and aggregate, forming 
a sort of glue between the particles. Thus, the strength of the concrete derives 
from the network covalent bonds. Because the other product in this reaction is 
calcium hydroxide, the mixture should be treated as a corrosive material while 
it is hardening. 

Though traditional cement will always be a mainstay of construction, auto¬ 
claved aerated concrete (AAC) is becoming increasingly popular. The cement 
mix contains aluminum metal, which reacts with the hydroxide ion formed in 
the above reaction as follows: 

2A1 (s) + 2 OH ~(aq) + 6 H 2 0(/) -> 2 [Al(OH) 4 ]“(^) + 3H 2 (g) 

The millions of tiny gas bubbles cause the mixture to swell to five times its 
original volume. When the concrete has set, it is cut into blocks or slabs of 
required size, then steam-cured in an oven (autoclaved). The hydrogen gas 
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diffuses out of the structure and is replaced by air. This low-density material 
has high thermal insulation properties and can be made with waste fly ash from 
coal-burning power plants. At the end of the building’s life, the panels can be 
disassembled, crushed, and remade into cement; hence, AAC is probably the 
most environmentally friendly construction material. 


12.9 Calcium Chloride 


Anhydrous calcium chloride is a white solid that absorbs moisture very readily 
(an example of deliquescence). As a result, it is sometimes used as a drying 
agent in the chemistry laboratory. 

The reaction to form the hexahydrate, CaCl 2 *6H 2 0, is very exothermic, and 
this property is exploited commercially. One type of instant hot packs consists 
of two inner pouches, one water filled and the other containing anhydrous 
calcium chloride. Squeezing the pack breaks the inner partition between the 
pouches and allows the exothermic hydration reaction to occur. When the 
dividing partition is broken, calcium chloride solution forms. This process is 
highly exothermic: 

CaCl 2 (s) —> Ca 2+ (aq) + 2 Cl” (aq) 

With a 2+ charge cation, the lattice energy is high (about 2200 kJ-mor 1 ), 
but at the same time, the enthalpy of hydration of the calcium ion is ex¬ 
tremely high (-1560 kTmor 1 ) and that of the chloride ion is not insignificant 
(—384 kJ*mol _1 ). The sum of these energies yields an exothermic process. By 
contrast, there is a slight decrease in entropy (-256 J-mol _1 -K _1 ) as the small, 
highly charged cation is surrounded in solution by a very ordered sphere of 
water molecules, thereby diminishing the entropy of the water in the process. 
This reaction, then, is enthalpy driven. 

Anhydrous calcium chloride, instead of sodium chloride, is also used for 
melting ice. Calcium chloride works in two ways. First, its reaction with water 
is highly exothermic (as we described previously); second, calcium chloride 
forms a freezing mixture that substantially reduces the melting point. Calcium 
chloride is very water-soluble: a mixture of 30 percent calcium chloride and 
70 percent water by mass (the eutectic, or minimum, freezing mixture) will 
remain liquid down to -55°C, a temperature much lower than the — 18°C pro¬ 
duced by the best sodium chloride and water mixture. Another advantage of 
using the calcium salt is that the calcium ion causes less damage to plants than 
does the sodium ion. 

The concentrated calcium chloride solution has a very “sticky” feel, and 
this property leads to another of its applications: it is sprayed on unpaved 
road surfaces to minimize dust problems. It is much less environmentally 
hazardous than oil, the other substance commonly used. The concentrated 
solution is also very dense, and for this reason, it is sometimes used to fill 
tires of earth-moving equipment to give them a higher mass and hence better 
traction. 
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Biomineralization: A New Interdisciplinary "Frontier" 


O ne of the new fields of research is biomineralization: 

the formation of minerals by biological processes. 
This interdisciplinary field encompasses inorganic chemistry, 
biology, geology, biochemistry, and materials science. 

Though we think of life as being based on organic 
chemistry, the structures of many living organisms are 
defined by an inorganic-organic composite material. 
For example, the bones of vertebrates consist of an 
organic matrix of elastic fibrous proteins, predominantly 
collagen, glycoproteins, and mucopolysaccharides. This 
matrix is filled with inorganic components, about 55 per¬ 
cent being calcium hydroxophosphate, Ca 5 (P0 4 ) 3 (0H), 
the remainder including calcium carbonate, magnesium 
carbonate, and silicon dioxide. The inorganic filler is hard 
and pressure-resistant, enabling large land-living crea¬ 
tures to exist. The organic components provide elasticity 
together with tensile, bending, and breaking strength. 

The crucial difference between ordinary minerals 
and biominerals is that biominerals are grown specifi¬ 
cally in the shape for which they are needed. In addi¬ 
tion to their use as body frameworks, biominerals have 
three other roles: as instruments, as parts of sensors, and 
for mechanical protection. Teeth are the most common 


inorganic instruments. In vertebrates, the enamel layer 
of teeth is predominantly hydroxyapatite, but this is not 
true for all organisms. Marine mollusks of the chiton family 
synthesize crystals of iron oxides to act in this role. 

We have gravity- or inertia-sensitive sensors in our 
inner ear. These are spindle-shaped deposits of the 
aragonite form of calcium carbonate. Calcium carbonate 
is relatively dense (2.9 g-cm -3 ); thus, the movement of this 
mineral mass with respect to the surrounding sensory cells 
gives us information on the direction and intensity of accel¬ 
eration. One class of bacteria accumulates magnetic iron 
oxides, which they use to orient themselves with respect to 
the Earth’s magnetic field. 

Sea urchins provide an example of mechanical pro¬ 
tection. They synthesize long, strong needles of calcium 
carbonate for defense. Such needle crystals are very 
different from the normal chunky calcite or aragonite 
crystals. Silicon dioxide crystals are used for defense by 
several plant species. One of these is the stinging nettle, 
where the brittle tips of the stinging hairs consist of 
silicon dioxide (silica). 

Table 12.8 shows some of the most important bio¬ 
minerals and their functions. 


Some important biominerals and their functions 

Chemical composition 

Mineral name 

Occurrence and functions 

CaC0 3 

Calcite, aragonite 

Exoskeletons (e.g., eggshells, corals, mollusk shells) 

Ca 5 (P0 4 ) 3 (OH) 

Hydroxyapatite 

Endoskeletons (vertebrate bones and teeth) 

Ca(C 2 0 4 ) 

Whewellite (monohydrate), 
weddelite (dihydrate) 

Calcium storage, passive defense of plants 

CaS0 4 *2H 2 0 

Gypsum 

Gravity sensor 

SrS0 4 

Celestite 

Exoskeleton (some marine unicellular organisms) 

BaS0 4 

Baryte 

Gravity sensor 

Si0 2 *ftH 2 0 

Silica 

Exoskeletons, plant defenses 

Fe 3 0 4 

Magnetite 

Magnetic sensors, teeth of certain marine organisms 

Fe(0)0H 

Goethite, lepidocrocite 

Teeth of certain marine organisms 


12.10 Calcium Sulfate 


Calcium sulfate is found as the dihydrate, CaS0 4 *2H 2 0, known as gypsum. 
Mineral deposits of pure, high-density gypsum, called alabaster, have been 
used for delicate sculptures. Gypsum is also used in some brands of blackboard 
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chalk. When heated to about 100°C, the hemihydrate, plaster of Paris, is 
formed: 

CaS0 4 ’2H 2 0(s) —CaS0 4 -| H 2 0(s) + §H 2 0(g) 

This white powdery solid slowly reacts with water to form long interlock¬ 
ing needles of calcium sulfate dihydrate. It is the strong, meshing crystals of 
gypsum that give plaster casts their strength. A more correct common name 
would be “gypsum casts.” 

One of the major uses of gypsum is in the fire-resistant wallboard used for 
interior walls in houses and offices. Its nonflammability and low cost are two 
reasons for choosing this material. The fire protection results in part from the 
nonflammability of gypsum and its low thermal conductivity. In addition, the 
gypsum dehydration reaction is an endothermic process (+117 kEmoE 1 ), thus 
absorbing energy from the fire. Furthermore, each mole of liquid water pro¬ 
duced absorbs the enthalpy of vaporization of water—another 144 kEmoE 1 — 
as it becomes gaseous water. Finally, the gaseous water acts as an inert gas, 
decreasing the supply of dioxygen to the fire. 


12.11 Calcium Carbide 


This compound was first prepared by accident. Thomas “Carbide” Willson was 
endeavoring to prepare calcium metal by heating calcium oxide with carbon 
in an electric furnace. A product was formed, and it reacted with water to pro¬ 
duce a gas as expected. However, the gas was not the expected hydrogen but 
acetylene.This synthesis had a major effect on late-nineteenth-century life. The 
solid calcium carbide could be easily stored and transported and addition of 
readily available water released a flammable gas. 

Acetylene lamps enabled automobiles to travel at night and miners to work 
more safely underground. Even today, some cave explorers use carbide lamps 
since they are so reliable and give such an intense light. The acetylene (ethyne) 
proved to be an ideal reactant for the synthesis of numerous organic com¬ 
pounds. In fact, the process was central to the founding of the company Union 
Carbide. 

Even though CaC 2 is commonly called calcium carbide, the compound 
does not contain the carbide ion, C 4 ~. Instead, it contains the dicarbide(2-) 
ion, C 2 2 A which is commonly called the acetylide ion. The compound adopts 
the sodium chloride crystal structure, with each anion site being occupied by a 
dicarbide(2-) unit (Figure 12.3). 

Calcium dicarbide(2-) is prepared by heating carbon (coke) and calcium 
oxide at about 2000°C in an electric furnace: 

CaO(s) + 3 C(s) CaQfa) + CO(g) 

Worldwide production has dropped from about 10 million tonnes in the 1960s 
to about 5 million tonnes in the 1990s—China is now the main producer—as 
the chemical industry has shifted to the use of oil and natural gas as the starting 
point for synthesizing organic compounds. 



OCa 2+ QC 2 2 " 


FIGURE 12.3 Crystal structure 
of calcium dicarbide(2—), which 
closely resembles the sodium 
chloride crystal structure. 
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The major use of the carbide process is to produce ethyne (acetylene) for 
oxyacetylene welding: 

CaC 2 (s) + 2 H 2 0(/) Ca(OH) 2 (s) + C 2 H 2 (g) 

The very exothermic reaction with dioxygen gives carbon dioxide and water 
vapor: 

2C 2 H 2 (g) + 5 0 2 (g) 4 C0 2 (g) + 2H 2 0(g) 

Another important reaction of calcium dicarbide(2-) is that with atmo¬ 
spheric nitrogen, one of the few simple chemical methods of breaking the 
strong nitrogen-nitrogen triple bond. In the process, calcium dicarbide(2-) is 
heated in an electric furnace with nitrogen gas at about 1100°C: 

CaC 2 (s) + N 2 (g) CaCN 2 (s) + C(s) 

The cyanamide ion, [N=C=N] 2- , is isoelectronic with carbon dioxide, and it 
also has the same linear structure. Calcium cyanamide is a starting material for 
the manufacture of several organic compounds, including melamine plastics. It 
is also used as a slow-release nitrogen-containing fertilizer: 

CaCN 2 (s) + 3 H 2 0(/) -► CaC0 3 (s) + 2 NH 3 (^) 


12.12 Biological Aspects 


The most important aspect of the biochemistry of magnesium is its role in pho¬ 
tosynthesis. Magnesium-containing chlorophyll, using energy from the Sun, 
converts carbon dioxide and water into sugars and oxygen: 

6 CO 2 (aq) + 6 H 2 0(Z) chloro P hy "> C 6 H lz O 6 (aq) + 6 0 2 (g) 

Without the oxygen from the chlorophyll reaction, this planet would still be 
blanketed in a dense layer of carbon dioxide, and without the sugar energy 
source, it would have been difficult for life to progress from plants to her¬ 
bivorous animals. Interestingly, the magnesium ion seems to be used for its 
particular ion size and for its low reactivity. It sits in the middle of the chloro¬ 
phyll molecule, holding the molecule in a specific configuration. Magnesium 
has only one possible oxidation number, +2. Thus, the electron transfer reac¬ 
tions involved in photosynthesis can proceed without interference from the 
metal ion. 

Both magnesium and calcium ions are present in body fluids. Mirror¬ 
ing the alkali metals, magnesium ions are concentrated within cells, whereas 
calcium ions are concentrated in the intracellular fluids. Calcium ions are 
important in blood clotting, and they are required to trigger the contrac¬ 
tion of muscles, such as those that control the beating of the heart. In fact, 
certain types of muscle cramps can be prevented by increasing the intake of 
calcium ion. 
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12.13 Element Reaction Flowcharts 


The three most important elements of this group are magnesium, calcium, and 
barium, and their respective flowcharts are shown in the following: 


Mg 3 N 2 


MgCl r 


CL 


N, 


■Mg 


Mg(OH) 2 


OH 


H 


C 2 H 5 MgBr MgO - 


* Mg 2+ 


CO,' 


MgCC>3 



Ca 2+ 


Ca(HC0 3 ) 2 


Ba 3 N 2 
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KEY IDEAS 


• The Group 2 metals are harder, denser, and less reactive 
than the Group 1 metals. 

• There are systematic patterns in the solubilities of the 
Group 2 metal salts. 


• Beryllium is amphoteric and atypical of the group. 

• Calcium carbide is one the several important salts of the 
Group 2 metal ions. 


EXERCISES 

12.1 Write balanced chemical equations for the fol¬ 
lowing processes: (a) heating calcium in dioxygen; 
(b) heating calcium carbonate; (c) evaporating a solution 
of calcium hydrogen carbonate; (d) heating calcium oxide 
with carbon. 

12.2 Write balanced chemical equations for the following 
processes: (a) adding strontium to water; (b) passing sulfur 
dioxide over barium oxide; (c) heating calcium sulfate 
dihydrate; (d) adding strontium dicarbide(2-) to water. 

12.3 For the alkaline earth elements (except beryllium), 
which will (a) have the most insoluble sulfate; (b) be the 
softest metal? 

12.4 For the alkaline earth metals (except beryllium), 
which will (a) have the most insoluble hydroxide; (b) have 
the greatest density? 

12.5 Explain why entropy factors favor the solution of 
sodium chloride but not that of magnesium chloride. 

12.6 Explain why the salts of alkaline earth metals with 
mononegative ions tend to be soluble, while those with 
dinegative ions tend to be insoluble. 

12.7 What are the two most important common features 
of the Group 2 elements? 

12.8 Explain why the solid salts of magnesium tend to be 
highly hydrated. 

12.9 Suggest why the hydrated beryllium ion has 
the formula [Be(OH 2 ) 4 ] 2+ , while that of magnesium is 
[Mg(OH 2 ) 6 ] 2+ . 

12.10 How does the chemistry of magnesium differ from 
that of the lower members of the Group 2 metals? Suggest 
an explanation. 

12.11 Explain briefly how caves are formed in limestone 
deposits. 

12.12 What are the main raw materials for the manufac¬ 
ture of cement? 


12.13 Summarize the industrial process for the extraction 
of magnesium from seawater. 

12.14 How is calcium cyanamide obtained from calcium 
oxide? 

12.15 Several of the alkaline earth metal compounds have 
common names. Give the systematic name for (a) lime; 
(b) milk of magnesia; (c) Epsom salts. 

12.16 Several of the alkaline earth metal compounds have 
common names. Give the systematic name for (a) dolomite; 
(b) marble; (c) gypsum. 

12.17 Why is lead commonly used as a shielding material 
for X-rays? 

12.18 The dissolving of anhydrous calcium chloride in 
water is a very exothermic process. However, dissolving 
calcium chloride hexahydrate causes a very much smaller 
heat change. Explain this observation. 

12.19 Discuss briefly the similarities between beryllium 
and aluminum. 

12.20 In this chapter, we have ignored the radioactive 
member of the group, radium. On the basis of group trends, 
suggest the key features of the properties of radium and its 
compounds. 

12.21 Describe briefly the importance of magnesium ion 
to life on Earth. 

12.22 What is the calcium-containing structural material 
in vertebrates? 

12.23 Describe and write corresponding chemical equa¬ 
tions showing how you would prepare from magnesium 
metal each of the following: (a) magnesium chloride mono¬ 
hydrate; (b) anhydrous magnesium chloride. 

12.24 Write balanced chemical equations corresponding 
to each transformation in the element reaction flowcharts 
for magnesium, calcium, and barium (page 287). 
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BEYOND THE BASICS 

12.25 From the appropriate data in Appendix 2, calculate 
the enthalpy and entropy change when plaster of Paris is 
formed from gypsum. Calculate the temperature at which 
the process of dehydration becomes significant; that is, 
when AG 0 = 0. 

12.26 Calculate the radius of a dicarbide, C 2 2 ~, ion given 
that calcium dicarbide(2-), which adopts a sodium chlo¬ 
ride lattice, has a lattice energy of -2911 kJ-mol -1 . 

12.27 The common hydrate of magnesium sulfate is the 
heptahydrate, MgS0 4 -7H 2 0. In the crystal structure, how 
many water molecules are likely to be associated with the 
cation? With the anion? Give your reasoning. 

12.28 Adding powdered limestone (calcium carbonate) to 
a lake affected by acid rain can decrease the availability of 
phosphate ion, an important nutrient, but not that of ni¬ 
trate ion, another nutrient. Write a balanced equation and 
calculate the standard free energy change for the process to 
confirm its spontaneity. 

12.29 Which of the following gaseous species should be the 
most stable: BeH, BeH + , or BeFT? Show your reasoning. 

12.30 Which would you expect to have a higher melting 
point, magnesium oxide or magnesium fluoride? Explain 
your reasoning. 

12.31 We focus on reactions involving oxygen and water 
because they are the predominant reactive species on this 


planet. What would be the parallel reaction to that of calcium 
oxide with water on a planet whose environment was domi¬ 
nated by gaseous dinitrogen and liquid ammonia? 

12.32 Lanthanum, one of the lanthanoid elements, is 
often regarded by biochemists as a useful analog for 
calcium, the major difference being the charge of triposi¬ 
tive La 3+ contrasted to dipositive Ca 2+ . Assuming this 
analogy, predict: (a) the reaction between lanthanum 
metal and water; (b) which of the following lanthanum 
salts are soluble or insoluble in water: sulfate, nitrate, 
chloride, phosphate, fluoride. 

12.33 Beryllium metal can be obtained by the reaction of 
beryllium fluoride with magnesium metal at 1300°C. Show 
that the reaction is thermodynamically spontaneous even 
at 25°C. Is the reaction likely to be more or less favorable 
at 1300°C? Give your reasoning without a calculation. Why, 
then, is beryllium commercially synthesized at such a high 
temperature? 

12.34 Suggest why the Bel 4 2_ ion is not known, even 
though the BeCl 4 2_ ion exists. 

12.35 Molten beryllium chloride is a poor electrical conduc¬ 
tor. However, dissolving sodium chloride in beryllium chloride 
results in a conducting solution with an optimum conductivity 
at an NaCl:BeCl 2 ratio of 2:1. Suggest an explanation. 


ADDITIONAL RESOURCES 

For answers to odd-numbered questions: www.whfreeman.com/descriptive5e 
v For accompanying video clips: www.whfreeman.com/descriptive5e 





CHAPTER 1 3 


The Group 13 Elements 



Boron and aluminum are the only members of Group 13 that are of major 
importance. Boron has some unusual chemistry-particularly its hydrides. 
Aluminum is one of the most widely used metals, and the properties of its 
compounds will be the main focus of this chapter. 


T he German chemist Friedrich Wohler (better known for his syn¬ 
thesis of urea) was among the first to prepare pure aluminum 
metal. He did so by heating potassium metal with aluminum chloride 
in a redox reaction: 

3 K(/) + A1C1 3 (s) Al(s) + 3 KQ(s) 

Before he could do this, he had to obtain stocks of the very reactive 
potassium metal. Because he did not have a battery that was powerful 
enough to generate the potassium metal electrochemically, he devised 
a chemical route that used intense heat and a mixture of potassium 
hydroxide and charcoal. He and his sister, Emilie Wohler, shared the 
exhausting work of pumping the bellows to keep the mixture hot 
enough to produce the potassium. So expensive was aluminum in the 
mid-nineteenth century that Emperor Napoleon III used aluminum 
tableware for special state occasions. 
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13.1 Group Trends 



FIGURE 13.1 Icosahedral 
arrangement of boron. 


Boron exhibits mostly nonmetallic behavior and is classified as a semimetal, 
whereas the other members of Group 13 are metals. But even the metals have 
no simple pattern in melting points, although their boiling points do show a 
decreasing trend as the mass of the elements increases (Table 13.1). The reason 
for this lack of order is that each element in the group is organized a differ¬ 
ent way in the solid phase. For example, in one of its four allotropes, boron 
forms clusters of 12 atoms. Each cluster has a geometric arrangement called an 
icosahedron (Figure 13.1). Aluminum adopts a face-centered cubic structure, 
but gallium forms a unique structure containing pairs of atoms. Indium and 
thallium each form other, different structures. It is only when the elements are 
melted and the crystal arrangements destroyed that we see, from the decreas¬ 
ing boiling points as the group is descended, that the metallic bond becomes 
weaker. 

As we would expect, boron, classified as a semimetal, favors covalent bond 
formation. However, covalency is common among the metallic members of 
the group as well. The reason for the covalent behavior can be attributed to 
the high charge and small radius of each metal ion. The resulting high charge 
density of Group 13 ions is sufficient to polarize almost any approaching anion 
enough to produce a covalent bond (Table 13.2). The only way to stabilize the 
ionic state of Group 13 elements is to hydrate the metal ion. For aluminum, 
the enormous hydration enthalpy of the tripositive ion, -4665 kFmol -1 , is 
almost enough on its own to balance the sum of the three ionization energies, 
+5137 kJ*mol _1 . Thus, the hydrated aluminum compounds that we regard as 
ionic do not contain the aluminum ion, Al 3+ , as such, but the hexaaquaaluminum 
ion, [Al(OH 2 ) 6 ] 3+ . 

It is in Group 13 that we first encounter elements possessing more than 
one oxidation state. Aluminum has the +3 oxidation state, whether the bond¬ 
ing is ionic or covalent. However, gallium, indium, and thallium have a second 
oxidation state of +1. For gallium and indium, the +3 state predominates, 
whereas the +1 state is most common for thallium (see Chapter 9, Section 
9.8). At this point, it is appropriate to note that formulas can sometimes be 
deceiving. Gallium forms a chloride, GaCl 2 , a compound implying that a +2 


TABLE 13.1 


Melting and boiling points of 
the Group 13 elements 


Element Melting point (°C) Boiling point (°C) 


TABLE 13.2 


Charge densities of Period 3 
metal ions 


Group Ion Charge density (C-mm 3 ) 


B 

2180 

3650 

1 

Na + 

24 

A1 

660 

2467 

2 

Mg 2+ 

120 

Ga 

30 

2403 

13 

Al 3+ 

364 

In 

157 

2080 




T1 

303 

1457 

















oxidation state exists. However, the actual structure of this compound is now 
established as [Ga] + [GaCl 4 ] _ ; thus, the compound actually contains gallium in 
both +1 and +3 oxidation states. 
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13.2 Boron 


Boron is the only element in Group 13 that is not classified as a metal. In Chap¬ 
ter 2, Section 2.4, we classified it as a semimetal. However, on the basis of its 
extensive oxanion and hydride chemistry, it is equally valid to consider it as a 
nonmetal. The element can be obtained from its oxide by heating with a reac¬ 
tive metal such as magnesium: 

B 2 0 3 (s) + 3 Mg(0 2 B (s) + 3 MgO(s) 


The magnesium oxide can be removed by reaction with acid. 

Boron is a rare element in the Earth’s crust, but fortunately there are 
several large deposits of its salts. These deposits, which are found in locations 
that once had intense volcanic activity, consist of the salts borax and kernite, 
which are conventionally written as Na2B 4 O 7 T0H2O and Na 2 B 4 0 7 *4H 2 0, re¬ 
spectively. Total annual worldwide production of boron compounds amounts 
to over 3 million tonnes. The world’s largest deposit is found at Boron, Cali¬ 
fornia; it covers about 10 km 2 , with beds of kernite up to 50 m thick. The ac¬ 
tual structure of borate ions is much more complex than the simple formulas 
would indicate. For example, borax actually contains the [B 4 0 5 (0H) 4 ] 2_ ion, 
shown in Figure 13.2. 

About 35 percent of boron production is used in the manufacture of boro- 
silicate glass. Conventional soda glass suffers from thermal shock; that is, when 
a piece of glass is heated strongly, the outside becomes hot and tries to expand, 
while the inside is still cold because glass is such a poor conductor of heat. As 
a result of stress between the outside and the inside, the glass cracks. When the 
sodium ions in the glass structure are replaced by boron atoms, the degree of 
glass expansion (more precisely called thermal expansivity) is less than half 
that of conventional glass. As a result, containers made of borosilicate glass 
(sold under trademarks such as Pyrex) are capable of being heated without 
great danger of cracking. Glass compositions are discussed in Chapter 14, 
Section 14.14. 

In the early part of the twentieth century, the major use for boron com¬ 
pounds was as a cleaning agent called borax. This use has now dropped behind 
that for glassmaking, consuming only 20 percent of production. In detergent 
formulations, it is no longer borax but sodium peroxoborate, NaB0 3 , that is 
used. Once again, the simple formula does not show the true structure of the 
ion, which is [B 2 (0 2 )2(0H) 4 ] 2_ (Figure 13.3). The peroxoborate ion is pre¬ 
pared by the reaction of hydrogen peroxide with borax in base: 

[B 4 0 5 (0H) 4 ] 2 "(« ? ) + 4 U 2 0 2 (aq) + 2 OH ~(aq) -h> 

2 [B 2 (0 2 ) 2 (0H) 4 ] 2 -H) + 3 H 2 O(0 



FIGURE 13.2 Actual structure 
of the borate ion in borax. 



FIGURE 13.3 Structure of the 
peroxoborate ion. 
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This ion acts as an oxidizing agent as a result of the two peroxo groups 
(—O—O—) linking the boron atoms. About 5 X 10 5 tonnes of sodium 
peroxoborate are produced every year for European detergent manufacturing 
companies. It is a particularly effective oxidizing (bleaching) agent at the water 
temperatures used in European washing machines (90°C), but it is ineffective 
at the water temperatures usually used in North American washing machines 
(70°C). In North America, hypochlorites (see Chapter 17, Section 17.9) are 
used instead. 

Boron is a vital component of nuclear power plants because it is a strong 
absorber of neutrons. Boron-containing control rods are lowered into reactors 
to maintain the nuclear reaction at a steady rate. Borates are used as wood 
preservatives, as a fire retardant in fabrics, and as a flux in soldering. In this 
last application, the borates melt on the hot pipe surface and react with metal 
oxide coatings, such as copper(II) oxide on copper pipes. The metal borates 
(such as copper(II) borate) can be easily removed to give a clean metal surface 
for the soldering. 


13.3 Borides 


Boron forms a large number of binary compounds. These compounds are all 
very hard, high melting, and chemically resistant, and they have become of in¬ 
creasing importance as materials that can be used for such purposes as rocket 
nose cones. Elowever, the stoichiometry of these compounds is far from simple. 
The most important of the compounds is boron carbide, which has the empiri¬ 
cal formula B 4 C. Even though by name it is a carbide, the structure is boron 
based. The structure is better represented as B 12 C 3 because it consists of B 12 
icosahedra, as in the element itself, with carbon atoms linking all the neighbor¬ 
ing icosahedra. One preparative method is the reduction of diboron trioxide 
with carbon: 

2 B 2 0 3 (s) + 7 C(s) B 4 C(s) + 6 CO(g) 

Boron carbide is one of the hardest substances known. Its fibers have enor¬ 
mous tensile strength and are used in bulletproof clothing. High-density boron 
carbide armor tiles are placed under the seats of Apache attack helicopters, 
protecting the occupants from ground fire. A more common use is in some 
lightweight high-performance bicycle frames, where boron carbide is embed¬ 
ded in an aluminum matrix. Boron carbide is also used as a starting material 
for preparing other tough materials such as titanium boride: 

2 Ti0 2 (s) + B 4 C(s) + 3 C(s) 2 TiB 2 (s) + 4 CO(g) 

Titanium boride belongs to a different class of borides. These borides con¬ 
sist of hexagonal layers of boron ions isoelectronic and isostructural with the 
graphite allotrope of carbon. The metal ions are located between the boride 
layers. Each boron atom has a -1 charge, and the stoichiometry of this class of 
borides corresponds to metals in their 2+ oxidation state. 
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Inorganic Fibers 


I n our everyday lives, the fibers we encounter are usu¬ 
ally organic, for example, nylon and polyester. These 
materials are fine for clothing and similar purposes, but 
most organic fibers have the disadvantages of low melt¬ 
ing points, flammability, and low strengths. For materials 
that are strong and unaffected by high temperatures, in¬ 
organic materials fit the specifications best. Some inor¬ 
ganic fibers are well known, for example, asbestos and 
fiberglass. 

However, it is the elements boron, carbon, and silicon 
that currently provide some of the toughest materials 
for our high-technology world. Carbon fiber is the most 
widely used—not just for tennis rackets and fishing rods 
but for aircraft parts as well. The Boeing 767 was the first 
commercial plane to make significant use of carbon fiber; 
in fact, about 1 tonne is incorporated into the structure of 
each aircraft. Aircraft constructed with newer technology, 


such as the Airbus 340, contain a much higher proportion 
of carbon fibers. 

Fibers of boron and silicon carbide, SiC, are becom¬ 
ing increasingly important in the search for tougher, less 
fatigue-prone materials. The boron fibers are prepared 
by reducing boron trichloride with hydrogen gas at about 
1200°C: 

2 BC1 3 (g) + 3 H 2 (g) ->2 B(g) + 6 HCl(g) 

The gaseous boron can then be condensed onto carbon 
or tungsten microfibers. For example, boron is deposited 
onto tungsten fibers of 15 pm until the diameters of the 
coated fibers are about 100 pm. The typical inorganic fiber 
prices are several hundred dollars per kilogram, so even 
though production of each type is mostly in the range of 
hundreds of tonnes, inorganic fiber production is already a 
billion-dollar business. 


Another of the hexagonal layer borides is magnesium boride, MgB 2 . This 
compound is very inexpensive and readily available, yet it was only in 2001 
that it was accidentally discovered to be superconducting at low temperatures. 
Magnesium boride retains its superconductivity up to 39 K, the highest value 
for a simple (and inexpensive) compound. Research is ongoing to see if there 
are any close relatives of magnesium boride that exhibit superconductivity to 
much higher temperatures. 


13.4 Boranes 


Boron is second only to carbon in the number of hydrides that it forms. Over 
50 neutral boranes, B fl H m , and an even larger number of borane anions, 
B n U m x ~ ", are known. There are three reasons why the chemistry of boranes is 
important. 

1. The shapes of borane molecules are different from those of other 
hydrides. 

2. The bonding in boranes has required the expansion of molecular orbital 
theory. 

3. The reaction chemistry of the boranes has interesting parallels to, and 
differences from, organic chemistry. 

Structures of Boranes 

The simplest borane is B 2 H 6 (Figure 13.4). As can be seen from the figure, one 
of the most unique aspects of borane chemistry is that hydrogen atoms often 


C^'YfO 

FIGURE 13.4 Structure of 
diborane, B 2 H 6 . The boron atoms 
are blue. 
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FIGURE 13.5 Structure of 

[B 6 H 6 ] 2 -. 


act as bridges between neighboring boron atoms. Also, the boron atoms often 
form triangular units. Any polyhedron containing triangular faces (such as an 
octahedron) is generically known as a deltahedron. There are three common 
classes of boranes and borane anions: 

1. The closo- cluster, where the boron atoms form a closed deltahedral cage. The 
generic formula is [B„H„] 2 ~, for example, [B 6 H 6 ] 2- (Figure 13.5). 

2. The /r/do-cluster, an open cage cluster derived from a closed deltahedron 
with one boron atom missing. The common generic formulas are B„H(„ +4 ) or 
[B„H ( „ +3) ]“, for example, B 2 H 6 , B 5 H 9 (Figure 13.6) and [B 5 H 8 ]~. 

3. The arachno- cluster, an open cage cluster derived from a closed delta¬ 
hedron with two boron atoms missing. The common generic formulas are 
B„H(„ +6) or [B„H(„ + 5 )] _ , for example, B 4 H 10 (Figure 13.7) and [B 4 H 9 ] _ . 



FIGURE 13.7 Structure of B 4 H 10 . 


FIGURE 13.6 Structure of B 5 H 9 . 


All of the compounds have positive A Gf values; that is, they are thermo¬ 
dynamically unstable with respect to decomposition into their constituent 
elements. To name a borane, the numbers of boron atoms are indicated by the 
normal prefixes, while the numbers of hydrogen atoms are denoted by Arabic 
numbers in parentheses. Hence, B 4 H 10 is called tetraborane(lO) and B 5 H 9 is 
pentaborane(9). 

Bonding in Boranes 

The discovery that the simplest borane had the molecular formula B 2 H 6 (not 
BH 3 ) proved to be a major headache for inorganic chemists. How could the 
bonding be explained? Traditionally, a hydrogen atom was believed to form 
only one covalent bond. In fact, as can be seen from the structure in Figure 13.4, 
two hydrogen atoms link, or bridge, the pair of boron atoms. The utilization of 
hydrogen atoms as bridges means that one electron pair can satisfy the bond¬ 
ing requirements of two boron atoms. Each terminal hydrogen atom forms a 



FIGURE 13.5 Structure of 

[B 6 H 6 ] 2 -. 
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normal two-electron bond with a boron atom. Each boron atom then has one 
electron left, and this is paired with the electron of one of the bridging hydro¬ 
gen atoms (Figure 13.8). 

The shape of the molecule can be described as approximately tetrahedral 
around each boron atom, with the bridging hydrogen atoms in what are some¬ 
times called “banana bonds.” The hydridic bonds behave like weak covalent 
bonds (Figure 13.9). 

The bonding in a diborane molecule can be described in terms of hybrid¬ 
ization concepts. According to these concepts, the four bonds, separated by 
almost equal angles, would correspond to sp 3 hybridization. Three of the four 
hybrid orbitals will contain single electrons from the boron atom. Two of 
these half-filled orbitals would then be involved in bonding with the terminal 
hydrogen atoms. This arrangement would leave one empty and one half-filled 
hybrid orbital. 

To explain how we make up the eight electrons in the sp 3 orbital set, 
we consider that the single half-filled hybrid sp 3 orbitals of the two borons 
overlap with each other and with the Is orbital of a bridging hydrogen atom 
at the same time. This arrangement will result in a single orbital that en¬ 
compasses all three atoms (a three-center bond). This orbital is capable of 
containing two electrons (Figure 13.10). An identical arrangement forms 
the other B—H—B bridge. The bonding electron distribution of diborane 
is shown in Figure 13.11. 

Alternatively, we can consider the molecular orbital explanation. The 
detailed molecular orbital diagram for this eight-atom molecule is complex. 
Although molecular orbitals relate to the molecule as a whole, it is some¬ 
times possible to identify molecular orbitals that are involved primarily in 
one particular bond. In this case, we find that the mixing of the orbital wave 
functions of the atoms in each bridge bond results in the formation of three 
molecular orbitals. When we compare the energies of the atomic orbitals 
with those of the molecular orbitals, we find that one molecular orbital is 
lower in energy (a bonding), one is higher in energy (a antibonding), and 
the third has an energy level equivalent to the mean energy of the three 
component atomic orbitals (a nonbonding). 

The bridging hydrogen atom contributes one electron, and each boron 
atom contributes one-half electron. This arrangement fills the bonding orbital 
between the three atoms (Figure 13.12). Because there is one bonding orbital 
shared between two pairs of atoms, the bond order for each B—H component 
must be \. The same arguments apply to the other bridge. From bond energy 
measurements, we do indeed find each B—H bridging bond to be about half 
the strength of a terminal B—H bond, although it is still in the energy range of 
a true covalent bond, unlike the much weaker protonic bridges in hydrogen- 
bonded molecules. Of equal importance, the set of molecular orbitals shows 
that the structure makes maximum use of the few boron electrons. The pres¬ 
ence of more electrons would not strengthen the bond because these electrons 
would enter nonbonding molecular orbitals. 


H . H . H 
' B B' 

H H ' H 

FIGURE 13.8 Electron-pair 
arrangement in diborane, B 2 H 6 . 



H 

H 



y H 


FIGURE 13.9 Geometry of the 
diborane molecule. 



FIGURE 13.10 Overlap of the 
sp 5 hybrid orbitals of the two 
boron atoms with Is orbital of the 
bridging hydrogen atom. 


H-*' 

FIGURE 13.11 The electron 
pairing that is consistent with 
sp 3 hybridization for each boron 
atom and with the two-electron, 
three-atom B—H—B bridging 
bonds. The electrons contributed 
by the hydrogen atoms are the 
open half-headed arrows. 


Molecular 

orbitals 


O-NB 

11 

a 

FIGURE 13.12 The molecular 
orbitals that are involved in the 
hydridic bridge. 
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Boron Neutron Capture Therapy 


O ne of the many avenues under investigation for 
fighting cancer is boron neutron capture therapy 
(BNCT). The fundamental principle of this therapy is 
to have a radioactive source selectively within malig¬ 
nant cells. The radiation would then destroy only those 
cells, leaving healthy cells untouched. This approach is 
of particular interest in the context of inoperable brain 
tumors or as a means of killing any tiny clusters of tumor 
cells that remain following surgical removal of the main 
tumor. BNCT is a simple and promising concept but dif¬ 
ficult to turn into reality. 

In the 1950s boron was proposed as the key element 
in BNCT. A stable boron compound would be infiltrated 
into a tumor and irradiated with neutrons, converting it 


whatever molecules they encounter. About 1 billion boron 
atoms would be enough to completely destroy the cell. 

And this is the challenge: to deliver high concentra¬ 
tions of a boron compound specifically to malignant cells. 
Early medical research used borate ion, but this proved 
ineffective. Progress in boron hydride chemistry was 
the breakthrough. The new boron hydrides have a high 
boron content, are kinetically stable, and can be linked 
to organic units. 

One of the simplest “second-generation” ions was 
(B 12 H n SH) 2 “ (Figure 13.13), commonly called BSH. 
This was the first family of boron species that showed 
a significantly greater boron concentration in the tumor 
compared to that in the blood. The third generation of 


Some effective neutron cross-sectional areas 

Isotope 

Hydrogen-1 

Boron-10 

Carbon-12 

Nitrogen-14 

Oxygen-16 

Neutron cross section (barn) 

0.3 

3.8 x 10 3 

3.4 X 1CT 3 

1.8 

1.8 x lcr 4 


to a radioactive isotope, and then the radiation would de¬ 
stroy the malignant cell. Why boron? is an obvious ques¬ 
tion. The answer relates to nuclear chemistry. The ability 
of an atomic nucleus to capture a particle depends not on 
the size of the nucleus but on the nuclear structure. Thus, 
each nucleus is assigned an effective cross-sectional area; 
that is, the larger the effective cross-sectional area, the 
easier it is for a neutron to impact the nucleus. The area 
is expressed in units of barns, where 1 barn = 1CT 24 cm 2 . 
Boron-10 (with odd numbers of protons and neutrons) 
has an exceptionally large effective cross-sectional area, 
whereas the cross-sectional areas of hydrogen, carbon, and 
nitrogen, the major components of cells, are quite small 
(Table 13.3). For that reason, boron is an ideal target. 

When a neutron impacts a boron-10 nucleus, boron-11 
is initially formed: 


!B + In n 5 B 


This species is radioactive, with a very short lifetime, fission¬ 
ing to helium-4 and lithium-7 with the release of energy: 


sB 


lu + iHe 


This fission energy is enough to propel the two particles 
about one cell width in opposite directions, damaging 


compounds, currently under development, has four cage- 
type boranes linked to one large organic molecule and 
shows even more promise. Nevertheless, many more 
years of research are needed before BNCT becomes a 
simple, safe means of fighting small nests of malignant 
cells that cannot be destroyed by any other means. 



FIGURE 13.13 Structure of the (B 12 HnSH) 2 ion. 
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Synthesis and Reactions of Boranes 

About 200 tonnes of diborane are produced each year. The industrial synthesis 
is accomplished by the reaction of boron trifluoride with sodium hydride to 
produce toxic, colorless diborane: 

2BF 3 (g) + 6 NaH(s) —> B 2 H 6 (g) + 6 NaF(s) 

The boranes possess partially negatively charged hydrogen atoms because of 
the low electronegativity of boron. This reversed polarity of the bond results 
in a high chemical reactivity for these compounds. For example, diborane, like 
most of the neutral boranes, catches fire in air and explodes when mixed with 
pure dioxygen. The extremely exothermic reaction produces diboron trioxide 
and steam: 

B 2 H 6 (g) + 3 0 2 (g) —» B 2 0 3 + 3 H 2 0(g) 

Reaction with water to give boric acid (sometimes written as B(OH) 3 ) and 
hydrogen is also very exothermic: 

B 2 H 6 (g) + 6 H 2 0(/) —> 2 H 3 B0 3 (aq) + 3 H 2 0(/) 

Most of the other boranes are synthesized from diborane. For example, 
tetraborane(lO) is formed from the condensation of two diborane mol¬ 
ecules, then pentaborane(ll) is formed by reaction with another molecule 
of diborane: 

2 B 2 H 6 (g) B 4 H 10 (g) + H 2 (g) 

B 4 H 10 (g) + B 2 H 6 (g) —>2 B 5 H n (g) + 2 H 2 (g) 

Diborane is an important reagent in organic chemistry. The gas reacts with 
unsaturated hydrocarbons (those containing double or triple carbon-carbon 
bonds) to form alkylboranes. For example, diborane reacts with propene: 

B 2 H 6 (g) + 6CH 2 =CHCH 3 (g)^2B(CH 2 CH 2 CH 3 ) 3 (/) 

The product of this hydroboration reaction can be reacted with a carboxylic 
acid to give a saturated hydrocarbon, with hydrogen peroxide to give an alcohol, 
or with chromic acid to give a ketone or a carboxylic acid. Hydroboration is a 
favored route of organic synthesis for two reasons: the initial hydride addition 
is accomplished under very mild conditions, and a wide variety of final products 
is possible (depending on the other reagent used). 

The Tetrahydridoborate Ion 

The only other species of boron used on a large scale is the tetrahydridoborate 
ion, BH 4 ~. By contrast to the highly reactive neutral boranes, this anion can 
even be recrystallized from cold water as the sodium salt. The crystal structure 
of sodium tetrahydridoborate is interesting because it adopts the sodium chlo¬ 
ride structure, with the whole BH 4 ion occupying the same sites as the chloride 
ion does. Sodium tetrahydridoborate is of major importance as a mild reducing 
agent, particularly in organic chemistry, where it is used to reduce aldehydes 
to primary alcohols and ketones to secondary alcohols without reducing other 
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functional groups such as carboxylic groups. The reaction of diborane with 
sodium hydride is used to produce sodium tetrahydridoborate: 

2 NaH (s) + B 2 H 6 (g) 2 NaBH 4 (s) 


13.5 Boron Halides 


The two halides of interest are boron trifluoride and boron trichloride. Boron 
trifluoride is relevant in the context of bonding; in fact, it is the prototypical 
Lewis acid. Boron trichloride illustrates the high chemical reactivity of most 
nonmetal chlorides compared to ionic chlorides. 



FIGURE 13.14 Proposed 
tt bonding in boron trifluoride, 
involving the full p orbitals 
(shaded) on the fluorine atoms 
and the empty p z orbital on the 
boron atom. 


Boron Trifluoride 

Boron has only three valence electrons, so any boron compound that has sim¬ 
ple covalent bonding will be electron deficient with respect to the octet rule. 
Thus, we saw that the simplest boron hydride dimerizes to give B 2 H 6 , in which 
there are two hydridic bridge bonds. Boron trifluoride, however, does not di¬ 
merize: it remains as the simple trigonal planar compound BF 3 . A study of the 
molecule shows that the boron-fluorine bond energy is extremely high (613 
kJ*mol _1 ).This bond energy is far higher than that for any conventional single 
bond; for example, the carbon-fluorine bond energy is 485 kJ*mol _1 . 

To explain the surprising stability of the electron-deficient molecule and 
the strong covalent bond, tt bonding as well as a bonding is postulated to 
exist in the compound. The boron atom has an empty 2 p z orbital at right angles 
to the three a bonds with the fluorine atoms. Each fluorine atom has a full 2 p 
orbital parallel to the boron 2 p z orbital. A delocalized tt system involving the 
empty p orbital on the boron and one full p orbital on each of the fluorine atoms 
can be formed (Figure 13.14). 

Experimental evidence supports this explanation: when boron trifluoride 
reacts with a fluoride ion to form the tetrahedral tetrafluoroborate ion, BF 4 _ , the 
B—F bond length increases from 130 pm in boron trifluoride to 145 pm in the 
tetrafluoroborate ion. This lengthening would be expected because the 2s and 
three 2 p orbitals of the boron in the tetrafluoroborate ion are used to form four 
a bonds. Hence, there are no orbitals available for tt bonding in the tetrafluoro¬ 
borate ion, and so the B—F bond in this ion would be a “pure” single bond. 

By using the vacant 2 p z orbital, boron trifluoride can behave as a powerful 
Lewis acid. The classic illustration of this behavior is the reaction between 
boron trifluoride and ammonia, where the nitrogen lone pair acts as the electron 
pair donor (see Chapter 7, Section 7.6): 

BF 3 (g) + :NH 3 (g) —> F 3 B:NH 3 (5') 

About 4000 tonnes of boron trifluoride is used industrially in the United States 
every year as both a Lewis acid and a catalyst in organic reactions. 


Boron Trichloride 

As we cross the periodic table, the chloride of boron is the first chloride we 
encounter that exists as small covalently bonded molecules. As such, it is quite 
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typical. Ionic chlorides are solids that dissolve in water to form hydrated cations 
and anions. However, the typical small-molecule covalent chloride is a gas or 
liquid at room temperature and reacts violently with water. For example, bub¬ 
bling boron trichloride (a gas above 12°C) into water produces boric acid and 
hydrochloric acid: 

BCl 3 (g) + 3 H 2 0(/) ^H 3 B0 3 (^) + 3 HCl(^) 

We can predict the products of these reactions in terms of the relative elec¬ 
tronegativities of the two atoms. In this case, the electronegativity of chlorine 
is much greater than that of boron. Hence, as a water molecule approaches 
the boron trichloride molecule, we can picture the partially positive hydro¬ 
gen being attracted to the partially negative chlorine atom, while the partially 
negative oxygen atom is attracted to the partially positive boron atom (Figure 
13.15). A bond shift occurs, and one chlorine atom is replaced by a hydroxyl 
group. When this process happens two more times, the result is boric acid. 


8 — 


8- 

Cl 

C1 \ 5+ 8- 

8- Ij 

B — Cl 

—> Cl—B 

8-/ 

Cl 


Cl 


13.6 Aluminum 


8- 8+ 

8- 

Cl\ * 

\ 8+ 

8- 

-O H 

B — 

O 

Jj8+ 

8-/ 

Cl 

\ 8+ 

H 

-H 

8- 

8+ 


C1— 

H 


FIGURE 13.15 First step of 
the postulated mechanism for 
hydrolysis of boron trichloride. 


Because aluminum is a metal with a high negative standard reduction poten¬ 
tial, it might be expected to be very reactive. This is indeed the case. Why, then, 
can aluminum be used as an everyday metal rather than consigned to the 
chemistry laboratory like sodium? The answer is found in its reaction with 
oxygen gas. Any exposed surface of aluminum metal rapidly reacts with 
dioxygen to form aluminum oxide, A1 2 0 3 . An impermeable oxide layer, 
between 1CT 4 and 1CT 6 mm thick, then protects the layers of aluminum 
atoms underneath. This can happen because the oxide ion has an ionic radius 
(124 pm) similar to the metallic radius of the aluminum atom (143 pm). As a 
result, the surface packing is almost unchanged because the small aluminum 
ions (68 pm) fit into interstices in the oxide surface structure. The process is 
shown in Figure 13.16. 

To increase their corrosion resistance, aluminum products are anodized. 

In other words, the aluminum product is used as the anode in an electro¬ 
chemical cell, and additional aluminum oxide is deposited as an electrolytic 
product over the naturally formed layers. This anodized aluminum possesses 
an oxide layer about 0.01 mm thick, and this very thick oxide coating has the 
useful property of absorbing dyes and pigments so that a colored surface 
can be produced. 

The particular attraction of aluminum as a construction metal is its low 
density (2.7 g*cm -3 ), second only to that of magnesium (1.7 g*cm -3 )—disregarding 
the very reactive alkali metals. For instance, compare the density of aluminum 



FIGURE 13.16 Formation of a 
single oxide layer on the surface 
of aluminum metal. The small 
aluminum 3+ ions are indicated 
by the solid circles. 
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with that of either iron (7.9 g*cnT 3 ) or gold (19.3 g*cm -3 ). Aluminum is a 
good conductor of heat, a property accounting for its role in cookware. It is 
not as good as copper, however. To spread heat more evenly from the electri¬ 
cal element (or gas flame), higher-priced pans have a copper-coated bottom. 
Aluminum also is exceptional as a conductor of electricity, hence its major role 
in electric power lines and home wiring. The major problem with using aluminum 
wiring occurs at the connections. If aluminum is joined to an electrochemically 
dissimilar metal, such as copper, an electrochemical cell will be established under 
damp conditions. This development causes oxidation (corrosion) of the aluminum. 
For this reason, use of aluminum in home wiring is now discouraged. 


Chemical Properties of Aluminum 

Like other powdered metals, aluminum powder will burn in a flame to give a 
dust cloud of aluminum oxide: 


4 A\(s) + 3 0 2 (g) —>2 A1 2 0 3 (s) 

and aluminum will burn very exothermically with halogens, such as dichlorine: 



2 Al(s) + 3 Cl 2 (g) ->2 A1C1 3 (j) 

Aluminum, like beryllium, is an amphoteric metal, reacting with both acid and 
base: 

2 Al(s) + 6 H + (aq) ->2 Al 3+ (aq) + 3 H 2 (g) 

2 Al(s) + 2 OH ~(aq) + 6 H 2 0(/) ->2 [Al(OH) 4 ]"(ag) + 3 H 2 (g) 


V In aqueous solution, the aluminum ion is present as the hexaaquaaluminum 

^ ion, [Al(OH 2 ) 6 ] 3+ , but it undergoes a hydrolysis reaction to give a solution of 
the pentaaquahydroxoaluminum ion, [Al(OH 2 ) 5 (OH)] 2+ , and the hydronium 
ion, and then to the tetraaquadihydroxoaluminum ion: 

[Al(OH 2 ) 6 ] 3+ (« ? ) + H 2 O(0 — [Al(OH 2 ) 5 (OH)] 2+ (aq) + H 3 0>$) 

[Al(OH 2 ) 5 (OH)] 2+ (ag) + H 2 0(Z) — [Al(OH 2 ) 4 (OH) 2 ] + (ag) + H 3 0 + (a<?) 


Thus, solutions of aluminum salts are acidic, with almost the same acid ioniza¬ 
tion constant as ethanoic (acetic) acid. The mixture in antiperspirants com¬ 
monly called aluminum chlorhydrate is, in fact, a mixture of the chloride salts 
of these two hydroxo ions. It is the aluminum ion in these compounds that acts 
to constrict pores on the surface of the skin. 

Addition of hydroxide ion to aluminum ion first gives a gelatinous precipitate 
of aluminum hydroxide, but this product redissolves in excess hydroxide ion to 
give the aluminate ion (more precisely called the tetrahydroxoaluminate ion): 

[Al(OH 2 ) 6 ] 3+ (ag) Al(OH) 3 (s) [A1(OH) 4 ]-(o$) 


As a result, aluminum 3+ is soluble at low and high pH’s but insoluble under 
neutral conditions (Figure 13.17). Aluminum hydroxide is used in a number of 
antacid formulations. Like other antacids, the compound is an insoluble base 
that will neutralize excess stomach acid: 


A1(OH) 3 (s) + 3H + (^)^A1 3+ (a^) + 3H 2 0(/) 




13.6 Aluminum 


303 



-t -1——i--1- 

0 2 4 6 8 10 12 
pH 


As we discussed in Chapter 9, Section 9.5, much of aluminum chemistry resembles 
that of scandium more than it does the lower members of Group 13. 

The Industrial Extraction of Aluminum 

The discovery of an electrolytic reduction method by the French chemist Henri 
Sainte-Claire Deville and the decreasing cost of electricity caused the price of 
metallic aluminum to drop dramatically in the late nineteenth century. How¬ 
ever, the production of the metal on a large scale required a method that would 
use an inexpensive, readily available ore. This route was found independently 
in 1886 by two young chemists: one in France, Paul Heroult, and one in the 
United States, Charles Hall. Hence, the process is known as the Hall-Heroult 
process. Charles was assisted by his sister, Julia, who kept detailed notes of the 
experiments, though it is now known that she played a quite minor role in the 
discovery. 

Aluminum is the most abundant metal in the Earth’s crust, mostly in the 
form of clays. To this day, there is no economical route for the extraction of 
aluminum from clay. However, in hot, humid environments, the more soluble 
ions are leached from the clay structure to leave the ore bauxite (impure hy¬ 
drated aluminum oxide). Thus, the countries producing bauxite are mainly 
those near the equator, Australia being the largest source, followed by Guinea, 
Brazil, Jamaica, and Suriname. 

The first step in the extraction process is the purification of bauxite. This 
step is accomplished by digesting (heating and dissolving) the crushed ore with 
hot sodium hydroxide solution to give the soluble aluminate ion: 

A1 2 0 3 (.s') + 2 + 3 H 2 0(/) ->2 [Al(OH) 4 ]"(a$) 

The insoluble materials, particularly iron(III) oxide, are filtered off as “red 
mud.” As we discussed in Chapter 9, Section 9.5, iron(III) ion and aluminum ion 
have many similarities, but they differ in that aluminum is amphoteric, reacting 
with hydroxide ion, whereas iron(III) oxide does not react with hydroxide ion. 


FIGURE 13.17 Aluminum ion 
solubility as a function of pH. 
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On cooling, the equilibrium in the solution shifts to the left, and white aluminum 
oxide trihydrate precipitates, leaving soluble impurities in solution: 

2 [Al(0H) 4 ]"(a9)->Al 2 0 3 -3H 2 0(j) + 2 OH ~(aq) 

The hydrate is heated strongly in a rotary kiln (similar to that used in cement 
production) to give anhydrous aluminum oxide: 

A1 2 0 3 -3H 2 0(s) A1 2 0 3 (s) + 3 H z O(g) 

With its high ion charges, aluminum oxide has a very large lattice energy and 
hence a high melting point (2040°C). However, to electrolyze the aluminum 
oxide, it was necessary to find an aluminum compound with a much lower 
melting point. Hall and Heroult simultaneously announced the discovery of 
this lower-melting-point aluminum compound, the mineral cryolite, whose 
chemical name is sodium hexafluoroaluminate, Na 3 AlF 6 . 

There are few naturally occurring deposits of this mineral; Greenland has 
the largest deposit. As a result of its rarity, almost all cryolite is manufactured. 
This in itself is an interesting process, because the starting point is usually a 
waste material, silicon tetrafluoride, SiF 4 , which is produced in the synthesis of 
hydrogen fluoride. Silicon tetrafluoride gas reacts with water to give insoluble 
silicon dioxide and a solution of hexafluorosilicic acid, H 2 SiF 6 , a relatively safe 
fluorine-containing compound: 

3 SiF 4 (g) + 2 H 2 0(/) ^2 H 2 SiF 6 (^) + Si0 2 (s) 

The acid is then treated with ammonia to give ammonium fluoride: 

H 2 SiF 6 (aq) + 6 NH 3 (aq) + 2 H 2 0(Z) —► 6 NH 4 F(^) + Si0 2 (s) 

Finally, the ammonium fluoride solution is mixed with a solution of sodium 
aluminate to give the cryolite and ammonia, which can be recycled: 

6NH 4 F(^) + Na[Al(OH) 4 ](<i0) + 2NaOH(^)-> 

Na 3 AlF 6 (s) + 6 NH 3 (^) + 6 H 2 0(Z) 

The detailed chemistry that occurs in the electrolytic cell is still poorly under¬ 
stood, but the cryolite acts as the electrolyte (Figure 13.18).The aluminum oxide 
is dissolved in molten cryolite at about 950°C. Molten aluminum is produced at 
the cathode, and the oxygen that is produced at the anode oxidizes the carbon 
to carbon monoxide (and some carbon dioxide): 

A1 3+ (Na 3 AlF 6 ) + 3e“ -> A1 (/) 

O 2 ~(Na 3 AlF 6 ) + C(s) —» CO(g) + 2e“ 

About 25 percent of the output of aluminum metal is used in the construc¬ 
tion industry, and lesser proportions are used to manufacture aircraft, buses, 
and railroad passenger cars (18 percent), containers and packaging (17 per¬ 
cent), and electric power lines (14 percent). Aluminum is becoming increasingly 
favored for automobile construction. With its lower density, fuel consumption 
for the same-size vehicle is reduced significantly. For example, each tonne of 
steel replaced by a tonne of aluminum decreases the carbon dioxide emissions 
by 20 tonnes over the life of the vehicle. In 1960, the average North American 
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FIGURE 13.18 Electrolytic cell 
for aluminum production. 


vehicle contained about 2.5 kg of aluminum, while in 2009, the figure was about 
200 kg. 

Environmental Issues of Aluminum Production 

Aluminum production yields four by-products that create major pollution 
problems: 

1. Red mud, which is produced from the bauxite purification and is highly 
basic 

2. Hydrogen fluoride gas, which is produced when cryolite reacts with traces 
of moisture in the aluminum oxide 

3. Oxides of carbon, which are produced at the anode 

4. Fluorocarbons, which are produced by reaction of fluorine with the carbon 
anode 

To reduce the red mud disposal problem, the slurry is poured into settling 
tanks, from which the liquid component, mainly sodium hydroxide solution, 
is removed and recycled or neutralized. The solid, mostly iron(III) oxide, can 
then be used as landfill or shipped to iron smelters for extraction of the iron. 

The problem of what to do with the emissions of hydrogen fluoride gas has 
been solved to a large extent by absorbing the hydrogen fluoride in a filter bed 
of aluminum oxide. The product of this process is aluminum fluoride: 

A1 2 0 3 (s) + 6 HF(g) —» 2 A1F 3 (s) + 3 H 2 0(g) 

This fluoride can be added periodically to the melt, thereby recycling the hydrogen 
fluoride. 

A partial solution to the problem of disposing of the large volumes of the 
oxides of carbon that are produced is to burn the poisonous carbon monoxide, 
a process giving carbon dioxide and providing some of the heat required to 
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operate the aluminum plant. However, the electrolytic method inevitably 
produces these two gases, and until an alternative, economical process is 
devised, aluminum production will continue to contribute carbon dioxide to 
the atmosphere. 

For each tonne of aluminum, about 1 kg of tetrafluoromethane, CF 4 , and 
about 0.1 kg of hexafluoroethane, C 2 F 6 , are produced. These compounds are 
significant greenhouse gases. The fluorocarbon problem has not yet been 
solved, and it is the focus of a major research effort by aluminum companies. 
One advance has been the addition of lithium carbonate to the molten mixture 
in the electrolytic cell. The presence of lithium carbonate lowers the melting 
point of the mixture, resulting in a higher current and hence a more efficient 
cell. At the same time, the presence of the compound reduces fluorine emis¬ 
sions by 25 to 50 percent, thus reducing the production of fluorocarbons. 

Fluorosilicic acid is another by-product of the electrolysis process. Until re¬ 
cently, there was little use for this very weak acid. Now, however, it has become 
a favored source of fluoride ion in the fluoridation of domestic water supplies 
(see Chapter 17, Section 17.2). At the 1 ppm concentrations in the water sup¬ 
ply, the hexafluorosilicate ion will be predominantly hydrolyzed to silicic acid, 
hydronium ion, and fluoride ion: 

[SiF 6 ] 2- (ag) + 8 H 2 O(0 — H 4 SiO A (aq) + 4 H s O + (aq) + 6 F ~(aq) 

The process is very energy intensive, requiring currents of about 3.5 X 10 4 A 
at 6 V. In fact, about 25 percent of the cost of aluminum metal is derived from 
its energy consumption. The production of 1 kg of aluminum consumes about 
2 kg of aluminum oxide, 0.6 kg of anodic carbon, 0.1 kg of cryolite, and 16 kWh 
of electricity. The large energy requirement of the production process favors 
those countries with inexpensive energy sources. Thus, Canada and Norway, 
neither of which is a bauxite producer or large aluminum consumer, make the 
top five of aluminum metal producers. Both countries have low-cost hydro¬ 
electric power and deep-water ports favoring easy import of ore and export of 
aluminum metal. The bulk of the value added to the material comes through 
the processing steps. Even though the developed world relies heavily on devel¬ 
oping countries for the raw material, the latter receive comparatively little in 
the way of income from the mining phase. 

Aluminum recycling is crucial to the increased use of aluminum. The re¬ 
cycling process uses only a small fraction of the energy needed to extract alu¬ 
minum from its ore. Recycling also avoids the environmental problems of the 
smelting process. Thus, of all the metals, aluminum reclamation is probably the 
most important for the environment. 


13.7 Aluminum Halides 


The aluminum halides constitute an interesting series of compounds: aluminum 
fluoride melts at 1290°C, aluminum chloride sublimes at 180°C, and aluminum 
bromide and iodide melt at 97.5°C and 190°C, respectively. Thus, the fluoride 
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has the characteristic high melting point of an ionic compound, whereas 
the melting points of the bromide and iodide are typical of small-molecule 
covalent compounds. The aluminum ion has a charge density of 364 C*mm~ 3 , 
so we expect all anions, except the small fluoride ion, to be polarized to the 
point of covalent bond formation with aluminum. In fact, aluminum fluoride 
does have a typically ionic crystal structure with arrays of alternating cations 
and anions. The bromide and iodide both exist as covalently bonded dimers, 
Al 2 Br 6 and A1 2 I 6 , analogous to diborane, with two bridging halogen atoms 
(Figure 13.19). 

The chloride forms an ionic-type lattice structure in the solid, which col¬ 
lapses in the liquid phase to give molecular A1 2 C1 6 dimers. Thus, the ionic and 
covalent forms must be almost equal in energy. These dimers are also formed 
when solid aluminum chloride is dissolved in low-polarity solvents. 

Even though anhydrous aluminum chloride appears to adopt an ionic 
structure in the solid phase, its reactions are more typical of a covalent chloride. 
This covalent behavior is particularly apparent in the solution processes of 
the anhydrous aluminum chloride. As mentioned in the previous section, the 
hexahydrate actually contains the hexaaquaaluminum ion, [Al(OH 2 ) 6 ] 3+ . It 
dissolves quietly in water, although the solution is acidic as a result of hydro¬ 
lysis. Anhydrous aluminum chloride, however, reacts very exothermically with 
water in the typical manner of a covalent chloride, producing a hydrochloric 
acid mist: 



FIGURE 13.19 Structure of 
aluminum iodide. 


A1C1 3 (.s) + 3 H 2 0(/) -> A1(OH) 3 (s) + 3 HCl(g) 

Anhydrous aluminum chloride is an important reagent in organic chemistry. 
In particular, it is used as a catalyst for the substitution of aromatic rings in 
the Friedel-Crafts reaction. The overall reaction can be written as the reaction 
between an aromatic compound, Ar—H, and an organochloro compound, R—Cl. 
The aluminum chloride reacts as a strong Lewis acid with the organochloro 
compound to give the tetrachloroaluminate ion, A1C1 4 ~, and the carbo cation. 
The carbo cation then reacts with the aromatic compound to give the substi¬ 
tuted aromatic compound, Ar—R, and a hydrogen ion. The latter decomposes 
the tetrachloroaluminate ion, regenerating aluminum chloride: 

R—Cl + A1C1 3 ^R + + [AlCLj - 

Ar—H + R + —» Ar—R + H + 

H + + |aici 4 | ->HC1 + A1C1 3 


13.8 Aluminum Potassium Sulfate 


In Chapter 9, Section 9.6, we discussed the family of compounds called the 
alums, M + M 3+ (S0 4 2_ ) 2 T2H 2 0.The compound that gave its name to the series 
is alum, KA1(S0 4 ) 2 *12H 2 0, the only common water-soluble mineral of aluminum. 
As such, it has played an important role in the dyeing industry. To adsorb a 
dye permanently onto cloth, the cloth is first soaked in a solution of alum. 
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A layer of aluminum hydroxide is deposited on the cloth’s surface, to which 
dye molecules readily bond. 

Because of its usefulness, alum has been a valuable import item from Asia 
since the time of the Romans. Alum crystallizes from an equimolar mixture of 
potassium sulfate and aluminum sulfate to give the formulation of KA1(S0 4 )* 
12H 2 0. Alum crystals have very high lattice stability because the sulfate an¬ 
ions are packed between alternating potassium and hexaaquaaluminum ions. 
The compound is sometimes used to stop minor bleeding (such as accidental 
cuts during shaving) because it causes coagulation of proteins on the surface 
of cells without killing the cells themselves. 


13.9 Spinels 



Oxide ion 


FIGURE 13.20 One-eighth of 
the unit cell of the spinel structure 
showing the occupied lattice sites. 
Of the eight "cubelets" shown, the 
upper-left-front cubelet shows 
an occupied tetrahedral cation 
site (zinc sulfide type), whereas 
the other seven cubelets have 
octahedral cation sites (sodium 
chloride type). 


Spinel itself is magnesium aluminum oxide, Mg A1 2 0 4 , but of more importance are 
the enormous number of compounds that adopt the same crystal structure and 
are also called spinels. Many of these compounds have unique properties that will 
make them important in the chemistry of the twenty-first 
century. The general formula of a spinel is AB 2 X 4 , where A is 
usually a dipositive metal ion; B, usually a tripositive metal 
ion; and X, a dinegative anion, usually oxygen. 

The framework of the unit cell of a spinel consists of 32 
oxide ions in an almost perfect cubic close-packed arrange¬ 
ment. Thus, the unit cell composition is actually A 8 B 16 0 32 . 
Figure 13.20 shows one-eighth of the unit cell. The oxide 
ions form a face-centered cubic array, and there are octa¬ 
hedral sites at the center of the cube and in the middle of 
each cube edge and tetrahedral sites in the middle of each 
“cubelet.” In the normal spinel structure, the 8 A cations 
occupy one-eighth of the tetrahedral holes and the 16 B 
cations occupy one-half of the octahedral holes. Thus, the 
unit cell can be considered to consist of “cubelets” of zinc 
sulfide-type tetrahedral units interspersed among “cube- 
lets” of sodium chloride-type octahedral units. 

To indicate site occupancy, we can use the subscripts 
t and o to represent tetrahedral and octahedral cation 
sites; thus, spinel itself is (Mg 2+ ) r (2 Al 3+ ) 0 (0 2 ~) 4 . There 
are some spinels in which the dipositive ions are located 
in the octahedral sites. Because there are twice as many available octahedral 
(B) sites as available tetrahedral (A) sites in the spinel structure, only half 
of the tripositive ions can be placed in tetrahedral sites; the remainder must 
occupy octahedral sites. Such compounds are called inverse spinels. The most 
common example is magnetite, Fe 3 0 4 , or more accurately, Fe 2+ (Fe 3+ ) 2 (0 2_ ) 4 . 
The arrangement here is (Fe 3+ ) ? (Fe 2+ , Fe 3+ ) 0 (0 2- ) 4 . 

We might expect that all spinels would adopt the inverse structure, for the 
tetrahedral holes are smaller than the octahedral holes and the tripositive cations 
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are smaller than the dipositive cations. However, in addition to size factors, we 
have to consider energy factors. Because lattice energy depends on the size of 
the ionic charge, it is the location of the 3 + ion that is responsible for the majority 
of the energy. Lattice energy will be higher when the 3+ ion is an octahedral 
site surrounded by six anions than when it occupies a tetrahedral site and is 
surrounded by only four anions. Nevertheless, the inverse spinel structure is 
preferred by many transition metal ions because the ^-orbital occupancy affects 
the energy preferences, as we will see in Chapter 19, Section 19.8. 

The interest in spinels derives from their unusual electrical and magnetic prop¬ 
erties, particularly those in which the tripositive ion is Fe 3+ . These compounds are 
known as ferrites . For example, it is possible to synthesize a series of compounds 
MFe 2 0 4 , where M is any combination of zinc ions and manganese ions, provided 
the formula Zn x Mn (1 _ JC )Fe 2 0 4 is obeyed. By choosing the appropriate ratio, very 
specific magnetic properties can be obtained for these zinc ferrites. We discuss 
ferrites in more detail in Chapter 20, Section 20.6. 

Even more peculiar is sodium-(3-alumina, NaAl n 0 17 . Although its formula 
does not look like that of a spinel, most of the ions fit the spinel lattice sites. 
The sodium ions, however, are free to roam throughout the structure. It is this 
property that makes the compound so interesting, because its electrical con¬ 
ductivity is very high, and it can act as a solid-phase electrolyte. This type of 
structure offers great potential for low-mass storage batteries. 


13.10 Aluminides 


In the search for new high-performance materials, one new “family” of strong 
but low-density materials has come to prominence: the aluminides. These inter- 
metallic compounds usually have precise stoichiometries and are therefore often 
referred to as compounds, not alloys (though the borderline is very artificial). 
Because the aluminides form a series, for convenience aluminum is always named 
second, even if it is not the more electronegative of the atoms. 

There are four metal aluminides of current interest: magnesium aluminide 
(also called magnalium), having two common stoichiometries, Mg 2 Al 3 and 
Mg 17 Al 12 ; nickel aluminide, Ni 3 Al; tantalum(III) aluminide, TaAl 3 ; and titanium 
aluminide, TiAl. The most important application of these materials is for aircraft 
engines. With weight saving so important in aircraft, finding strong low-density 
materials for aircraft gas turbine blades has become a priority among engine 
manufacturers. Titanium aluminide is not only low density (4 g*cm -3 ) and 
strong but also corrosion resistant, and as a result, it is used for the turbine 
blades of the new Boeing 787 and 747-8 aircraft. 


13.11 Biological Aspects 

The Essentiality of Boron 

Boron is an essential micronutrient in plants. The element is believed to play 
a major role in the synthesis of one of the bases for RNA formation and in 
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Indium compounds have been 
found to be effective against 
sleeping sickness. 


cellular activities, such as carbohydrate synthesis. After zinc, boron is the most 
common soil deficiency worldwide. The class of plants known as dicots have 
much higher boron requirements than monocots. Crops most susceptible to 
boron deficiency and that often require boron supplements are alfalfa, carrot, 
coffee, cotton, peanut, sugar beet, sunflower, rutabaga (swede) and turnip. 
There is growing evidence that boron is an essential element for mammals, 
possibly in bone formation. 

The Toxicity of Aluminum 

Aluminum is the third most abundant element in the lithosphere. Despite 
its ubiquitousness in the environment, it is a highly toxic metal. Fortunately, 
under near-neutral conditions aluminum ion forms insoluble compounds, 
minimizing its bioavailability. Fishes are particularly at risk from aluminum 
toxicity. Research has shown that the damage to fish stocks in acidified lakes is 
not due to the lower pH but to the higher concentrations of aluminum ion in 
the water that result from the lower pH (see Figure 13.17). In fact, an aluminum 
ion concentration of 5 X 1CT 6 moFL -1 is sufficient to kill fish. 

Human tolerance of aluminum is greater, but we should still be particularly 
cautious of aluminum intake. Part of our dietary intake comes from aluminum- 
containing antacids. Tea is high in aluminum ion, but the aluminum ions form inert 
compounds when milk or lemon is added. It is advisable not to inhale the spray 
from aluminum-containing antiperspirants because the metal ion is believed to be 
absorbed easily from the nasal passages directly into the bloodstream. In Chapter 
14, Section 14.22, we will discuss the role of silicon in preventing absorption of 
aluminum. 

Aluminum is the most common metal ion in soils; hence, it is also a con¬ 
cern in 30 to 40 percent of the world’s arable soils, where acid soil releases 
aluminum ions. For some crops, such as corn, it is second only to drought as 
a factor decreasing crop yields—sometimes by as much as 80 percent. The 
aluminum ion enters the plant root cells, inhibiting cell metabolism. Farm¬ 
ers in poorer countries cannot afford the regular application of powdered 
limestone to increase soil pH and immobilize the aluminum as an insoluble 
hydroxo compound. Some plants are naturally resistant to aluminum because 
their roots excrete citric or malic acids into the surrounding soil. These acids 
form complexes with the aluminum ion, preventing it from being absorbed 
into the roots. Genetic engineers are now working on the introduction of citric 
acid-generating genes into important food crop species, which will hopefully 
lead to better crop yields. 

The Hazard of Thallium 

As we mentioned in Chapter 9, Section 9.12, thallium is a highly toxic element 
as thallium(I), its most common form, and mimics potassium in its biochemi¬ 
cal behavior. Thallium is widely distributed in the lithosphere, and it enters 
the environment primarily from coal burning and cement manufacture. In 
the smelting of lead from its ores, thallium is a dangerous by-product. For 
example, in the summer of 2001 at the giant lead and zinc smelter in Trail, 
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British Columbia, Canada, dozens of maintenance workers became ill following 
exposure to thallium dust during the cleaning of the inside of the smelter 
ducts. The company owning the plant also admitted to allowing thallium waste 
to run into the Columbia River. 


13.12 Element Reaction Flowcharts 


Boron and aluminum are the only two Group 13 elements that we have dis¬ 
cussed in depth. 
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KEY IDEAS 


• The +3 oxidation state predominates in this group but 
mostly in covalent compounds. 

• Boron has a unique chemistry, particularly among the 
boranes. 


• Aluminum is a reactive amphoteric metal. 

• The extraction of aluminum is accomplished by an elec¬ 
trical reduction method. 

• Spinels are an important class of minerals. 
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EXERCISES 

13.1 Write balanced chemical equations for the following 
chemical reactions: 

(a) liquid potassium metal with solid aluminum 
chloride 

(b) solid diboron trioxide with ammonia gas at 
high temperature 

(c) aluminum metal with hydroxide ion 

(d) tetraborane, B 4 H 10 , and dioxygen 

13.2 Write balanced chemical equations for the following 
chemical reactions: 

(a) liquid boron tribromide with water 

(b) aluminum metal with hydrogen ion 

(c) thallium(I) hydroxide solution with carbon 
dioxide gas 

13.3 Construct an electron-dot structure for the peroxo- 
borate ion. Thus, deduce the oxidation number of the bridging 
oxygen atoms. 

13.4 Boron carbide has the empirical formula of B 4 C. 
What is a more correct representation of this compound? 
Give your reasoning. 

13.5 The figure below shows the structure of the borane 
anion, B 2 H 7 ~. To which family does this borane belong? 



13.6 The figure below shows the structure of the 
borane anion, B 12 H 12 2_ . To which family does this borane 
belong? 



13.7 From bond energy data, calculate the enthalpy of 
formation of boron trifluoride. What two factors result in 
its particularly high value? 

13.8 From bond energy data, calculate the enthalpy of 
formation of boron trichloride (gaseous). Why is the value 
so different from that of boron trifluoride? 

13.9 With a very high charge density, aluminum would 
not be expected to exist widely as a free 3+ ion, yet it does 
exist in the form of a hydrated 3 + ion. Explain why. 

13.10 Explain briefly why sheets of aluminum do not oxidize 
completely to aluminum oxide even though aluminum is a 
highly reactive metal. 

13.11 Explain briefly why solutions of aluminum chloride 
are strongly acidic. 

13.12 Magnesium metal only reacts with acids, whereas 
aluminum reacts with both acids and bases. What does this 
behavior tell you about aluminum? 

13.13 Explain the potential environmental hazards from 
aluminum smelting. 

13.14 Why are aluminum smelters sometimes located in 
countries other than those that produce the ore or consume 
much of the metal? 

13.15 Contrast the bonding in the different aluminum 
halides. 

13.16 Why is alum a commonly used salt of aluminum? 

13.17 Explain the difference between a spinel and an inverse 
spinel. 

13.18 Explain why thallium(I) compounds are usually ionic 
species while thallium(III) compounds are more covalent in 
their behavior. 

13.19 Gallium(III) fluoride, GaF 3 , sublimes at 950°C, while 
gallium(III) chloride, GaCl 3 , melts at 78°C. Suggest an ex¬ 
planation for the significant difference. 

13.20 Compare and contrast the chemistry of boron and 
silicon. 

13.21 Why is aluminum a particular environmental prob¬ 
lem in the context of acid rain? 

13.22 Write balanced chemical equations corresponding 
to each transformation in the element reaction flowcharts 
for boron and aluminum (page 311). 
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13.23 The metallic, covalent, and ionic (six-coordinate) radii 
for aluminum are 143 pm, 130 pm, and 54 pm. Explain why 
these values are different. 

13.24 Aluminum fluoride, A1F 3 , is insoluble in pure liquid 
hydrogen fluoride but dissolves readily in liquid hydrogen- 
fluoride-containing sodium fluoride. When boron trifluoride 
is bubbled into the solution, aluminum fluoride precipitates. 
Write two equations to represent these observations and 
suggest what is happening in each case using an appropri¬ 
ate acid-base concept. 

13.25 When aluminum chloride is dissolved in benzene, 
C 6 H 6 , a dimer, A1 2 C1 6 is obtained. However, when the com¬ 
pound is dissolved in diethylether, (C 2 H 5 ) 2 0, a chemical 
reaction occurs to give a species containing one aluminum 
atom. Suggest the identity of the compound. 

13.26 When beryllium chloride is vaporized, a dimer of 
formula Be 2 Cl 4 is formed. Suggest a structure for the dimer. 
Explain your reasoning. 

13.27 A solution of beryllium ion, [Be(OH 2 ) 4 ] 2+ (ag), is 
strongly acidic. Write a balanced chemical equation for the 
first step in the process. Explain why you would expect this 
ion to be acidic. 

13.28 Zeolite-A, Na 12 [(A10 2 ) 12 (Si0 2 )i 2 ]-27H 2 0, is a good 
ion exchanger, removing such ions as calcium and magnesium 
from water supplies. What mass of zeolite should a home 
water softener unit contain if it is to completely remove 
calcium and magnesium ions at a total concentration of 
2.0 X 1CT 3 moFL -1 from a flow-through of 1.0 X 10 6 L of 
water before it needs recharging? 

13.29 The alumino-silicate mineral phlogopite has the 
formula KMg x [AlSi 3 O 10 ](OH) 2 . Determine the value of x. 

13.30 Construct a Pourbaix diagram for aluminum, showing 
the species Al(s), A\ 3+ (aq), Al(OH) 3 (s), and Al(OH) 4 “(ag), 
given 7^ sp (Al(OH) 3 (5')) = 1 X 10 33 and 

A1(OH) 3 (,s) + OH ~{aq) ^ Al(OH) 4 - (aq) K = 40 

In the range of possible pH and E e values for natural waters, 
what are the only species likely? Why is this diagram rel¬ 
evant to the acid rain problem? 

13.31 The enthalpy of formation of gallium(I) chloride is 
+38 kJ-mol _1 , while that of gallium(III) chloride is -525 
kEmol -1 . Show why gallium(I) chloride should be thermo¬ 
dynamically unstable. 

13.32 When damp, aluminum sulfide, A1 2 S 3 , produces the 
“rotten egg” smell of hydrogen sulfide. Write a balanced 


equation for the reaction and suggest an explanation 
for it. 

13.33 Aluminum chloride dissolves in the basic solvent 
CH 3 CN to give a 1:1 (catiomanion) conducting solution. 
The cation has the formula [A1(NCCH 3 ) 6 ] 3+ . Suggest the 
formula of the anion and write a balanced chemical equa¬ 
tion for the reaction. 

13.34 Boron forms a compound of formula B 2 H 2 (CH 3 ) 4 . 
Draw a probable structure for this compound. 

13.35 When gallium(III) salts are dissolved in water, the 
[Ga(OH 2 ) 6 ] 3+ (ag) ion is initially formed, but a white precip¬ 
itate of GaO(OH) slowly forms. Write a balanced chemical 
equation for the process and suggest how the gallium(III) 
ion can be kept in solution. 

13.36 Thallium forms a selenide of formula TISe. What 
does the oxidation state of thallium appear to be? What is a 
more likely structure of the compound? 

13.37 Gallium forms an analogous vapor-phase compound 
to diborane: Ga 2 H 6 , digallane. However, aluminum forms a 
solid polymeric hydride, [A1H 3 ] X . Why is the difference in 
behavior not surprising? 

13.38 Gallium dichloride, GaCl 2 , is a diamagnetic com¬ 
pound that is a 1:1 electrolyte in solution containing a 
simple cation and a tetrachloro anion. Suggest a possible 
structure for the compound. 

13.39 At very low temperatures, the compound B 3 F 5 can 
be synthesized. Spectroscopic evidence shows that the mol¬ 
ecule contains two types of fluorine environments in a ratio 
of 4:1 and two types of boron environments in a ratio of 2:1. 
Suggest a structure for this molecule. 

13.40 Boric acid, H 3 B0 3 , also written as B(OH) 3 , acts as 
a weak acid in water. However, it does not do so by loss of 
a hydrogen ion. Instead, it acts as a Lewis acid toward the 
hydroxide ion. Write a balanced equation for the reaction 
of boric acid with water. 

13.41 Calculate an approximate value for the bond en¬ 
ergy for the bridging B—H bond in diborane using the data 
tables in the appendices. In comparison with the normal B—H 
bond energy, what does this suggest about the bond order? 
Is this result compatible with the bond order (per bond) 
deduced from the molecular orbital diagram (Figure 13.12)? 

13.42 Instead of the commonly used reaction of 
hydro-carbons with air as a high-performance aircraft 
fuel, it was once proposed to use diborane with air. If 
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AW e combustion(B 2 H 6 (g)) = -2165 kj-mol 1 and A H° 

combustion 

(C 2 H 6 (g)) = -1560 kJ-mol -1 , calculate the comparative 
energy per gram of diborane compared to per gram of ethane. 
Use the data tables in the appendices to calculate the en¬ 
tropy change in each reaction. Suggest why the entropy of 
combustion values are so different. What would be some 
practical disadvantages of using diborane? 

13.43 Calculate the standard enthalpy of formation of 
diboron trioxide, given that A// e combustion (B 2 H 6 )(g) = -2165 
kJ-mol -1 . Use the data tables in the appendices for the 
other values required. 


13.44 Boron forms two isoelectronic anions: B0 2 - and 
BC 2 5- Construct an electron-dot structure for each ion. 
There is a third member of this series: BN/ - . Predict the 
charge on this ion. 

13.45 Zirconium forms a boride of formula ZrB 12 , which 
adopts a sodium chloride lattice structure. Is it more likely 
that the compound is ionic—[Zr 4+ ][B 12 4- ]—or simply 
based on zirconium atoms and a neutral B 12 cluster? Metallic 
radius, Zr = 159 pm; ionic radius, Zr 4+ = 72 pm; covalent 
radius, B = 88 pm. Explain your reasoning. 


ADDITIONAL RESOURCES 

For answers to odd-numbered questions: www.whfreeman.com/descriptive5e 
For accompanying video clips: www.whfreeman.com/descriptive5e 



CHAPTER 14 


The Group 14 Elements 



This group contains a nonmetal (carbon), two semimetals (silicon and 
germanium), and two weakly electropositive metals (tin and lead). Carbon 
has the most important chemistry of the group. It is the variety of oxyanions, 
many of which are found in minerals, that makes silicon chemistry interesting. 
The weakly metallic properties of tin and lead contrast sharply with the 
properties of the alkali supermetals. 


I t is likely that no inorganic compound has played a greater role in 
changing history than lead(II) ethanoate, Pb(CH 3 C0 2 )2, also called 
lead(II) acetate. Lead was one of the most important elements during 
the Roman Empire, 2000 years ago, when about 60 000 tonnes of lead 
were being smelted annually to provide the elaborate piped water and 
plumbing system to the Romans. This level of sophistication in lifestyle 
was not regained until the late nineteenth century. 

We know from the significant levels of lead in human bones from 
the Roman Empire that the inhabitants were exposed to high concen¬ 
trations of this element. But it was not the plumbing that presented 
the major hazard to the Romans. Because they used natural yeasts, the 
wine that they prepared was quite acidic. To remedy this, winemakers 
added a sweetener, sapa, produced by boiling grape juice in lead pots. 
The sweet flavor was the result of the formation of “sugar of lead,” 
what we now call lead(II) ethanoate. This sweetener was also used in 
food preparation, and about 20 percent of the recipes from the period 
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required the addition of sapa. The mental instability of the Roman emperors 
(many of whom were excessive wine drinkers) was a major contributor to the 
decline and fall of the Roman Empire. In fact, the idiosyncrasies of many of 
the emperors match the known symptoms of lead poisoning. Unfortunately, 
the governing class of Romans never correlated their use of sapa with the 
sterility and mental disorders that plagued the rulers. Thus, the course of history 
was probably changed by this sweet tasting but deadly compound. 

14.1 Group Trends 


The first three elements of Group 14 have very high melting points, a charac¬ 
teristic of network covalent bonding for nonmetals and semimetals, whereas 
the two metals in the group have low melting points and, common to all metals, 
long liquid ranges (Table 14.1). All the Group 14 elements form compounds 
in which they catenate (form chains of atoms with themselves). The ability to 
catenate decreases down the group. 


TABLE 14.1 

Melting and boiling points of the Group 14 elements 

Element 

Melting point (°C) 

Boiling point (°C) 

C 

Sublimes at 4100 

Si 

1420 

3280 

Ge 

945 

2850 

Sn 

232 

2623 

Pb 

327 

1751 


Now that we have reached the middle of the main groups, the nonmetallic 
properties are starting to predominate. In particular, multiple oxidation states 
become common. All members of Group 14 form compounds in which they 
have an oxidation number of +4. This oxidation state involves covalent bonding, 
even for the two metals of the group. In addition, an oxidation state of -4 exists 
for the three nonmetals/semimetals when they are bonded to more electroposi¬ 
tive elements. Tin and lead also have an oxidation state of +2, which is the only 
oxidation state in which they form ionic compounds (see Section 14.18). For 
silicon, there is no common compound in which silicon exists in a +2 oxidation 
state; in contrast, the +2 oxidation state of lead is the most stable and in the 
+4 state lead is strongly oxidizing. One of the few common examples of carbon 
in the +2 oxidation state is the reducing compound carbon monoxide. 

14.2 Contrasts in the Chemistry of Carbon and Silicon 


For Groups 14 to 17, there is a significant difference in the chemistry between the 
Period 2 member and those in subsequent periods. The Frost diagram shown 
in Figure 14.1 indicates the contrast in thermodynamic stabilities between 
carbon and silicon species. Particularly noticeable is the stability of silicon 
dioxide over the other silicon species. 
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Oxidation state 


FIGURE 14.1 Frost diagram 
in acid solution for carbon and 
silicon. 


The Dioxides of Carbon and Silicon 


Carbon dioxide and silicon dioxide share the same type of formula, yet their 
properties are very different. Carbon dioxide is a colorless gas at room tem¬ 
perature, whereas solid silicon dioxide melts at 1600°C and boils at 2230°C. 
The difference in boiling points is due to bonding factors. Carbon dioxide 
consists of small, triatomic, nonpolar molecular units whose attraction to one 
another is due to dispersion forces. By contrast, silicon dioxide contains a 
network of silicon-oxygen covalent bonds in a giant molecular lattice. Each 
silicon atom is bonded to four oxygen atoms, and each oxygen atom is bonded 
to two silicon atoms, an arrangement consistent with the Si0 2 stoichiometry 
of the compound (Figure 14.2). 

How can we explain this difference? First, the carbon-oxygen single bond 
is much weaker than the carbon-oxygen double bond (Table 14.2). Hence, it is 
energetically more favorable to form two C=0 double bonds than the four 
C—O single bonds needed for carbon dioxide to be analogous to silicon dioxide. 
Indicative of the energy difference, at pressures above 40 MPa and 1500°C, 
carbon dioxide can be converted into a polymeric solid with a structure similar 
to silicon dioxide. This form is believed to be very hard, with a high thermal 
conductivity. The quartz-like form remains stable at room temperature and a 
pressure of 1 GPa. 

In the case of silicon, silicon-oxygen single bonds are very strong. Since 
multiple bonds in compounds of elements from Period 3 and higher periods 
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FIGURE 14.2 Structures of 
carbon dioxide and silicon dioxide. 


TABLE 14.2 1 

Bond energies of carbon and silicon bonds with 

oxygen 


Bond energy 


Bond energy 

Carbon bonds 

(kJmor 1 ) 

Silicon bonds 

(kj-mol -1 ) 

c—O 

358 

Si—O 

452 

c=o 

799 

Si=Q 

642 
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have energies that are not much greater than those of the corresponding single 
bonds, for silicon, four single bonds (with partial multiple bond character) are 
much more preferable than two conventional double bonds. 

The Catenation of Carbon 

Carbon has two properties that enable it to form such an extensive range of 
compounds: catenation (the ability to form chains of atoms) and multiple bond¬ 
ing (that is, the ability to form double and triple bonds). Extensive use of mul¬ 
tiple bonding is found in compounds of carbon, nitrogen, and oxygen. Carbon 
shows the greatest propensity for catenation of all elements. For catenation, 
three conditions are necessary: 

1. A bonding capacity (valence) greater than or equal to 2 

2. An ability of the element to bond with itself; the self-bond must be about 
as strong as its bonds with other elements 

3. A kinetic inertness of the catenated compound toward other molecules 
and ions 

We can see why catenation is frequently found in carbon compounds but 
only rarely in silicon compounds by comparing bond energy data for these two 
elements (Table 14.3). Notice that the energies of the carbon-carbon and carbon- 
oxygen bonds are very similar. However, the silicon-oxygen bond is much stronger 
than that between two silicon atoms. Thus, in the presence of oxygen, silicon will 
form —Si—O—Si—O— chains rather than —Si—Si— linkages. We will see later 
that the silicon-oxygen chains dominate the chemistry of silicon. There is much 
less of an energy “incentive” to break carbon-carbon bonds in favor of the forma¬ 
tion of carbon-oxygen bonds. 

It is sobering to realize that two “quirks” of the chemical world make life 
possible: the hydrogen bond and the catenation of carbon. Without these two 
phenomena, life of any form (that we can imagine) could not exist. 


TABLE 14.31 

Bond energies of various carbon and silicon bonds 



Bond energy 


Bond energy 

Carbon bonds 

(kJ-mol -1 ) 

Silicon bonds 

(kJ-mol -1 ) 

c—C 

346 

Si—Si 

222 

c—O 

358 

Si—o 

452 


14.3 Carbon 


Diamond and graphite have been known throughout much of recorded history, 
but we now know of a whole new family of allotropes. 

Diamond 

In the diamond form of carbon, there is a network of single, tetrahedrally 
arranged covalent bonds (Figure 14.3). Diamond is an electrical insulator 
but an excellent thermal conductor, being about five times better than 
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copper. We can understand the thermal conductivity in terms 
of the diamond structure. Because the giant molecule is held 
together by a continuous network of covalent bonds, little 
movement of individual carbon atoms can occur. Hence, any 
added heat energy will be transferred as molecular motion 
directly across the whole diamond. Diamond is a solid to over 
4000°C because an enormous amount of energy is needed to 
break these strong covalent bonds. 

In “normal” diamond, the arrangement of the tetrahedra is 
the same as that in the cubic ZnS-sphalerite ionic structure (see 
Chapter 5, Section 5.4). There is also an extremely rare form, 
lonsdaleite (named after the famous crystallographer Kathleen 
Lonsdale), in which the tetrahedra are arranged in the hexa¬ 
gonal ZnS-wurtzite structure (also shown in Chapter 5, Section 5.4). A crystal 
of lonsdaleite was first found in the Canyon Diablo meteorite in Arizona, and 
since then it has been synthesized by a route in which graphite is subjected to 
high pressure and temperature. 

Natural (sphalerite-type) diamonds are found predominantly in Africa. 
Zaire is the largest producer (29 percent), but South Africa (17 percent of the 
production) still produces the most gem-quality stones. Russia is in second 
place with 22 percent of world production. In North America, diamonds are 
found in Crater of Diamonds State Park, Arkansas, but no large-scale mining 
operations occur there. 

The density of diamond (3.5 g'cnT 3 ) is much greater than that of graphite 
(2.2 g*cm~ 3 ), so a simple application of the Le Chatelier principle indicates that 
diamond formation from graphite is favored under conditions of high pressure. 
Furthermore, to overcome the considerable activation energy barrier accompa¬ 
nying the rearrangement of covalent bonds, high temperatures also are required. 
The lure of enormous profits resulted in many attempts to perform this transfor¬ 
mation. The first bulk production of diamonds was accomplished by the General 
Electric Company in the 1940s, using high temperatures (about 1600°C) and 
extremely high pressures (about 5 GPa, that is, about 50 000 times atmospheric 
pressure). The diamonds produced by this method are small and not of gem 
quality, although they are ideal for drill bits and as grinding material. 

The free energy of diamond is 2.9 kJ-mol -1 higher than that of graphite. 
Thus, it is only the very slow kinetics of the process that prevents diamonds 
from crumbling into graphite. For this reason, Western scientists were skeptical 
when Soviet scientists claimed to have found a method of making layers of 
diamonds at low temperatures and pressures from a chemical reaction in the 
gas phase. It was about 10 years before the claims were investigated and shown 
to be true. We are now aware of the tremendous potential of diamond films 
as a means of providing very hard coatings—on surgical knives, for example. 
Diamond films are also promising coatings for computer microprocessor chips. 
A continuing problem associated with computer chips is their exposure to high 
temperatures generated by excess heat resulting from electric resistance in the 
computer’s electric circuits. Diamond has a very high thermal conductivity; 
hence, chips with a diamond coating will be undamaged by the heat produced 



diamond. 
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by high-density circuitry. Diamond film technology is predicted to be a major 
growth industry over the next decade. 

Until the nineteenth century, it was thought that graphite and diamond 
were two different substances. It was Humphry Davy—by “borrowing” one of 
his spouse’s diamonds and setting fire to it—who showed that carbon dioxide 
is the only product when diamond burns: 

C(.v) + 0 2 (g) —» C0 2 (g) 

Fortunately, Davy’s wife was rich enough not to be too upset about the loss 
of one of her gems to the cause of science. This is one of the more expensive 
chemical methods of testing whether you really have a diamond. 






FIGURE 14.4 Structure of 
graphite. 


Graphite 

The structure of graphite is quite different from that of diamond. Graphite 
consists of layers of carbon atoms (Figure 14.4). Within the layers, covalent 
bonds hold the carbon atoms in six-membered rings. The carbon-carbon bond 
length in graphite is 141 pm. These bonds are much shorter than those in 
diamond (154 pm) but very similar to the 140-pm bonds in benzene, C 6 H 6 , 
a compound that was mentioned in Chapter 9, Section 9.11. This similar¬ 
ity in bond lengths suggests a possible explanation for the short interatomic 
distance in graphite—there is multiple bonding between the carbon atoms 
within layers. Like benzene, graphite is assumed to have a delocalized tt electron 
system throughout the plane of the carbon rings resulting from overlap of the 
2 p z orbitals at right angles to the plane of the rings. This arrangement would 
result in a net 1^ bonds between each pair of carbon atoms. The measured bond 
length is consistent with this assumption. 

The distance between the carbon layers is very large (335 pm) and is more 
than twice the value of the van der Waals radius of a carbon atom. Hence, 
the attraction between layers is very weak. In the common hexagonal form 
of graphite (see Figure 14.4), alternating layers are aligned to give an abab 
arrangement. When you look at the sequential layers, one-half of the carbon 
atoms are located in line with carbon atoms in the planes above and below, and 
the other half are located above and below the centers of the rings. 

The layered structure of graphite accounts for one of its most interesting 
properties: a high electrical conductivity. More specifically, the conductivity in 
the plane of the sheets is about 5000 times greater than that at right angles to 
the sheets. Graphite is also an excellent lubricant by virtue of the ability of 
sheets of carbon atoms to slide over one another. However, this is not quite 
the whole story. Graphite also adsorbs gas molecules between its layers. Thus, 
many chemists argue that the graphite sheets are gliding on molecular “ball 
bearings,” namely, the adsorbed gas molecules. 

Even though graphite is thermodynamically more stable than diamond, it 
is kinetically more reactive as a result of the separation of the carbon sheets. 
A wide range of substances from alkali metals through the halogens to metal 
halide compounds are known to react with graphite. In the resulting products, 
the graphite structure is essentially preserved, with the intruding atoms or ions 


fitting between the layers in a fairly stoichiometric ratio. We encountered these 
graphite intercalation compounds earlier in Chapter 11, Section 11.4. 

Most of the mined graphite comes from the Far East, with China, Siberia, 
and the two Koreas being the major producers. In North America, Ontario, 
Canada, has significant deposits. Graphite is also manufactured from amor¬ 
phous carbon, the most reliable method being the Acheson process. In this 
procedure, powdered coke (amorphous carbon) is heated at 2500°C for about 
30 hours. This temperature is produced in an electric furnace that has carbon 
rods as heating elements (Figure 14.5). The method is rather similar to subli¬ 
mation in that pure crystalline material is obtained from an impure powder. 
The amorphous carbon is covered by a layer of sand to prevent it from oxidiz¬ 
ing to carbon dioxide. The process is not very energy efficient, but this furnace 
has fewer operational problems than other types. Thanks to advances in chemical 
technology, the newer units produce fewer pollutants and are more energy 
efficient than their predecessors. 

Graphite is used in lubricants, as electrodes, and as graphite-clay mixtures 
in lead pencils. The common mixture in pencil leads is designated “FIB.” The 
higher-clay (harder) mixtures are designated by increasing “FI” numbers, for 
example, “2H,” and the higher-graphite (softer) mixtures are designated by 
increasing “B” numbers. There is no lead in a lead pencil. The term originated 
from the similarity between the streak left on a surface from a soft lead object 
and that from graphite. 
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Sand 


Carbon rods 

FIGURE 14.5 Acheson furnace. 


Fullerenes 

Chemistry is full of surprises, and the discovery of a new series of allotropes of 
carbon must rank as one of the most unexpected findings of all. The problem 
with all science is that we are limited by our own imaginations. It has been 
pointed out that if diamonds did not exist naturally on Earth, it would be very 
unlikely that any chemist would “waste time” trying to change the structure of 
graphite by using extremely high pressures. It would be even more unlikely for 
any agency to advance funding for such a “bizarre” project. 

Fullerenes constitute a family of structures in which the carbon atoms are 
arranged in a spherical or ellipsoidal structure. To make such a structure, the 
carbon atoms form five- and six-membered rings, similar to the pattern of lines 
on a soccer ball (the early name for C 60 was soccerane). The C 60 allotrope 
(Figure 14.6a), buckminsterfullerene, is the easiest to prepare.The C 70 allotrope 
(Figure 14.65) is the next most commonly available fullerene. The ellipsoidal 
structure of C 7 o resembles an American football or a rugby ball. 



( a ) ^60 
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The Discovery of Buckminsterfullerene 


D iscoveries in science are almost always convoluted 
affairs, rarely the popular image of a sudden 
“Eureka!” W. E. Addison had predicted in 1964 that other 
allotropes of carbon might exist, and David Jones in 
1966 actually proposed the existence of “hollow graphite 
spheroids.” It was not chemists, however, but two astro¬ 
physicists, Donald Huffman of the University of Arizona 
at Tucson and Wolfgang Kratschmer of the Max Planck 
Institute for Nuclear Physics at Heidelberg, Germany, 
who are credited with the first synthesis of fullerenes in 
1982. They were interested in the forms of carbon that 
could exist in interstellar space. They heated graphite 
rods in a low-pressure atmosphere and obtained a soot. 
It appeared to have an unusual spectrum, but they attrib¬ 
uted that to contamination by oil vapor from the equip¬ 
ment. As a result, they lost interest in the experiment. 
Two years later, an Australian medical researcher, Bill 
Burch, at the Australian National University, produced a 
sublimable form of carbon that he patented as “Techno¬ 
gas.” This, too, was probably buckminsterfullerene. 

Harold Kroto of the University of Sussex, England, 
and Richard Smalley of Rice University, Texas, performed 
the crucial experiment. They were also interested in the 
nature of carbon in space. When Kroto visited Smalley, the 
former proposed that they use Smalley’s high-powered 
laser to blast fragments off a graphite surface and then iden¬ 
tify the products. Between September 4 and September 6, 
1985, they found one batch of products that had a very 
high proportion of a molecule containing 60 carbon atoms. 
Over the weekend, two research students, Jim Heath and 
Sean O’Brien, altered the conditions of the experiment 


until, time after time, they could consistently obtain this 
unexpected product. 

How could the formula Qo be explained? Kroto re¬ 
called the geodesic dome that housed the U.S. pavilion 
at Expo 67 in Montreal. However, he thought the struc¬ 
ture consisted of hexagonal shapes, like those making up 
graphite. The chemists were unaware of the work by the 
eighteenth-century mathematician Leonhard Euler, who 
had shown that it was impossible to construct closed figures 
out of hexagons alone. Smalley and Kroto disagree over 
which one of them first realized that a spherical structure 
could be constructed using 20 hexagons and 12 pentagons. 
Nevertheless, on September 10, this was the structure that 
the group postulated for the mysterious molecule. As a 
result of the disagreement, relations between the two re¬ 
search groups are acrimonious. 

The Kroto-Smalley method produced quantities of 
buckminsterfullerene that were too small for chemi¬ 
cal studies. The discovery cycle was completed in 1988 
when Huffman realized that the method that he and 
Kratschmer had used several years earlier must have 
been forming large quantities of these molecules. These 
two physicists resumed their production of the soot and 
developed methods for producing consistently high 
yields of the allotropes. From subsequent studies, the 
chemical evidence proving the structures of C 60 and C 70 
was independently and almost simultaneously produced 
by the Kroto and the Smalley groups. Kroto and Smalley 
were two of the three recipients of the 1996 Nobel Prize 
in Chemistry for their synthesis and identification of 
fullerenes. 


This allotrope family was named after R. Buckminster Fuller, a genius of the 
twentieth century. His name is particularly associated with the geodesic dome, an 
architectural design of tremendous strength that has the same structural arrange¬ 
ment as the C 60 molecule. Contrary to general belief, however, he did not invent 
the dome. This was done by Walter Bauersfield in Germany, but Buckminster 
Fuller did make major improvements to the design and popularized it. 

One method of manufacturing the fullerenes is to use an intense laser beam 
to heat graphite to temperatures of over 10 000°C. At these temperatures, sec¬ 
tions of the hexagonal planes of carbon atoms peel off the surface and wrap 
themselves into balls. Now that we know of these molecules, they are turning 
up everywhere. Common soot contains fullerenes, and they have been found 
in naturally occurring graphite deposits. Some astrochemists argue that these 
molecules exist extensively in interstellar space. 




Diamond and graphite are insoluble in all solvents because they have network 
covalent structures. The fullerenes have covalent bonds within the units, but only 
dispersion forces hold the units together in the solid phase. As a result, they are 
very soluble in nonpolar solvents such as hexane and toluene. Although black 
in the solid phase, fullerenes display a wide range of colors in solution: C 60 
gives an intense magenta-purple color, C 70 is wine red, and C 76 is bright yellow- 
green. All the fullerenes sublime when heated, a property providing further 
evidence of the weak intermolecular forces. 

The C 60 molecules pack together in the same way metal atoms do, forming 
a face-centered cubic arrangement. The fullerenes have low densities (about 
1.5 g*cm~ 3 ), and they are nonconductors of electricity. Molecules of C 60 (and 
those of other fullerenes) absorb visible light to produce an unstable excited 
form, which is represented by the symbol *C 60 . The excited form absorbs light 
many times more efficiently than normal C 60 , converting the electromagnetic 
energy to heat. This is a very important property, because it means that as 
the intensity of light passed into a solution of C 60 increases, more *C 60 will be 
produced and hence more of the light will be absorbed. The intensity of light 
leaving the solution will be correspondingly reduced. The solution, therefore, 
acts as an optical limiter. Coating glasses with this material could prevent eye 
damage in people working with high-intensity lasers, and in the more common 
world, such coatings could be used to create instant-response sunglasses, but as 
yet the cost is prohibitive. 

The fullerenes are easily reduced to anions by reaction with Group 1 and 
Group 2 metals. For example, rubidium fits within the interstices in the C 60 lattice 
to give Rb 3 C 60 . This compound is a superconductor at temperatures below 28 K 
because its structure is actually [Rb + ] 3 [C 60 3- ]. The extra electrons associated 
with the fullerenes are free to move throughout the crystal, just like those in 
a metal. Since the cavities in the fullerenes are quite large, it is possible to fit 
a metal ion within the structure. An example of this is La@C 82 , where the 
@ symbol is used to indicate that the 3+ metal ion is within the fullerene. 
Chemical reaction with the surface of the fullerenes is also possible; thus, reaction 
with fluorine results in the formation of colorless C 60 F 60 . 

Of the fullerene series, C 60 is the easiest to produce, followed by C 70 . Even- 
numbered fullerenes from C 70 to well over C 10 o are known. The smallest stable 
fullerene synthesized is C 36 , a reactive black solid that gives a golden yellow 
solution. C 36 is expected to be the smallest stable fullerene feasible on the basis 
of the strained bonds needed to close such a small sphere. The smallest fullerene 
prepared, C 2 o, a spheroid based solely on pentagonal units, exists only fleetingly. 

Carbon Nanotubes 

Nanotubes are essentially tiny strips of graphite sheet, rolled into tubes and 
capped with half a fullerene at each end. They were first discovered in 1991 by 
the Japanese scientist Sumio Iijima. They can be made by heating graphite in 
an inert atmosphere under patented conditions to about 1200°C. 

Because the carbon atoms in nanotubes are held together by covalent 
bonds, the tubes are immensely strong—they have about 100 times the strength 
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FIGURE 14.7 Structures of 
(a) single-walled nanotubes 
(SWNT) and (b) multiwalled 
nanotubes (MWNT). 



of an equivalent strand of steel. Thus, nanotubes could be used as super-strong 
materials. Provided the carbon hexagons are aligned precisely with the long 
axis of the nanotube, the material is an excellent electrical conductor. This 
behavior opens the possibility for bundles of nanotubes to be the electrical 
equivalent of optical fibers. However, if there is a “twist” in the hexagons, 
giving a spiral arrangement, the material behaves as a semiconductor. Open- 
ended nanotubes also have potential for the reversible storage of hydrogen 
gas, suggesting they may play a role in the future hydrogen-based economy. 

There are two classes of nanotubes: the single-walled nanotubes (SWNTs) 
and the multiwalled nanotubes (MWNTs) (Figure 14.7).The SWNTs consist of 
simple carbon nanotubes, whereas the MWNTs consist of concentric layers of 
nanotubes like a coaxial cable. It is the SWNTs that have the greater promise, 
but at present they are very expensive to synthesize. 

Graphene 

Graphite, fullerenes, and nanotubes are all based on hexagonal rings of carbon 
atoms. A single flat sheet of these hexagonal rings is called graphene. It was 
believed impossible to peel a single layer of carbon rings from graphite; then 
in 2004, a team of researchers at the University of Manchester, England, did so 
by the simple procedure of using adhesive tape. The material cannot be called 
graphite because, by definition, graphite is a three-dimensional structure with 
dispersion-force attraction between layers. 

Being just one atom thick, graphene (sometimes called atomic chicken 
wire) is totally transparent. It behaves as a semimetal with unusual electri¬ 
cal and magnetic properties and, being held together by a a and conjugated 
7T system, it is very strong. The edges of sheets can be oxidized to form graphene 
oxide and then water molecules can be used to “stitch” graphene plates together 
to form large two-dimensional sheets of graphene. Though the uses of graphene 
have not been fully explored, a graphene sheet has been used as the ultimate 
gas sensor, detecting a single molecule of nitrogen dioxide. 
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Impure Carbon 

The major uses of carbon are as an energy source and as a reducing agent. For 
reducing purposes, an impure form of carbon (coke) is used. This material is 
produced by heating coal in the absence of air. In this process, the complex coal 
structure breaks down, boiling off hydrocarbons and leaving behind a porous, 
low-density, silvery, almost metallic-looking solid. Essentially, coke is composed 
of microcrystals of graphite that have small proportions of some other ele¬ 
ments, particularly hydrogen, bonded in their structure. Much of the distillate 
produced by the coking process can be used as raw materials in the chemical 
industry, but the oily and watery wastes are a cocktail of carcinogens. Coke is 
utilized in the production of iron from iron ore and in other pyrometallurgical 
processes. Coke production is considerable, and about 5 X 10 8 tonnes are used 
worldwide every year. 

Carbon black is a very finely powdered form of carbon. This impure micro¬ 
graphite is produced by incomplete combustion of organic materials. It is used 
in extremely large quantities—about 1 X 10 7 tonnes per day. It is mixed with 
rubber to strengthen tires and reduce wear. About 3 kg is used for the average 
automobile tire, and it is the carbon content that gives a tire its black color. 

Another form of carbon known as activated carbon has a very high surface 
area—typically 10 3 m 2 *g _1 .This material is used for the industrial decolorizing 
of sugar and in gas filters, as well as for removing impurities from organic re¬ 
actions in the university laboratory. The physical chemistry of the absorption 
process is complex, but in part it works by the attraction of polar molecules to 
the carbon surface. 

Blocks of carbon are industrially important as electrodes in electrochemical 
and thermochemical processes. For example, about 7.5 million tonnes of carbon 
are used each year just in aluminum smelters. And, of course, the summer season 
always increases the consumption of carbon in home barbecues. 


14.4 Isotopes of Carbon 


Natural carbon contains three isotopes: carbon-12 (98.89 percent), the most 
prevalent isotope; a small proportion of carbon-13 (1.11 percent); and a trace 
of carbon-14. Carbon-14 is a radioactive isotope with a half-life of 5.7 X 10 3 
years. With such a short half-life, we would expect little sign of this isotope on 
Earth. Yet it is prevalent in all living tissue, because the isotope is constantly 
being produced by reactions between cosmic ray neutrons and nitrogen atoms 
in the upper atmosphere: 

14 N + l n ^14 C + lH 

The carbon atoms react with oxygen gas to form radioactive molecules of 
carbon dioxide. These are absorbed by plants in photosynthesis. Creatures that 
eat plants and creatures that eat the creatures that eat plants will all contain the 
same proportion of radioactive carbon. After the death of the organism, there is 
no further intake of carbon, and the carbon-14 already present in the body decays. 
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Thus, the age of an object can be determined by measuring the amount of carbon-14 
present in a sample. This method provides an absolute scale of dating objects that 
are between 1000 and 20 000 years old. W. F. Libby was awarded the Nobel Prize 
in Chemistry in 1960 for developing the radiocarbon-dating technique. 

14.5 Carbides 


Binary compounds of carbon with less electronegative elements (except 
hydrogen) are called carbides. Carbides are hard solids with high melting 
points. Despite this commonality of properties, there are, in fact, three types of 
bonding in carbides: ionic, covalent, and metallic. 

Ionic Carbides 

Ionic carbides are formed by the most electropositive elements: the alkali and 
alkaline earth metals and aluminum. Most of these ionic compounds contain 
the dicarbide(2-) ion, which we discussed in the context of calcium dicarbide 
(see Chapter 12, Section 12.11). The ionic carbides are the only carbides to 
show much chemical reactivity. In particular, they react with water to produce 
ethyne, C 2 H 2 , formerly called acetylene: 

Na 2 C 2 (s) + 2 H 2 0(Z) —> 2 NaOH(ag) + C 2 H 2 (g) 

From their formulas, the red beryllium carbide, Be 2 C, and the yellow aluminum 
carbide, A1 4 C 3 , appear to contain the C 4 ~ ion. The high-charge-density cations 
Be 2+ and Al 3+ are the only ions that can form stable lattices with such a highly 
charged anion. However, the cations are so small and highly charged and the 
anion so large that we assume there must be a large degree of covalency in the 
bonding. Nevertheless, these two carbides do produce methane, CH 4 , when 
they react with water, as would be expected if the C 4 ~ ion were present: 

Al 4 C 3 (s) + 12 H 2 0(/) -> 4 A1(OH) 3 (j) + 3 CH 4 (g) 

Covalent Carbides 

Because most nonmetals are more electronegative than carbon, there are few 
covalent carbides. Silicon carbide, SiC, and boron carbide, B 4 C (discussed in 
Chapter 13, Section 13.3), are the common examples; both are very hard and 
have high melting points. Silicon carbide is used as a grinding and polishing 
agent in metallurgical applications, and it is the only non-oxide ceramic prod¬ 
uct of large-scale industrial importance. Worldwide production of this com¬ 
pound is about 7 X 10 5 tonnes. 

Silicon carbide, which is bright green when pure, is produced in an Acheson 
furnace, like that used to convert coke to graphite. The furnace takes about 
18 hours to heat electrically to the reaction temperature of about 2300°C, and 
it takes another 18 hours for the optimum yield to be formed. The production 
of this compound is extremely energy intensive, and between 6 and 12 kWh of 
electricity is needed to produce 1 kg of silicon carbide: 

Si0 2 (s) + 3 C(s) SiC(s) + 2 CO (g) 
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There is tremendous interest in silicon carbide as a material for high- 
temperature turbine blades, which operate at temperatures that cause metals 
to lose their strength. Silicon carbide is also being used for the backing of 
high-precision mirrors because it has a very low coefficient of expansion. 
This property minimizes distortion problems because silicon carbide mirrors 
undergo only a negligible change in shape as temperatures fluctuate. 

A key to the wider use of silicon carbide is the ability to form it into shapes 
(for such uses as long-lasting engine blocks or replacement human joints). With 
its very high melting point, that has been impossible until now. A considerable 
amount of current research is focusing on the synthesis of liquid organosilicon 
compounds. These can be poured into molds and the compound heated to a 
high enough temperature that decomposition occurs, leaving silicon carbide 
in the required shape. Silicon carbide is certainly a promising material for this 
century. 


Moissanite: The Diamond Substitute 


U ntil 1998, the only lower cost substitute for diamond 
was cubic zirconia, Zr0 2 (see Chapter 20, Section 
20.2). Now the development of a commercial synthesis 
of a hexagonal form of silicon carbide has led to the in¬ 
troduction of a new gemstone, moissanite. Moissanite 
had been discovered in the 1890s in the Diablo Canyon, 
Arizona, meteorite impact crater and was named after the 
chemist Henri Moissan. But until recently, it could not be 
synthesized in large crystals. The synthesis of moissanite 


resulted from research into new semiconductor materials 
for LED and computer use. Though most of the output of 
pure silicon carbide is still for the high-tech industry, an 
increasing proportion is for the gemstone market. 

Moissanite is an analog of lonsdaleite (discussed in 
Section 14.3) in which alternate carbon atoms are replaced 
by silicon atoms. With its close similarity to diamond in 
composition and structure, it is not surprising that its prop¬ 
erties, too, resemble those of diamond (Table 14.4). 


A comparison of the properties of diamond, moissanite, and cubic 
zirconia 


Hardness Refractive Density 

(Moh’s scale) index (g*cm -3 ) 


C, diamond 

10 

2.24 

3.5 

SiC, moissanite 

9.25-9.5 

2.65-2.69 

3.2 

Zr0 2 , cubic zirconia 

8.5 

2.15 

5.8 


TABLE 14.4 


Moissanite is almost as hard as diamond, is about 
the same density, and, with a higher refractive index than 
diamond, actually “sparkles” more than a diamond. Thus, 
when comparing a diamond and a moissanite, most people 
believe the moissanite to be the real diamond. The stan¬ 
dard technique to identify a diamond is to measure its 
thermal conductivity. Though a nonmetal, diamond has 
an extremely high thermal conductivity, similar to that 
of many metals. The conductivity results from the strong 


covalent bonds throughout the lattice structure; hence, 
any molecular vibrations (heat) will be transmitted rap¬ 
idly through the structure. Because moissanite has a sim¬ 
ilar structure, it, too, has high thermal conductivity, and 
so the traditional method of diamond identification will 
not eliminate a moissanite. However, examination of a 
moissanite crystal under a microscope reveals character¬ 
istic double refraction for moissanite together with dif¬ 
ferences in surface polish and inclusions from diamonds. 
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The triple bond between carbon 
and oxygen in carbon monoxide is 
the strongest bond known, with a 
bond energy of 1070 kJ-mol -1 . 


Metallic Carbides 

Metallic carbides are compounds in which the carbon atoms fit within the crys¬ 
tal structure of the metal itself, and they are usually formed by the transition 
metals. To form a metallic carbide, the metal must assume a close-packed struc¬ 
ture, and the atoms usually have a metallic radius greater than 130 pm. The carbon 
atoms can then fit into the octahedral holes (interstices) in the structure; hence, 
metallic carbides are also called interstitial carbides. If all the octahedral holes 
are filled, the stoichiometry of these compounds is 1:1. 

Because metallic carbides retain the metallic crystal structure, they look 
metallic and conduct electricity. They are important because they have very 
high melting points, show considerable resistance to chemical attack, and are 
extremely hard. The most important of these compounds is tungsten carbide 
(WC), of which about 20 000 tonnes are produced annually worldwide. Most of 
the material is used in cutting tools. 

Some metals with a radius below 130 pm form metallic carbides, but their 
metal lattices are distorted. As a result, such compounds are more reactive 
than true interstitial carbides. The most important of these almost-interstitial 
carbides is Fe 3 C, commonly called cementite. It is microcrystals of cementite 
that cause carbon steel to be harder than pure iron. 


14.6 Carbon Monoxide 


Carbon monoxide is a colorless, odorless gas. It is very poisonous because it has 
a 300-fold greater affinity for blood hemoglobin than does oxygen; thus, quite 
low concentrations of carbon monoxide in air are sufficient to prevent oxygen 
absorption in the lungs. Without a continuous supply of oxygen, the brain loses 
consciousness, and death follows unless the supply of oxygenated hemoglobin is 
restored. Curiously, there is now evidence that carbon monoxide is a messenger 
molecule in some neurons in the brain. Thus, what is toxic in large quantities is 
necessary in tiny amounts for the correct functioning of the brain. 

The carbon-oxygen bond in carbon monoxide is very short, about the 
length that would be expected for a triple bond. Figure 14.8 shows a simplified 
energy-level diagram for carbon monoxide for the molecular orbitals derived 
from 2 p atomic orbitals. This model gives a bond order of 3 from the filling of 
one cr-bonding orbital and two rr-bonding orbitals. 

Carbon monoxide is produced when any carbon-containing compound, 
including carbon itself, is burned with an amount of oxygen insufficient for 
complete combustion: 

2 C(s) + 0 2 (g) —»2 CO(g) 

As automobile engines have become more efficient, carbon monoxide pro¬ 
duction has diminished substantially. Thus, in that respect the air inhaled on 
city streets is less harmful than it used to be because its carbon monoxide 
content is lower. 
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FIGURE 14.8 Partial simplified 
molecular-orbital-energy-level 
diagram for carbon monoxide. 


The pure gas is prepared in the laboratory by warming methanoic (formic) 
acid with concentrated sulfuric acid. In this decomposition, the sulfuric acid 
acts as a dehydrating agent: 

HCOOH(/) + H 2 S0 4 (/) ^CO(g) + H 2 0(/) + H 2 so 4 (aq) 

Carbon monoxide is quite reactive; for example, it burns with a blue flame 
to carbon dioxide: 

2 CO(g) + 0 2 (g) —>2 C0 2 (g) 

It reacts with chlorine gas in the presence of light or hot charcoal, which serve 
as catalysts, to give carbonyl chloride, COCl 2 , a compound better known as the 
poison gas phosgene: 

CO(g) + Cl 2 (g) —> COCl 2 (g) 

Although carbonyl chloride is usually recalled as one of the first gases used 
in warfare, it is actually an industrial chemical produced on the scale of millions 
of tonnes per year. Carbonyl chloride is especially useful as a starting material 
for the synthesis of many important compounds such as the polycarbonates 
that are used widely as tough, low-density transparent materials. 

When carbon monoxide is passed over heated sulfur, the compound carbonyl 
sulfide, COS, a promising low-hazard fungicide, is formed: 

CO(g) + S(s) —»COS(g) 

As the Frost diagram in Figure 14.1 shows, carbon monoxide is a strong reducing 
agent. It is used industrially in this role, for example, in the smelting of iron(III) 
oxide to iron metal (see Chapter 20, Section 20.6): 

Fe 2 0 3 (s) + 3 CO(g) -*-> 2 Fe(/) + 3 C0 2 (g) 

It is also an important starting material in industrial organic chemistry. 
Under high temperatures and pressures, carbon monoxide will combine with 
hydrogen gas (a mixture known as synthesis gas) to give methanol, CH 3 OH: 

CO(g) + 2 H 2 (g) CH 3 OH(g) 
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Mixing carbon monoxide with ethene, QH 4 , and hydrogen gas produces propanal, 
CH 3 CH 2 CHO, a reaction known as the OXO process: 

CO(g) + C 2 H 4 (g) + H 2 (g) C 2 H 5 CHO(g) 

The active catalytic species in this process is a cobalt compound containing 
covalent bonds to both hydrogen and carbon monoxide, HCo(CO) 4 , and it is 
similar compounds of metals with carbon monoxide that we consider next. 

Carbon monoxide forms numerous compounds with transition metals. In 
these highly toxic, volatile compounds, the metal is considered to have an oxi¬ 
dation number of zero. Among the simple carbonyls are tetracarbonylnickel(O), 
Ni(CO) 4 ; pentacarbonyliron(O), Fe(CO) 5 ; and hexacarbonylchromium(O), 
Cr(CO) 6 . Many of the metal carbonyls can be prepared simply by heating the 
metal with carbon monoxide under pressure. For example, when heated, nickel 
reacts with carbon monoxide to give the colorless gas tetracarbonylnickel(O): 

Ni(s) + 4 CO(g) —»Ni(CO) 4 (g) 

These compounds are often used as reagents for the preparation of other 
low-oxidation-number compounds of transition metals. The chemistry of carbonyl 
compounds is discussed more fully in Chapter 22, Section 22.6. 


14.7 Carbon Dioxide 


Carbon dioxide is a dense, colorless, odorless gas that does not burn or, normally, 
support combustion. The combination of high density and inertness has led to 
its use for extinguishing fires. Because it is about one-and-a-half times denser 
than air under the same conditions of temperature and pressure, it flows, almost 
like a liquid, until air currents mix it with the gases of the atmosphere. Thus, it is 
effective at fighting floor-level fires but almost useless for fighting fires in ceilings. 
However, carbon dioxide will react with burning metals, such as calcium: 

2 Ca(s) + C0 2 (g) 2 CaO(s) + C(.s) 

The inertness of carbon dioxide is leading to an important use in farming. 
Millions of tonnes of grain are stored until sold. Under such conditions, it is easy 
for the grain to become infested with insects such as the rusty grain beetle. To 
prevent infestation, fumigants such as ethylene dibromide (dibromoethane), 
C 2 H 4 Br 2 ; methyl bromide (bromomethane), CH 3 Br; and phosphine, PH 3 , have 
been used. Ethylene dibromide has been banned because it is carcinogenic to 
mammals and thus presents a health risk. Methyl bromide is being phased out 
because it is an ozone depleter. Insects are developing a resistance to phos¬ 
phine (which is a highly hazardous compound). Carbon dioxide seems to be a 
perfect replacement. Insects cannot live in a carbon dioxide atmosphere, yet 
the compound is innocuous once diluted in air. 

Carbon dioxide is unusual because it has no liquid phase at normal atmo¬ 
spheric pressures. Instead, the solid sublimes directly to the gas phase. To obtain 
the liquid phase at room temperature, a pressure of 6.7 MPa (67 times standard 
atmospheric pressure) must be applied, as shown in the phase diagram in 
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Figure 14.9. Carbon dioxide is usually conveyed in tank cars and cylinders in 
the liquid form. When the pressure is released, some of the liquid carbon dioxide 
vaporizes, but the heat absorbed in the expansion process (overcoming the 
dispersion forces between molecules) is enough to cool the remaining liquid 
below its sublimation point, -78°C at atmospheric pressure. By inverting the 
cylinder and opening the valve, solid carbon dioxide, “dry ice,” can be collected 
in a gauze bag or in a C0 2 “patty maker” at room temperature. 

Carbon dioxide is an important industrial chemical. Each year, over 40 million 
tonnes are used in the United States alone. Half of this quantity is needed as 
a refrigerant, and another 25 percent is used to carbonate soft drinks. It is also 
used as a propellant in some aerosol cans and as a pressurized gas to inflate life 
rafts and life vests. 

There are a number of sources of industrial carbon dioxide, including as a 
by-product in the manufacture of ammonia, molten metals, cement, and from 
sugar fermentation processes. And, of course, we exhaust carbon dioxide into 
the atmosphere during the complete combustion of any carbon-containing 
substance: wood, natural gas, gasoline, and oil. 

In the laboratory, carbon dioxide is most conveniently prepared by adding 
dilute hydrochloric acid to marble chips (chunks of impure calcium carbonate), 
although any dilute acid with a carbonate or hydrogen carbonate can be used 
(for example, Alka-Selzer tablets or baking powder): 

2HC1 (aq) + CaC0 3 (s) -> CaC\ 2 (aq) + H 2 0(Z) + C0 2 (g) 

To identify carbon dioxide, the limewater test is used. In this test, a gas is 
bubbled into a saturated solution of calcium hydroxide. If the gas is carbon 
dioxide, a white precipitate of calcium carbonate forms. Addition of more 
carbon dioxide results in the disappearance of the precipitate as soluble calcium 
hydrogen carbonate forms: 

C0 2 (g) + Ca(OH) 2 (ag) —> CaC0 3 (s) + H 2 0 (/) 

C0 2 (g) + CaCOsOO + H 2 O(0 ^ Ca 2+ (aq) + 2 UCOf(aq ) 

Bond lengths and bond strengths indicate that there are double bonds 
between the carbon and oxygen atoms in the carbon dioxide molecule. We 
would predict this bonding pattern both from an electron-dot representation 
and from simple hybridization theory. On the basis of hybridization theory, 
we assume that a bonds are formed from sp hybrid orbitals. The remaining 
p orbitals, which are at right angles to the bond direction, then overlap to form 
two 7T molecular orbitals (Figure 14.10). 

In aqueous solution, almost all the carbon dioxide is present as C0 2 (aq); 
only 0.37 percent is present as carbonic acid, H 2 C0 3 (aq): 

C0 2 (aq) + H 2 0(/) H 2 C0 3 (aq) 

Carbonic acid is an extremely weak diprotic acid, as can be seen from the p K a 
values corresponding to each of the ionization steps: 

H 2 CO 3 (aq) + H 2 0(/) ^ H s O + (aq) + UCOf (aq) p K al = 6.37 

HC0 3 “(a<7) + H 2 0(/) ^ U 3 0 + (aq) + CO 3 ~{aq) pK a2 = 10.33 



FIGURE 14.9 Phase diagram 
for carbon dioxide. 
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Carbon Dioxide, Supercritical Fluid 


I n a phase diagram, all the lines are continuous except 
one, the liquid-gas curve. This line ends abruptly at a 
particular point known as the critical point. Above the 
critical pressure and temperature, the properties of the 
substance are no longer those of a gas or a liquid but of a 
unique phase known as a supercritical fluid (Figure 14.11). 
For carbon dioxide, the critical pressure is about 7.4 MPa 
(almost 73 times atmospheric pressure) and 30°C. 

When a substance reaches the supercritical state, 
the physical properties of the fluid become intermediate 
between those of a gas and a liquid. The fluid’s solvating 
powers resemble those of a liquid, while its diffusivity and 



FIGURE 14.11 A generic phase diagram illustrating the 
location of the supercritical region (SCF). 


viscosity resemble those of a gas. Further, the solvation 
properties of the fluid, particularly its ability to mimic 
polar or nonpolar solvents, can be altered by changing 
the temperature and pressure. 

A boost to research into supercritical fluids came 
in 1976. At the time, decaffeinated coffee was produced 
using dichloromethane, CH 2 C1 2 , to extract the caffeine. 
However, traces of toxic dichloromethane were found 
to remain in the coffee. Researchers at the Max Planck 
Institute in Germany discovered that supercritical carbon 
dioxide was an excellent solvent for caffeine. In addition, 
the high diffusivity and low viscosity of the supercritical 
fluid enabled the solvent to rapidly penetrate deep into 
the coffee beans, extracting close to 100 percent of the 
caffeine. The majority of decaffeinated coffee is now pro¬ 
duced this way, with one plant in Texas alone processing 
about 25 000 tonnes of coffee beans per year. 

The use of supercritical carbon dioxide as a solvent 
has now become widespread. It is used for the extraction 
of specific components from tobacco (nicotine), hops, 
red peppers, and spices, among many others. The tech¬ 
nique is also being used for the treatment of wastewaters, 
solid wastes, and refinery wastes. Another application is 
in natural products chemistry: the extraction of pharma¬ 
ceuticals from botanicals. Supercritical fluid technology 
has thus become an integral part of industrial chemistry. 


Carbonic acid has recently been It is fortunate for us that the equilibrium lies to the left, not to the right, and 

isolated at low temperature and in that carbonic acid is a weak acid, because it means that carbonation of bever- 
the absence of water. ages will not cause them to become unpleasantly acidic. The high solubility of 

carbon dioxide in water has been explained in terms of carbon dioxide mol¬ 
ecules being trapped inside clusters of hydrogen-bonded water molecules— 
rather like the clathrates (see Chapter 10, Section 10.6) in the solid phase. 

Because it is an acid oxide, carbon dioxide reacts with bases to give carbonates. 
The presence of excess carbon dioxide results in the formation of the hydrogen 
carbonates of the alkali and alkaline earth elements: 

2 KOH(^) + C0 2 (g) ->K 2 CO 3 (fl0) + H 2 0(/) 

K 2 C0 3 (^) + C0 2 (g) + H 2 0(/)^2KHC0 3 (^) 

Dicarbon Tetroxide (1,2-dioxetanedione) 

The most common method of producing phosphorescent light (“glow sticks”) 
involves the formation of the intermediate dicarbon tetroxide (Figure 14.12), 
the dimer of carbon dioxide, known also by its organic chemistry name of 














14.8 Carbonates and Hydrogen Carbonates 


333 


1,2-dioxetanedione. For the production of light, hydrogen peroxide is reacted 
with an organic compound, often bis(2,4,6-trichlorophenyl)oxalate, to give 
trichlorophenol and dicarbon tetroxide. The dicarbon tetroxide then reacts 
with the organic dye, electrons in the dye molecules being raised to an excited 
state (dye*) while the dicarbon tetroxide decomposes to carbon dioxide. The 
electrons in the excited state then return over time to the ground state, releasing 
the energy from the dye in the form of light (phosphorescence): 

C 2 0 A (aq) + dy e(aq) —>2 C0 2 (g) + dy e*(aq) 

dy z*(aq) —»dy e(aq) + hv 

Carbonia 

As we discussed in Chapter 3, Section 3.11, silicon dioxide, commonly called 
silica (mineral name, quartz), forms a single-bonded network covalent crystal 
lattice. Carbon dioxide, however, forms individual molecules with carbon-oxygen 
double bonds, and in Section 14.14, we provide a possible explantion for the 
difference. 

Chemists theorized that if a network covalent version of carbon dioxide could 
be synthesized, it might have the strength of silica but a much lower density. In 
2006 this new allotrope was first formed. The key to its synthesis is not just high 
pressure but also a high enough temperature to provide the energy for bond 
breaking and re-forming. A pressure of 80 GPa and a temperature of 1800 K 
proved to work, and the carbon-based equivalent of silica, named carbonia by 
analogy, was produced. Since then, both crystalline and glassy (amorphous) 
carbonia have been produced. Though carbonia remains stable down to room 
temperature, pressure must be maintained above 1 GPa. Nevertheless, the syn¬ 
thesis of carbonia enables chemists to find a new parallel between the chemistry 
of carbon and that of the other members of Group 14. 


14.8 Carbonates and Hydrogen Carbonates 

Carbonates 

The carbonate ion is very basic in aqueous solution as a result of a hydrolysis 
reaction that gives hydrogen carbonate and hydroxide ion: 

CO 3 2 ~(aq) + H 2 O(0 ^ HC0 3 “(a<?) + OH ~(aq) 

Thus, concentrated solutions of even that “harmless” household substance 
sodium carbonate, commonly called washing soda, should be treated with 
respect (though not fear). 

The carbon-oxygen bonds in the carbonate ion are all the same length 
and are significantly shorter than a single bond. We can consider the bonding 
in terms of a cr framework that is centered on the carbon atom and uses sp 2 
hybrid orbitals. The electron pair in the remaining p orbital of the carbon atom 
can then form a rr bond that is delocalized (shared) over the whole ion (Figure 
14.13). With the tt bond shared three ways, each carbon-oxygen bond would 



FIGURE 14.12 The structure 
of the dicarbon tetroxide, C 2 0 4 , 
molecule. 



FIGURE 14.13 Orbitals involved 
in the it bond in the carbonate ion. 
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FIGURE 14.14 Representation 
of the partial bonds of the 
carbonate ion. 


have a bond order of if. The notation used to represent this bond order is 
shown in Figure 14.14. 

It is interesting to contrast the proposed bonding model for the carbonate 
ion with that of boron trifluoride (see Figure 13.14). In the latter, the lone pairs 
are on the fluorine atoms and it is the central boron atom that possesses the 
empty orbital. 

Most carbonates are insoluble, the exceptions being ammonium carbonate 
and the alkali metal carbonates. The alkali metal carbonates (except that of 
lithium) do not decompose when heated. Lithium carbonate and carbonates of 
other moderately electropositive metals, such as calcium, give the metal oxide 
and carbon dioxide when heated: 

CaC0 3 (s) —CaO(s) + C0 2 (g) 

For the carbonates of weakly electropositive metals, such as silver, the 
metal oxide is itself decomposed by heat. Thus, the final products are the metal, 
carbon dioxide, and oxygen: 

Ag 2 C0 3 (s) Ag 2 0(.v) + C0 2 (g) 

Ag 2 0(i) —^ 2 Ag(y) + \ O 2 (g) 

As is typical of the behavior of the ammonium ion in oxysalts, both the 
anion and the cation of ammonium carbonate decompose when heated; the 
products are ammonia, water, and carbon dioxide: 

(NH 4 ) 2 C0 3 (s) 2 NH 3 (g) + H 2 0(/) + CO 2 (g) 


Hydrogen Carbonates 

As we discussed in Chapter 11, Section 11.12, only the alkali metals (except 
lithium) form solid compounds with the hydrogen carbonate ion, HC0 3 _ , and 
even these decompose to the carbonate when heated: 

2 NaHC0 3 (s) Na 2 C0 3 (s) + H 2 0(Q + C0 2 (g) 

Solutions of lithium and Group 2 metal hydrogen carbonates can be pre- 
^ pared, but even in solution the hydrogen carbonates decompose to carbonates 
when heated. For example, a precipitate is formed when calcium ion is added 
to hydrogen carbonate ion: 

2HC0 3 ~(^) CO 2 ~{aq) + C0 2 (aq) + H 2 0(/) 

CO 2 ~{aq) + Ca 2+ (aq) —»CaC0 3 (s) 



Household water supplies that come from chalk or limestone regions contain 
calcium ion and hydrogen carbonate ion. Heating such water in a hot water tank 
or a kettle precipitates out the calcium carbonate as a solid that is often called 
“scale.” 

Calcium hydrogen carbonate is formed during the dissolution of carbonate 
rocks; the dissolution process creates caves, and the subsequent decomposition 
of the hydrogen carbonate produces stalagmites and stalactites within caves 
(see Chapter 12, Section 12.7): 

CaC0 3 (s) + C0 2 (aq) + H 2 0(/) Ca(HCO 3 ) 2 (fl^) 
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The hydrogen carbonate ion reacts with acids to give carbon dioxide and 
water and with bases to give the carbonate ion: 

HCO f{aq) + H + (aq) ->C0 2 (g) + H 2 0(7) 

HCO 3 ~(aq) + OH ~{aq) -^C0 3 2 ~(aq) + H 2 0(/) 

14.9 Carbon Sulfides 


Carbon forms both a sulfide, CS 2 , of industrial importance and an oxysulfide, 
COS, of environmental significance. 

Carbon Disulfide 

Carbon disulfide is the sulfur analog of carbon dioxide, and it has the same 
linear geometry. The compound is a colorless, highly flammable, low-boiling 
liquid with a pleasant smell when pure, but the commercial grade of the com¬ 
pound usually contains very foul-smelling impurities. It is highly toxic, causing 
damage to the brain and nervous system and, eventually, death. Carbon disulfide 
is prepared industrially by passing methane gas over molten sulfur at about 
700°C, then cooling the products, from which carbon disulfide condenses: 

CH 4 (g) + 4 S (/) CS 2 (g) + 2 H 2 S(g) 

Over 1 million tonnes of this reagent are consumed each year, mainly in 
the production of cellophane and viscose rayon polymers. It is also the starting 
material for the manufacture of carbon tetrachloride. We tend to forget that 
industrial chemistry is rarely the conversion of one naturally occurring sub¬ 
stance directly to some required product. More often, the product is itself only 
a reagent in the production of many other compounds. 

Carbonyl Sulfide 

We are becoming increasingly aware of the complexity of the Earth’s atmo¬ 
sphere and of the role of some inorganic compounds that we have ignored in 
the past as laboratory curiosities without any real-world use. One of these com¬ 
pounds is carbonyl sulfide, written as COS, although its double-bonded structure, 
S=C=0, resembles that of carbon dioxide. Carbonyl sulfide is the most abun¬ 
dant sulfur-containing gas in the global background atmosphere as a result of its 
low chemical reactivity; the total amount is estimated as about 5 X 10 6 tonnes. It 
is the only sulfur-containing gas to penetrate the stratosphere (except when very 
powerful volcanic eruptions directly inject sulfur dioxide into the upper atmo¬ 
sphere). The gas is one of the several sulfur-containing compounds produced by 
soil and marine organisms; another important one is dimethyl sulfide, (CH 3 ) 2 S. 

14.10 Carbon Halides 


Carbon Tetrahalides 

The major divisions of chemistry—inorganic, organic, physical, and analytical— 
are inventions of chemists attempting to organize this vast and continually 
growing science. Yet chemistry does not fit into neat little compartments, and 
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the carbon tetrahalides are compounds that belong to the realms of both 
organic and inorganic chemistry. As a result, they have two sets of names: 
carbon tetrahalides, according to inorganic nomenclature, and tetrahalomethanes, 
according to organic nomenclature. 

All of the tetrahalides contain the carbon atom tetrahedrally coordinated to 
the four halogen atoms. The phases of the tetrahalides at room temperature reflect 
the increasing strength of the intermolecular dispersion forces. Thus, carbon tetra- 
fluoride is a colorless gas; carbon tetrachloride is a dense, almost oily liquid; carbon 
tetrabromide, a pale yellow solid; and carbon tetraiodide, a bright red solid. 

Carbon tetrachloride is an excellent nonpolar solvent. In recent years, the 
discovery of its cancer-causing ability has made it a solvent of last resort. It was 
formerly used as a fire-extinguishing material, particularly where water could 
not be used, for example, around electrical wiring and restaurant deep-fat fryers. 
The liquid vaporizes to form a gas that is five times denser than air, effectively 
blanketing the fire with an inert gas. However, in addition to its carcinogenic 
nature, it does oxidize in the flames of a fire to give the poison gas carbonyl 
chloride, COCl 2 . Carbon tetrachloride is also a greenhouse gas and, in the 
upper atmosphere, a potent ozone destroyer. It is therefore important to minimize 
emissions of this compound from industrial plants. 

The major industrial route for the synthesis of carbon tetrachloride in¬ 
volves the reaction of carbon disulfide with chlorine. In this reaction, iron(III) 
chloride is the catalyst. In the first step, the products are carbon tetrachloride 
and disulfur dichloride. Then at a higher temperature, addition of more carbon 
disulfide produces additional carbon tetrachloride and sulfur. The sulfur can 
be reused in the production of a new batch of carbon disulfide: 

CS 2 (g) + 3 Cl 2 (g) CCl 4 (g) + S 2 Cl 2 (g) 

CS 2 (g) + 2 S 2 Cl 2 (g) CCl 4 (g) + 6 S(.s) 

The reaction between methane and chlorine is also used to produce carbon 
tetrachloride: 

CH 4 (g) + 4 Cl 2 (g) CC1 4 (/) + 4 HCl(g) 

Chlorofluorocarbons 

Thomas Midgley, Jr., a General Motors chemist, in 1928 first synthesized 
dichlorodifluoromethane, CCl 2 F 2 .This discovery was made as part of a search to 
find a good, safe refrigerant material. A refrigerant is a compound that, at room 
temperature, is a gas at low pressures but a liquid at high pressures. Reducing 
the pressure on the liquid causes it to boil and absorb heat from the surround¬ 
ings (such as the inside of a refrigerator). The gas is then conveyed outside the 
cooled container, where it is compressed. Under these conditions, it reliquefies, 
releasing the enthalpy of vaporization to the surroundings as it does so. 

At the time they were discovered, the chlorofluorocarbon family (CFCs), 
also known as freons, appeared to be a chemist’s dream. They were almost com¬ 
pletely unreactive, and they were nontoxic. As a result, they were soon used in 
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air-conditioning systems, as blowing agents for plastic foams, as aerosol propel¬ 
lants, as fire-extinguishing materials, as degreasing agents of electronic circuits, 
and as anesthetics—to name but a few uses. Annual production amounted to 
nearly 700 000 tonnes in the peak years. Their lack of reactivity is partly due 
to the lack of a hydrolysis pathway, but in addition, the high strength of the 
carbon-fluorine bond confers extra protection against oxidation. 

Chlorofluorocarbons have a specialized and arcane naming system: 

1. The first digit represents the number of carbon atoms minus one. For the 
one-carbon CFCs, the zero is eliminated. 

2. The second digit represents the number of hydrogen atoms plus one. 

3. The third digit represents the number of fluorine atoms. 

4. Structural isomers are distinguished by “a,” “b,” and so on. 

Of the simple CFCs, CFC1 3 (CFC-11) and CF 2 C1 2 (CFC-12) were the 
most widely used. It was not until the 1970s that the great stability of these 
compounds—their “best” property—was recognized as a threat to the en¬ 
vironment. The CFCs are so stable that they will remain in the atmosphere 
for hundreds of years. Some of these molecules were diffusing into the upper 
atmosphere (stratosphere), where ultraviolet light cleaved a chlorine atom from 
each of them. The chlorine atom then reacted with ozone molecules in a series of 
steps that can be represented in a simplified and not wholly accurate form as 

ci + o 3 ^o 2 +cio 

ClO^Cl + O 

ci + o 3 ^o 2 +cio 
cio + o^ci + o 2 

The chlorine atom is then free to repeat the cycle time and time again, 
destroying enormous numbers of ozone molecules. Incidentally, these chemi¬ 
cal species are not those that you can find in a chemistry laboratory, but at the 
low pressures existing in the upper atmosphere, even free chlorine and oxygen 
atoms can exist for measurable periods. 

It was in 1987 that an international meeting in Montreal, Canada, developed 
the Montreal Protocol. According to the agreement, CFCs would be phased 
out, in the short term to be replaced by the less harmful HCFCs (hydrochlo- 
rofluorocarbons) and ultimately by nonchlorinated compounds. The search was 
rapidly undertaken to find substitutes for CFCs. This has not been easy, because 
most potential replacements are flammable, toxic, or suffer from some other 
major problem. For example, the most promising alternative to the CFC-12 re¬ 
frigerant is a hydrofluorocarbon (HFC), CF 3 —CH 2 F (HFC-134a). The absence 
of a chlorine atom in its structure means that it cannot wreak havoc in the 
ozone layer. 

Nevertheless, there are three major problems with its widespread adoption. 
First, CFC-12 is manufactured in a simple, one-step process from carbon tetra¬ 
chloride and hydrogen fluoride. The synthesis of HFC-134a, however, requires 
a costly, multistep procedure. Second, existing refrigeration units have to be 
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altered to operate with the new compound. The major reason is that the pres¬ 
sures used to condense HFC-134a are higher than those used with CFC-12.The 
costs of building the chemical factories and of modifying refrigerator pumps 
are a tolerable burden for Western countries but are beyond the means of less 
developed countries. The final problem is that all the fluorocarbon compounds 
are also excellent greenhouse gases; that is, like carbon dioxide, they absorb 
infrared radiation and can contribute to global warming. Thus, we must make 
sure that the CFCs and HFCs are used in closed systems, with zero leakage, and 
with a legal requirement to return the unit to the manufacturer at the end of its 
operating life. The manufacturer will then recycle the fluorocarbon refrigerant. 

The lesson, of course, is clear. Just because a compound is chemically inert 
in the laboratory does not mean that it is harmless. No product of the chemical 
industry can be released into the environment without first considering its impact. 
At the same time, hindsight is a wonderful thing. It is only in recent years that 
we have become aware of the importance of the ozone layer and of the many 
chemical reactions that occur in it (discussed in Chapter 16, Section 16.3). The 
more crucial moral is that research into the chemical cycles in nature must con¬ 
tinue to be funded. If we do not know how the world works at the chemical level, 
then it will be impossible to predict the effect of any human perturbation. 

14.11 Methane 


The simplest compound of carbon and hydrogen is methane, CH 4 , a colorless, 
odorless gas. There are enormous quantities of this gas, commonly called natural 
gas, in underground deposits and in deposits under the seabed (see Chapter 10, 
Section 10.6). Methane is one of the major sources of thermal energy in use 
today because it undergoes an exothermic combustion reaction: 

CH 4 (g) + 2 0 2 (g) C0 2 (g) + 2 H 2 0(g) 

Because methane is undetectable by our basic senses (sight and smell), a strong¬ 
smelling, organic-sulfur-containing compound is added to the gas before it is 
supplied to customers. We can therefore detect any methane leakage by the 
odor of the additive. 

Many scientists are particularly concerned by the rising concentration 
of methane. Although it is only present at the ppb level, compared to ppm 
for carbon dioxide, methane is currently the gas whose concentration in the 
atmosphere is rising most rapidly. The methane molecule absorbs infrared 
wavelengths different from those currently being absorbed by carbon dioxide 
and water vapor, particularly those between 3.4 and 3.5 p,m. There have always 
been traces of methane in the atmosphere as a result of vegetation decay in 
marshes. However, the proportion in the atmosphere has risen drastically over 
the last century. The rise is due in part to the rapid growth in the number of 
cattle and sheep (members of the grazing animals, the ruminants). All ruminants 
produce large quantities of methane in their digestive tracts, and this gas is 
expelled into the atmosphere. In addition, methane is generated in the wet 
soils of paddy fields in which rice is grown. 
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14.12 Cyanides 


Most people are aware of the toxicity of hydrogen cyanide, HCN, and the cyanide 
ion, CN - , yet few realize their industrial importance. In fact, over 1 million tonnes 
of hydrogen cyanide are manufactured each year. There are two modern methods 
of synthesis of hydrogen cyanide. The Degussa process involves the reaction of 
methane with ammonia at high temperature with a platinum catalyst: 

CH 4 (g) + NH 3 (g) Ft/120 °° C > HCN(g) + 3 H 2 (g) 
while the Andrussow process is similar but requires the presence of dioxygen: 
2 CH 4 (g) + 2 NH 3 (g) + 3 0 2 (g) Pt/RhmQ °°^ 2 HCN(g) + 6 H 2 0(g) 

Hydrogen cyanide is a liquid at room temperature as a result of strong 
hydrogen bonding between each hydrogen atom and the nitrogen atom of a 
neighboring molecule. It is extremely toxic, very low concentrations having a 
faint almond-like odor. The liquid is miscible with water to form an extremely 
weak acid: 

HCN(^) + H 2 0(/) ^ H 3 0 + (aq) + CN“(^) 

About 70 percent of hydrogen cyanide is used to produce many important 
polymers, including nylon, melamine, and the family of acrylic plastics. Of 
the remainder, close to 15 percent is converted to sodium cyanide by simple 
neutralization: 

NaOH(^) + HCN(ag) -^NaCN(ag) + H 2 0(7) 

the salt being obtained by crystallization from the solution. The cyanide ion 
is used in the extraction of gold and silver from their ores (see Chapter 20, 
Section 20.9). 

The cyanide ion is isoelectronic with carbon monoxide, and both these 
species react readily with hemoglobin, blocking uptake of dioxygen.The cyanide 
ioninterfereswithenzymeprocessesaswell.Hydrogencyanideitselfispoisonous. 
In the late 1920s many U.S. states introduced poisoning with hydrogen cyanide 
as a method of execution. The gas chamber was a sealed room containing a chair. 
Beneath the chair hung glass containers filled with sodium or potassium cya¬ 
nide. At the warden’s signal, the containers were released by remote control 
into a bath of sulfuric acid. The hydrogen cyanide produced was of high enough 
concentration to cause unconsciousness within seconds and death within five 
minutes. 

2 NaCN(ag) + U 2 S0 4 (aq) ^Na 2 S0 4 (^) + 2 HCN(g) 


14.13 Silicon 


About 27 percent by mass of the Earth’s crust is silicon. However, silicon itself 
is never found in nature as the free element but only in compounds containing 
oxygen-silicon bonds. The element is a gray, metallic-looking, crystalline solid. 
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Although it looks metallic, it is not classified as a metal because it has a low 
electrical conductivity. 

About half a million tonnes per year of silicon are used in the preparation of 
metal alloys. Although alloy manufacture is the major use, silicon plays a crucial 
role in our lives as the semiconductor that enables computers to function. The 
purity level of the silicon used in the electronics industry has to be exceedingly 
high. For example, the presence of only 1 ppb of phosphorus is enough to drop 
the specific resistance of silicon from 150 to 0.1 kITcm. As a result of the expen¬ 
sive purification process, ultrapure electronic-grade silicon sells for over 1000 
times the price of metallurgical grade (98 percent pure) silicon. 

The element is prepared by heating silicon dioxide (quartz) with coke 
at over 2000°C in an electrical furnace similar to that used for the Acheson 
process of calcium carbide synthesis. Liquid silicon (melting point 1400°C) is 
drained from the furnace: 

Si0 2 (s) + 2 C(s) -*->■ Si(/) + 2 CO(g) 

To obtain ultrapure silicon, the crude silicon is heated at 300°C in a current of 
hydrogen chloride gas. The trichlorosilane product, SiHCl 3 , can be distilled and 
redistilled until the impurity levels are below the parts per billion level: 

Si (s) + 3 HCl(g) -a- SiHCl 3 (g) + H 2 (g) 

The reverse reaction is spontaneous at 1000°C, depositing ultrapure silicon. 
The hydrogen chloride can be reused in the first part of the process: 

SiHCl 3 (g) + H 2 (g) Si(.s) + 3 HCl(g) 



Pure Si 

Molten zone 
Very pure Si 


FIGURE 14.15 Zone refining 
method for the purification of 
silicon. 


The ultrapure single crystals needed for solar cells are produced by zone 
refining (Figure 14.15). This process depends on the fact that the impurities 
are more soluble in the liquid phase than in its solid phase. A rod of silicon is 
moved through a high-temperature electric coil that partially melts the sili¬ 
con. As part of the rod moves beyond the coil, the silicon resolidifies; during 
the solidification process, the impurities diffuse into the portion of the rod 
that is still molten. After the entire rod has passed through the coil, the impurity- 
rich top portion can be removed. The procedure can be repeated until the 
desired level of purity (less than 0.1 ppb impurity) is obtained. 

Computing devices can function because the silicon chips have been selec¬ 
tively “doped”; that is, controlled levels of other elements are introduced. If 
traces of a Group 15 element, such as phosphorus, are mixed into the silicon, 
then the extra valence electron of the added element is free to roam through¬ 
out the material. Conversely, doping with a Group 3 element will result in elec¬ 
tron “holes.” These holes act as sinks for electrons. A combination of electron-rich 
and electron-deficient silicon layers makes up the basic electronic circuit. This 
is a somewhat simplified description of how such devices function, and any 
interested reader should consult a text on the physics and technology of semi¬ 
conductors for a more detailed discussion. 

Silicon forms a variety of hydrides analogous to the saturated hydrocarbons, 
such as SiH 4 , Si 2 H 6 , Si 3 H 8 , and Si 4 H 10 (two isomers), and even analogs of the 
cyclic saturated hydrocarbons, such as cyclo- Si 5 H 10 and cyclo- Si 6 H 12 . However, 
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FIGURE 14.16 First step of 
the postulated mechanism of 
hydrolysis of silicon tetrachloride. 


they are very different from the carbon compounds in their reactivity. The 
silanes are explosively flammable in air. In their reactivity, the silanes more 
resemble the boranes (see Chapter 13, Section 13.4). 

The silicon-boron similarities were discussed in the context of the diagonal 
relationship in Chapter 9, Section 9.7. Such a resemblance extends to silicon 
tetrachloride, which, like boron trichloride, is a volatile reactive liquid. Silicon 
tetrachloride reacts violently with water to give silicic acid and hydrogen chloride 
gas in an analogous manner to the reaction of boron trichloride with water 
(see Chapter 13, Section 13.5). 

SiCl 4 (/) + 3 H 2 0(/) ^H 2 SiO 3 00 + 4 HCl(g) 

In fact, we postulate a parallel mechanism for the process (Figure 14.16). 

Again like its boron analog, silicon tetrafluoride is comparatively unreactive. 
Just as boron trifluoride forms an aqueous-stable tetafluoroborate ion, BF 4 _ , 
so silicon tetrafluoride forms the hexafluorosilicate ion, SiF 6 2- . 
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14.14 Silicon Dioxide 


The most common crystalline form of silicon dioxide, Si0 2 , commonly called 
silica, is the mineral quartz. Most sands consist of particles of silica that usu¬ 
ally contain impurities such as iron oxides. Silicon dioxide is very unreactive; it 
reacts only with hydrofluoric acid (or wet fluorine) and molten sodium hydroxide. 
The reaction with hydrofluoric acid is used to etch designs on glass: 

Si0 2 (s) + 6 HF(a<?) ->SiF 6 2 “ (aq) + 2 H + (aq) + 2 H,0(/) 

Si0 2 (s) + 2 NaOH(/) Na 2 Si0 3 (s) + H z O(g) 

Silicon dioxide is mainly used as an optical material. It is hard, strong, and 
transparent to visible and ultraviolet light, and it has a very low coefficient of 
expansion. Thus, lenses constructed from it do not warp as the temperature 
changes. 

Silica Gel 

Silica gel is a hydrated form of silicon dioxide, Si0 2 *xH 2 0. It is used as a desic¬ 
cant (drying agent) in the laboratory and also for keeping electronics and even 
prescription drugs dry. You may have noticed the packets of a grainy material 
enclosed with electronic equipment or the little cylinders placed in some drug 
vials by pharmacists. These enclosures keep the product dry even in humid 
climates. Commercial silica gel contains about 4 percent water by mass, but it 
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will absorb very high numbers of water molecules over the crystal surface. And 
it has the particular advantage that it can be reused after heating for several 
hours; the high temperature drives off the water molecules, enabling the gel to 
function effectively once more. 

Aerogels 

In the 1930s, an American chemist, Samuel Kistler, devised a way of drying wet 
silica gel without causing it to shrink and crack like mud on a dried riverbank. 
At the time, there was little interest in the product. Furthermore, the procedure 
required extremely high pressures, and one laboratory was destroyed by an 
explosion during the preparation of this material. Now, more than 70 years later, 
chemists have discovered new and safer synthetic routes to this rediscovered 
family of materials, called aerogels. The basic aerogel is silicon dioxide in which 
a large number of pores exist—so many, in fact, that 99 percent of an aerogel 
block consists of air. As a result, the material has an extremely low density, 
yet is quite strong. The translucent solid is also an excellent thermal insulator, 
and it promises to be a useful fireproof insulating material. Aerogels also have 
some unique properties. For example, sound travels through aerogels more 
slowly than through any other medium. Chemists have now prepared aerogels 
that incorporate other elements, a technique that enables the chemists to vary 
the characteristics of the aerogels. One type of “kitty litter” is an aerogel. 

Glasses 

Glasses are noncrystalline materials. The cooling of molten glass results in 
an increasingly viscous liquid until it finally becomes infinitely viscous at its 
solidification point without change into an ordered crystalline structure. Glass 
has been used as a material for at least 5000 years. It is difficult to obtain a 
precise figure of current annual production, but it must be about 100 million 
tonnes. 

Almost all glass is silicate glass; it is based on the three-dimensional network 
of silicon dioxide. Quartz glass is made simply by heating pure silicon dioxide 
above 2000°C and then pouring the viscous liquid into molds. The product has 
great strength and low thermal expansion, and it is highly transparent in the 
ultraviolet region. However, the high melting point precludes the use of quartz 
glass for most everyday glassware. 

The properties of the glass can be altered by mixing in other oxides. 
The compositions of three common glasses are shown in Table 14.5. About 
90 percent of glass used today is soda-lime glass. It has a low melting point, 
so it is very easy to form soda-lime glass into containers, such as soft-drink 
bottles. In the chemistry laboratory, we need a glass that will not crack from 
thermal stress when heated; borosilicate glass (discussed in Chapter 13, 
Section 13.2) is used for this purpose. Lead glasses have a high refractive 
index; as a result, cut glass surfaces sparkle like gemstones, and these glasses 
are used for fine glassware. The element lead is a strong absorber of radiation; 
hence, a very different use for lead glass is in radiation shields, such as those 
over cathode ray tubes. 
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TABLE 14.5 

Approximate compositions of common glasses 


Component 


Composition (%) 


Soda-lime glass 

Borosilicate glass 

Lead glass 

Si0 2 

73 

81 

60 

CaO 

11 

— 

— 

PbO 

— 

— 

24 

Na 2 0 

13 

5 

1 

k 2 o 

1 

— 

15 

b 2 o 3 

— 

11 

— 

Other 

2 

3 

>1 


14.15 Silicates 


About 95 percent of the rocks of the Earth’s crust are silicates, and there is a 
tremendous variety of silicate minerals. The simplest silicate ion has the for¬ 
mula Si0 4 4- ; zirconium silicate, ZrSi0 4 , the gemstone zircon, being one of the 
few minerals to contain this ion. Silicates are generally very insoluble, as one 
might expect of rocks that have resisted rain for millions of years. The one 
common exception is sodium silicate, which can be prepared by reacting solid 
silicon dioxide with molten sodium carbonate: 

Si0 2 (s) + 2 Na 2 C0 3 (/) —^ Na 4 Si0 4 (.v) + 2 C0 2 (g) 

A concentrated solution of sodium (ortho)silicate is called water glass, and 
it is extremely basic as a result of hydrolysis reactions of the silicate anion. 
Before modern refrigeration became available, the water glass solution was 
used to preserve eggs, the soft porous shell of calcium carbonate being replaced 
by a tough, impervious layer of calcium silicate that seals in the egg contents: 

2 CaC0 3 (s) + Si0 4 4_ («g) —» Ca 2 Si0 4 (s) + 2 CO 3 * 2 * ~(aq) 


Now the sodium silicate solution is used in the “crystal garden” toy. Addition 
of crystals of colored transition metal salts results in the formation of the 
appropriate insoluble silicate. For example, adding a crystal of nickel(II) chloride 
gives a large green “plume” of nickel(II) silicate: 

2 NiCl 2 (s) + Si0 4 4 "(fl^) ->Ni 2 Si0 4 (s) + 2 C\~(aq) 

This is not the total extent of silicate chemistry. Oxygen atoms can be shared 
by different silicon atoms. To show these different structures, silicate chemists 
depict the units in a manner different from that used in conventional molecular 
geometry. We can illustrate the approach with the silicate ion itself. Most chemists 
look at an ion from the side, a perspective giving the arrangement depicted in 
Figure 14.17a. Silicate chemists look down on a silicate ion, sighting along the 

axis of a Si—O bond (Figure 14.17Z?).The corner spheres represent three of the 
oxygen atoms, the central black dot represents the silicon atom, and the circle 




OO -Si 
(a) (b) 

FIGURE 14.17 Depiction of the 
tetrahedral shape of the silicate 
ion in the conventional (a) and 
silicate chemistry (b) forms. 
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FIGURE 14.18 Depiction of the 
Si 2 0 7 6- ion. 



FIGURE 14.19 Depiction of a section of the SfiOn 6 repeating double chain. 


around the black dot represents the oxygen atom vertically above it. Instead of 
covalent bonds, the edges of the tetrahedron are marked with solid lines. 

When a small amount of acid is added to the (ortho)silicate ion, the pyro- 
silicate ion, Si 2 0 7 6 ~, is formed: 

2 Si0 4 4 ~ (aq) + 2 YL + (aq) —> Si 2 Oj 6 ~(aq) + H 2 0(/) 

In the pyrosilicate ion, the two silicate ions are linked together by one shared 
oxygen atom (Figure 14.18). This ion is itself not of great importance. However, 
these silicate units can join to form long chains, and they can cross-link to form 
a double chain. A polymeric structure with an empirical formula of Si 4 O n 6- 
is formed in this way (Figure 14.19). The double chain is an important struc¬ 
ture, and it gives rise to a whole family of minerals called the amphiboles. The 
cations that are packed in among these chains determine the identity of the 
mineral formed. For example, Na 2 Fe 5 (Si 4 On) 2 (OH) 2 is the mineral crocidolite, 
more commonly known as blue asbestos. 

The double chains of silicate units can link side by side to give sheets 
of empirical formula Si 2 0 5 2- (Figure 14.20). One of the sheet silicates is 
Mg 3 (Si 2 0 5 )(0H) 4 , chrysotile. This compound, also known as white asbestos, 
has alternating layers of silicate ions and hydroxide ions, with magnesium ions 
filling in available holes. Asbestos has been used for thousands of years. For 
example, the ancient Greeks used it as wicks for their lamps, and the European 
king Charlemagne astounded his guests in about a.d. 800 by throwing his dirty 
asbestos tablecloth into a fire and retrieving it unburned and clean. The use of 
asbestos is declining rapidly now that we are aware of the health risks from 
embedded asbestos fibers on the lung surface. 

Very few nonchemists realize that there are two common forms of this 
fibrous mineral and that they have very different chemical structures and 
different degrees of hazard. In fact, about 95 percent of asbestos currently 
used is the less harmful white asbestos, and only about 5 percent is the more 
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dangerous blue asbestos. Asbestos is a very convenient and 
inexpensive fireproof material, and it has been extremely 
difficult for chemists to find hazard-free replacements for 
all 3000 uses of asbestos. In fact, there is still a significant 
consumption of asbestos for products such as brake linings, 
engine gaskets, and even as a filter material for wine. 

It is fascinating how minor changes in structure can cause 
major changes in properties. If, instead of alternating layers 
of magnesium silicate and magnesium hydroxide, we have a 
layer of hydroxide ions sandwiched between pairs of layers of 
silicate ions, we get a different formula, Mg 3 (Si 2 0 5 ) 2 ( 0 H) 2 , and a 
different name, talc (Figure 14.21). Because each sandwich is 
electrically neutral, it is almost as slippery as graphite (but white 
instead of black). Talc is used on a very large scale—about 
8 million tonnes worldwide—for ceramics, fine paper, paint, 
and the cosmetic product talcum powder. 
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FIGURE 14.21 The layer 
structures of [a) white asbestos 
and (b) talc. 


At first thought, one might consider that aluminum, a metal, and silicon, a 
semimetal/ nonmetal, have little in common. However, in a large number of mineral 
structures aluminum partially replaces silicon. This should not be too surprising, 
for as we showed in Chapter 9, Table 9.21, aluminum and silicon fit in similar-size 
cation lattice sites. Of course, this is presuming the bonding is ionic. In fact, it is 
equally valid—and often more useful—to look at these compounds as charged 
polymeric covalent clusters with cations fitting in the lattice interstices. 
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The large range of aluminosilicates is actually derived from the basic silicon 
dioxide structure of a three-dimensional array of Si0 4 units linked by the corner 
oxygen atoms. In silicon dioxide, the structure will be neutral. Then Al 3+ is sub¬ 
stituted for Si 4+ ; the lattice acquires one net negative charge for every replace¬ 
ment. For example, replacement of one-fourth of the silicon atoms by aluminum 
results in an anion of empirical formula [AlSi 3 0 8 ] _ ; replacement of one-half 
of the silicon atoms gives the formula [Al 2 Si 2 0 8 ] 2_ . The charge is counter¬ 
balanced by Group 1 or 2 cations. This particular family of minerals comprises the 
feldspars, components of granite. Typical examples are orthoclase, K[AlSi 3 0 8 ], 
and anorthite, Ca[Al 2 Si 2 0 8 ]. 

Zeolites 

One three-dimensional aluminosilicate structure has open channels through¬ 
out the network. Compounds with this structure are known as zeolites, and 
their industrial importance is skyrocketing. A number of zeolites exist in 
nature, but chemists have mounted a massive search for zeolites with novel 
cavities throughout their structures. 

There are four major uses for zeolites: 

1. Zeolites are used as ion exchangers. If “hard” water (water high in calcium 
and magnesium ion concentration) is passed through a column containing 
pellets of a sodium ion zeolite, the Group 2 ions push out the sodium ions. 
The “soft” water emerging from the column requires less detergent for wash¬ 
ing purposes and produces less solid deposit (scum) when soap is used. When 
the cation sites have been fully exchanged, passage of a saturated salt solu¬ 
tion through the column pushes out the alkaline earth metal ions by a process 
based on the Le Chatelier principle. 

2. Zeolites can act as adsorption agents. The pores in a zeolite are just about 
the right size for holding small covalent molecules, so one major application 
is the use of zeolite to dry organic liquids. The water molecule is small enough 
to fit into a cavity of the zeolite, so it remains in the zeolite, which has effec¬ 
tively “dried” the organic liquid. Strong heating of the “wet” zeolite causes 
expulsion of the water, so the zeolite can be used again. Use of a zeolite with 
a particular pore size can make the process quite specific for the removal of 
certain molecules. These zeolites are called molecular sieves. For example, the 
zeolite of formula Na 12 [(A10 2 ) 12 (Si0 2 ) 12 ]-xH 2 0 has pores that are 400 pm in 
diameter; pores of this size can accommodate small molecules. The zeolite of 
formula Na 86 [(AlO 2 ) 86 (SiO 2 ) 10 6]*TH 2 O has holes that are 800 pm in diameter 
and can accommodate larger molecules. 

3. Zeolites can be used for gas separation. Zeolites are very selective in their 
absorption of gases. In particular, they have a total preference for dinitrogen 
over dioxygen; 1 L of a typical zeolite contains about 5 L of nitrogen gas. This 
gas is released when the zeolite is heated. The selective absorption of dinitrogen 
makes zeolites of great use in the inexpensive separation of the two major 
components of the atmosphere. For example, a major cost in sewage treatment 
and steelworks has been the provision of oxygen-enriched air. Traditionally, 
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the only route to oxygen enrichment was liquefying the air and distilling the 
components. Now, by cycling air through beds of zeolites, the components can 
be separated inexpensively. 

Why is dinitrogen selectively absorbed? After all, both dioxygen and 
dinitrogen are nonpolar molecules of about the same size. To answer this ques¬ 
tion, we have to look at the atomic nuclei rather than at the electrons. Nuclei 
can be spherical or ellipsoidal. If they are ellipsoidal (football shaped), like odd- 
odd nitrogen-14, then the nuclei possess an unevenly distributed nuclear charge, 
known as an electric quadrupole moment. Even-even oxygen-16, however, con¬ 
tains spherical nuclei and thus does not have an electric quadrupole moment. 
The interior of a zeolite cavity contains an extremely high electric charge, which 
attracts nuclei with electric quadrupole moments, such as those in the dinitrogen 
molecule. The effect is much smaller than the electron dipole moment and, apart 
from this instance, is of little importance in terms of chemical properties. 


4. Zeolites are vital as industrial catalysts. The modern oil industry depends 
on zeolites. Crude oil from the ground does not meet many of our modern 
requirements. It has a high proportion of long-chain molecules, whereas the 
fuels we need are short-chain molecules with low boiling points. Furthermore, 
the long-chain molecules in crude oil have straight chains, which is fine for 
diesel engines, but the gasoline engine needs branched-chain molecules for 
optimum performance. Zeolite catalysts can, under specific conditions, convert 
straight-chain molecules to branched-chain isomers. The cavities in the zeolite 
structure act as molecular templates, rearranging the molecular structure to 
match the cavity shape. In addition to the oil industry, several industrial organic 
syntheses employ zeolite catalysts to convert a starting material to a very specific 
product. Such “clean” reactions are rare in conventional organic chemistry; in 
fact, side reactions giving unwanted products are very common. 

One of the most important catalysts is Na3[(A10 2 ) 3 (Si0 2 )]*xH 2 0, commonly 
called ZSM-5. This compound does not occur in nature; it was first synthesized 
by research chemists at Mobil Oil. It is higher in aluminum than most naturally 
occurring zeolites, and its ability to function depends on the high acidity of 
water molecules bound to the high-charge-density aluminum ions (Figure 
14.22). In fact, the hydrogen in ZSM-5 is as strong a Brpnsted-Lowry acid as 
that in sulfuric acid. 

The zeolite ZSM-5 catalyzes reactions by admitting molecules of the 
appropriate size and shape into its pores and then acting as a strong Brpnsted- 
Lowry acid. This process can be illustrated by the synthesis of ethylbenzene, 
an important organic reagent, from ethene, C 2 H 4 , and benzene, C 6 H 6 . It is 
believed that the ethene is protonated within the zeolite: 

H 2 C=CH 2 (g) + H 2 0—A1 + —(zeolite) (s) -> 

H 3 C—CH 2 + (g) + HO—A1—(zeolite) (s) 


— O — Si — O — H 
O 

— O — Al + 

O 

— O — Si — O — H 

o 

FIGURE 14.22 Acidic hydrogen 
on the surface of zeolite ZSM-5. 



The carbocation can then attack a benzene molecule to give ethylbenzene: 

H 3 C CH 2 + (g) + C 6 H 6 (g) + HO—Al—(zeolite)(j) -> 

C 6 H 5 —CH 2 — CH 3 (g) + H 2 0—A1 + —(zeolite)^) 
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Ceramics 

The term ceramics describes nonmetallic, inorganic compounds that are prepared 
by high-temperature treatment. The properties of ceramic materials are a 
function not only of their chemical composition but also of the conditions of 
their synthesis. Typically, the components are finely ground and mixed to a 
paste with water. The paste is then formed into the desired shape and heated 
to about 900°C. At these temperatures, all the water molecules are lost, and 
numerous high-temperature chemical reactions occur. In particular, long needle 
crystals of mullite, Al 6 Si 2 0 13 , are formed. These make a major contribution to 
the strength of the ceramic material. 

Conventional ceramics are made from a combination of quartz with two- 
dimensional silicates (clays) and three-dimensional silicates (feldspars). Thus, 
a stoneware used for household plates will have a composition of about 
45 percent clay, 20 percent feldspar, and 35 percent quartz. By contrast, a dental 
ceramic for tooth caps is made from about 80 percent feldspar, 15 percent clay, 
and 5 percent quartz. 

The major interest today, however, is in nontraditional ceramics, particularly 
metal oxides. To form a solid ceramic, the microcrystalline powder is heated to 
just below its melting point, sometimes under pressure as well. Under these 
conditions, bonding between the crystal surfaces occurs, a process known as 
sintering. Aluminum oxide is a typical example. Aluminum oxide ceramic is 
used as an insulator in automobile spark plugs and as a replacement for bone 
tissue, such as in artificial hips. The most widely used non-oxide ceramic, silicon 
carbide, was discussed in Section 14.5. 

As the search for new materials intensifies, boundaries between compound 
classifications are disappearing. Cermets are materials containing cemented 
grains of metals and ceramic compounds; glassy ceramics are glasses in which 
a carefully controlled proportion of crystals has been grown. Two examples of 
compounds that can be formed into glassy ceramics are lithium aluminum silicate, 
Li 2 Al 2 Si 4 Oi 2 , and magnesium aluminum silicate, Mg 2 Al 4 Si 5 0 18 . These materials 
are nonporous and are known for their extreme resistance to thermal shock. That 
is, they can be heated to red heat and then be plunged into cold water without 
shattering. The major use of this material is in cooking utensils and heat-resistant 
cooking surfaces. Many of these glassy ceramics are produced by Corning. 

Another use for glassy ceramics is in saving lives. Flying food and sup¬ 
plies into troubled parts of the world has been very hazardous for the flight 
crews. Their low-flying aircraft are easy targets for small-arms ground 
fire. In the past, all the crew had for protection was relatively ineffective 
titanium sheets under their seats. The U.S. and British air forces have now 
equipped some of their Hercules aircraft with glass ceramic tiles underneath 
and around the flight deck. A high-velocity round hitting the ceramic layer 
breaks into fragments as it plows into the glassy ceramic, losing most of 
its kinetic energy in the process. This low-mass, low-cost material has the 
potential to enable emergency agencies to bring food into war-ravaged 
areas much more safely. 
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Silicones, more correctly called polysiloxanes, constitute an enormous 
family of polymers, and they all contain a chain of alternating 
silicon and oxygen atoms. Attached to the silicon atoms are pairs of 
organic groups, such as the methyl group, CH 3 . The structure of 
this simplest silicone is shown in Figure 14.23, where the number 
of repeating units, n, is very large. To synthesize this compound, 
chloromethane, CH 3 C1, is passed over a copper-silicon alloy at 300°C. 
A mixture of compounds is produced, including (CH 3 ) 2 SiCl 2 : 

2 CH 3 C1 (g) + Si(i) (CH 3 ) 2 SiCl 2 (/) 

Water is added, causing hydrolysis: 


CH 3 

ch 3 —Si—o 


ch 3 

— Si — o 


ch 3 

— Si — ch 3 


ch 3 l ch 3 J n ch 3 

FIGURE 14.23 Structure of the 
simplest silicone, catena-poly- 
[(dimethylsilicon)-|m-oxo]. The 
number of repeating units, n, is 
very large. 


(CH 3 ) 2 SiCl 2 (/) + 2 H 2 0(/) (CH 3 ) 2 Si(OH) 2 (/) + 2 HCl(g) 


The hydroxo compound then polymerizes, with loss of water: 
n (CH 3 ) 2 Si(OH) 2 (/) [ O Si(CH 3 ) 2 ]„(/) + H 2 0(/) 


Silicones are used for a wide variety of purposes. The liquid silicones are 
more stable than hydrocarbon oils. In addition, their viscosity changes little 
with temperature, whereas the viscosity of hydrocarbon oils changes dramati¬ 
cally with temperature. Thus, silicones are used as lubricants and wherever 
inert fluids are needed, for example, in hydraulic braking systems. Silicones are 
very hydrophobic (nonwetting); hence, they are used in water-repellent sprays 
for shoes and other items. 

By the cross-linking of chains, silicone rubbers can be produced. Like the 
silicone oils, the rubbers show great stability to high temperature and to chemical 
attack. Their multitudinous uses include the face-fitting edges for snorkel and 
scuba masks. The rubbers also are very useful in medical applications, such as 
transfusion tubes. However, silicone gels have attained notoriety in their role 
as a breast implant material. While sealed in a polymer sack, they are believed 
to be harmless. The major problem arises when the container walls leak or 
break. The silicone gel can then diffuse into surrounding tissues. The chemical 
inertness of silicones turns from a benefit to a problem, because the body 
has no mechanism for breaking down the polymer molecules. Many medical 
personnel believe that these alien gel fragments trigger the immune system, 
thereby causing a number of medical problems. 

The advantages of the silicone polymers over carbon-based polymers result 
from several factors. First, the silicon-oxygen bond in the backbone of the 
molecule is stronger than the carbon-carbon bond in the organic polymers 
(452 kJ*mol _1 compared to about 346 kJ*mol _1 ), making the silicon-based 
polymers more resistant to oxidation at high temperatures. It is for this reason 
that high-temperature oil baths always utilize silicone oils, not hydrocarbon 
oils. The absence of substituents on the oxygen atoms in the chain and the 
wider bond angle (Si—O—Si is 143° compared with 109° for C—C—C) results 
in the greater flexibility of a silicone polymer. 
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Inorganic Polymers 


S eeing how many types of organic polymers are 
known, why are there not at least as many inorganic 
polymers? This is a very good question. First of all, the 
element(s) that constitute the backbone of the polymer 
must show a tendency to catenate; that is, they must 
readily form chains. And to be useful, the chains must be 
stable in the presence of atmospheric oxygen. Second, at 
least one of the backbone elements must form more than 
two covalent bonds; otherwise, side-chain substituents 
would not be possible. It is the variations in side-chain 
substituents that enables synthetic chemists to “fine- 
tune” the properties of a polymer to match the needs of 
a particular application. 

Organic polymer chemistry is a well-established 
branch of chemistry, but the study of inorganic polymers 
is still in its infancy. A major reason is the lack of equiva¬ 
lent synthetic pathways to that of organic chemistry. Many 
organic polymers are synthesized by taking multiple- 
bonded monomers and linking them. Multiple-bonded 
inorganic compounds are much harder to synthesize than 
alkenes and alkynes. As a result, different synthetic routes 
have had to be devised and more routes are still needed. 

As a result of the synthetic difficulties, until recently, 
there were only three well-developed families of inorganic 
polymers: the polysiloxanes (silicones), the polyphospha- 
zenes, and the polysilanes. Figure 14.24 shows the repeat¬ 
ing units of the polysiloxanes and the polyphosphazenes. 
Notice that, by using the phosphorus-nitrogen combina¬ 
tion instead of silicon-oxygen, the two series are isoelec- 
tronic. However, the bonding is different. Silicon forms 
four single bonds and oxygen two (with two lone pairs), 
whereas phosphorus forms five single bonds and nitrogen 
three (with one lone pair). Thus, the phosphazines have 


R 


■Si — O- 


R 


P = N 


R 


R 


(a) ( b) 

FIGURE 14.24 The repeating units of (a) the polysiloxanes 
and (b) the polyphosphazenes. 


alternating double bonds along the chain length. Like the 
polysiloxanes, the polyphosphazene polymers are flex¬ 
ible polymers (elastomers) that are superior to organic 
polymers in their resistance to degradation. As a result, 
polyphosphazenes are used in aerospace and automobile 
applications. 

The polysilanes, consisting simply of repeating 
(—SiR 2 —) m belong to a different family, that of the 
Group 14 polymers. In fact, all of the Group 14 elements 
form simple polymer chains; thus, there are also poly- 
germanes (—GeR 2 —) n and polystannanes (—SnR 2 —) n . 
Polystannanes are unique in having a backbone solely of 
metal atoms. It is the polysilanes that have proved the 
most interesting. Unlike the carbon-based polymers, the 
electrons in the silicon backbone are delocalized along 
the chain. As a result, polysilanes are photosensitive and 
have potential as electrically conducting polymers. 

Among the new polymers being studied are those in¬ 
volving three different elements in their backbone, particu¬ 
larly sulfur, nitrogen, and phosphorus. Another bi-element 
polymer field is that of the boron-nitrogen polymers. As 
we mentioned in Chapter 9, Section 9.11, “combo” ele¬ 
ments provide interesting parallels with the element they 
mimic—in this case, carbon. For example, the polyimino- 
borane shown in Figure 14.25a has been prepared. This is 
analogous in structure to polyacetylene (Figure 14.25b). 
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( b ) 


FIGURE 14.25 The repeating units of (a) the polyimino- 
boranes and (b) polyacetylene. 

Although most interest is in the polymers themselves, 
they are also seen as routes to ceramic materials through 
pyrolysis at very high temperatures. Thus, a shape can 
be molded in the polymer, the polymer heated, and the 
side chains vaporized, with the backbone ceramic retaining 
the shape of the object. For example, heating polyborazine 
(—B3N3H4 —) n results in high-purity boron nitride (BN). 
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14.18 Tin and Lead 


Tin and lead exist in two oxidation states, +4 and +2. It is possible to explain 
the existence of the +2 oxidation state in terms of the inert-pair effect, as we 
did for the +1 oxidation state of thallium in Chapter 9, Section 9.8. The forma¬ 
tion of ions of these metals is rare. Tin and lead compounds in which the metals 
are in the +4 oxidation state are covalent, except for a few solid-phase 
compounds. ^ 

Even when in the +2 oxidation state, tin generally forms covalent f 
bonds, with ionic bonds only being present in compounds in the solid phase. 

Lead, on the other hand, forms the 2+ ion in solid and in solution, with 
the +4 state being strongly oxidizing, as the comparative Frost diagram 
(Figure 14.26) illustrates. Table 14.6 shows that the charge density for Pb 2+ 
is relatively low, whereas that for 4+ ions is extremely high—high enough 
to cause the formation of covalent bonds with all but the least polarizable 
anion, fluoride. 


TABLE T4.6 


Charge densities of lead ions 


Ion 


Charge density (C-mm 3 ) 


Pb 2+ 32 

Pb 4+ 196 


Tin 

Tin forms two common allotropes: the shiny metallic allotrope, which is thermo¬ 
dynamically stable above 13°C, and the gray, nonmetallic diamond-structure 
allotrope, which is stable below that temperature. The change at low temperatures 
to microcrystals of the gray allotrope is slow at first but accelerates rapidly. This 
transition is a particular problem in poorly heated museums, where priceless 
historical artifacts can crumble into a pile of tin powder. The effect can spread 
from one object to another in contact with it, and this lifelike behavior has been 
referred to as “tin plague” or “museum disease.” The soldiers of Napoleon’s 
army had tin buttons fastening their clothes, and they used tin cooking utensils. 
It is believed by some that, during the bitterly cold winter invasion of Russia, 
the crumbling of buttons, plates, and pans contributed to the low morale and 
hence to the ultimate defeat of the French troops. 

The existence of both a metallic and a nonmetallic allotrope identifies tin 
as a real “borderline” or weak metal. Tin is also amphoteric, another of its 
weak metallic properties. Thus, tin(II) oxide reacts with acid to give (covalent) 
tin(II) salts and with bases to form the stannite ion, [Sn(OH) 3 ]“ 

SnO (s) + 2 YLC\(aq) —> SnC\ 2 (aq) + H 2 0(Z) 

SnO(s) + NaOH(^) + H 2 0(Z) ^Na + (aq) + [Sn(OH) 3 ]“(^) 



_7 _I_I_I_I_L 

+ 4+2 0 -2 - 

Oxidation state 

FIGURE 14.26 Frost diagram 
for tin and lead. 
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Lead 

Lead, the more economically important of the two metals, is a soft, gray-black, 
dense solid found almost exclusively as lead(II) sulfide, the mineral galena. To 
obtain metallic lead, lead(II) sulfide is heated with air to oxidize the sulfide 
ions to sulfur dioxide. The lead(II) oxide can then be reduced with coke to 
lead metal: 

2 PbS(s) + 3 0 2 (g) 2 PbO(s) + 2 S0 2 (g) 

PbOO) + CO) -*-> Pb<7) + CO(g) 

Two major environmental concerns arise in connection with this lead 
extraction process. First, the sulfur dioxide produced contributes to atmo¬ 
spheric pollution unless it is utilized in another process; second, lead dust 
must not be permitted to escape during the smelting. Lead is highly toxic, so 
the best solution is to recycle the metal. At the present time, close to half of 
the 6 million tonnes of lead used annually come from recycling. The aim must 
be to increase this proportion substantially. In particular, it would help if 
all defunct lead-acid batteries were returned for disassembly and reuse of 
the lead contained in them. Of course, such a move would have a negative 
economic effect as the result of a decline in employment in the lead-mining 
industry. There would, however, be an increase in employment in the labor- 
intensive recycling and reprocessing sector. 


14.19 Tin and Lead Oxides 


The oxides of the heavier members of Group 14 can be regarded as ionic solids. 
Tin(IV) oxide, Sn0 2 , is the stable oxide of tin, whereas lead(II) oxide, PbO, 
is the stable oxide of lead. Lead(II) oxide exists in two crystalline forms, one 
yellow (massicot) and the other red (litharge). There is also a mixed oxide of 
lead, Pb 3 0 4 (red lead), which behaves chemically as Pb0 2 *2Pb0; hence, its sys¬ 
tematic name is lead(II) lead(IV) oxide. The chocolate brown lead(IV) oxide, 
Pb0 2 , is quite stable, and it is a good oxidizing agent. 

Tin(IV) oxide is incorporated in glazes used in the ceramics industry. 
About 3500 tonnes are used annually for this purpose. The consumption 
of lead(II) oxide is much higher, of the order of 250 000 tonnes annually, 
because it is used to make lead glass and for the production of the electrode 
surfaces in lead-acid batteries. In these batteries, both electrodes are formed by 
pressing lead(II) oxide into a frame of lead metal. The cathode is formed 
by oxidizing lead(II) oxide to lead(IV) oxide, and the anode is produced 
by reducing lead(II) oxide to lead metal. The electric current arises when 
lead(IV) oxide is reduced to insoluble lead(II) sulfate in the sulfuric acid 
electrolyte while the lead metal is oxidized to lead(II) sulfate on the other 
electrode: 

Pb0 2 (s) + 4 H + (aq) + S0 4 2 “(fl<?) + 2e" ->FbS0 4 (s) + 2 H 2 0(/) 

Pb<» + S0 4 2 ~(ag) —>PbSO 4 0) + 2 e“ 
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These two half-reactions are reversible. Hence, the battery can be recharged 
by applying an electric current in the reverse direction. In spite of a tremendous 
quantity of research, it has been very difficult to develop a low-cost, lead-free, 
heavy-duty battery that can perform as well as the lead-acid battery. 

Red lead, Pb 3 0 4 , has been used on a large scale as a rust-resistant surface 
coating for iron and steel. Mixed metal oxides, such as calcium lead(IV) oxide, 
CaPb0 3 , are now being used as an even more effective protection against salt 
water for steel structures. The structure of CaPb0 3 is discussed in Chapter 16, 
Section 16.6. 

As mentioned in Section 14.18, the lead(IV) ion is too polarizing to exist in 
aqueous solution. Oxygen can often be used to stabilize the highest oxidation 
number of an element, and this phenomenon is true for lead. Lead(IV) oxide is 
an insoluble solid in which the Pb 4+ ions are stabilized in the lattice by the high 
lattice energy. Even then, one can argue that there is considerable covalent 
character in the structure. Addition of an acid, such as nitric acid, gives immediate 
reduction to the lead(II) ion and the production of oxygen gas: 

2 PbO 2 0) + 4 HN0 3 (^) —>2 Pb(N0 3 ) 2 (ag) + 2 H 2 0(/) + 0 2 (g) 

In the cold, lead(IV) oxide undergoes a double-replacement reaction with 
concentrated hydrochloric acid to give covalently bonded lead(IV) chloride. 
When warmed, the unstable lead(IV) chloride decomposes to give lead(II) 
chloride and chlorine gas: 

PbO 2 0) + 4 HCl(ag) —> PbCl 4 (ag) + 2 H 2 0(Z) 

FbC\ 4 (aq) —» PbCl 2 (s) + Cl 2 (g) 

14.20 Tin and Lead Halides 


Tin(IV) chloride is a typical covalent metal chloride. It is an oily liquid that 
fumes in moist air to give a gelatinous tin(IV) hydroxide, which we represent 
as Sn(OH) 4 (although it is actually more of a hydrated oxide) and hydrogen 
chloride gas: 

SnCl 4 (/) + 4 H 2 0(/) ->Sn(OH) 4 (s) + 4 HCl(g) 

Like so many compounds, tin(IV) chloride has a small but important role in 
our lives. The vapor of this compound is applied to freshly formed glass, where 
it reacts with water molecules on the glass surface to form a layer of tin(IV) 
oxide. This very thin layer substantially improves the strength of the glass, a 
property particularly important in eyeglasses. A thicker coating of tin(IV) 
oxide acts as an electrically conducting layer. Aircraft cockpit windows use 
such a coating. An electric current is applied across the conducting glass surface, 
and the resistive heat that is generated prevents frost formation when the aircraft 
descends from the cold upper atmosphere. 

Lead(IV) chloride is a yellow oil that, like its tin analog, decomposes in the 
presence of moisture and explodes when heated. Lead(IV) bromide and iodide 
do not exist, because the oxidation potential of these two halogens is sufficient 
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to reduce lead(IV) to lead(II). The lead(II) chloride, bromide, and iodide are 
all water-insoluble solids. Bright yellow crystals of lead(II) iodide are formed 
when colorless solutions of lead(II) ion and iodide ion are mixed: 

Pb 2+ (aq) + 2 V{aq) ^Pbl 2 (s) 

Addition of a large excess of iodide ion causes the precipitate to dissolve, form- 
^ ing a solution of the tetraiodoplumbate(II) ion: 

Pbl 2 (s) + 2 V{aq) ^ [Pbl 4 f~(aq) 


14.21 Tetraethyllead 


The less electropositive (more weakly metallic) metals form an extensive range 
of compounds containing metal-carbon bonds. The metal-carbon compound 
that has been produced on the largest scale is tetraethyllead, Pb(C 2 H 5 ) 4 , known 
as TEL. Tetraethyllead is a stable compound that has a low boiling point and 
at one time was produced on a vast scale as a gasoline additive. One method of 
synthesis involves the reaction of a sodium-lead alloy with chloroethane (ethyl 
chloride): 

4 NaPb(s) + 4 C 2 H 5 C1(7) highP/ ^ Pb(Q,H 5 ) 4 (/) + 3 Pb(s) + 4 NaCl(s) 

In a gasoline engine, a spark is used to ignite the mixture of fuel and air. 
However, straight-chain hydrocarbons will burn simply when compressed with 
air—the mode of operation of a diesel engine. This reactivity is responsible for 
the phenomenon of premature ignition (commonly called knocking or ping¬ 
ing), and in addition to making the engine sound as if it is about to fall apart, 
it can cause severe damage. Branched-chain molecules, however, because of 
their kinetic inertness, require a spark to initiate combustion (Figure 14.27). 

The measure of the proportion of branched-chain molecules in gasoline is 
the octane rating; the higher the proportion of branched-chain molecules, the 
higher the octane rating of the fuel. With the demand for higher-performance, 
higher-compression engines, the need for higher-octane-rated gasoline became 
acute. The addition of TEL to low-octane-rated gasoline increases the octane 
rating; that is, it prevents premature ignition. In the early 1970s, about 500 000 
tonnes of TEL were produced annually for addition to gasoline. In fact, the 
U.S. Environmental Protection Agency (EPA) allowed up to 3 g of TEL per 
gallon of gasoline until 1976. 


FIGURE 14.27 Two hydro 
carbons of the same formula, 
C 5 H 12 : (a) a straight-chain isomer 
and ( b ) a branched-chain isomer. 
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TEL: A Case History 


T he story of the use of TEL is a prime example of 
the dominance of economic benefit over health 
issues and of the control of information and research. 
The health hazards of lead and, in particular, TEL were 
known in the early part of the twentieth century, yet the 
chemical corporations, the gasoline companies, and the 
auto manufacturers colluded to promote TEL, to sup¬ 
port research that promoted TEL, and to discredit those 
warning of health problems. Possible alternative addi¬ 
tives, particularly the low-cost ethanol that was popular 
at the time, were suppressed. In fact, Midgley himself had 
patented ethanol as a means of enhancing the octane 
rating of gasoline before he became enamored with TEL. 
Leaded gasoline first went on sale in 1923, though it was 
called ethyl gasoline to hide the fact that it contained 
lead. It was in the same year that the first (of several) 
deaths occurred at TEL manufacturing plants. Even in 
those days there were concerns about the lead released 
into the environment by the combustion of TEL. For 
example, the New York Board of Health banned the sale 
of TEL-enhanced gasoline in 1924, a ban that was lifted 
in 1926. 

One of the pioneer fighters against the use of TEL was 
Alice Hamilton. Hamilton, the first female faculty member 
at Harvard Medical School, was the foremost American 
industrial toxicologist of her time. She expressed her 
concerns in 1925, the year that the U.S. Surgeon General 
convened a conference to assess the hazards of TEL. The 
position of the automobile industry and that of the gasoline 
manufacturers (who closely colluded on the issue) was 
that (1) leaded gasoline was essential to the progress of 
America, (2) any innovation entailed certain risks, and 


(3) deaths in TEL manufacturing plants were due to care¬ 
lessness. Dr. Yandell Henderson, a physiologist at Yale 
University, severely criticized the use of leaded gasoline. 
However, a committee set up following the conference 
concluded that there were no good grounds for “pro¬ 
hibiting the use of ethyl gasoline” but suggested further 
investigations were necessary. No funding for these inves¬ 
tigations was approved by Congress. 

Although evidence of the toxicity of lead accumu¬ 
lated through the 1930s and 1940s, TEL was safe from 
criticism. Responding to a complaint from Ethyl Gasoline 
Corporation, manufacturer of TEL (and owned by General 
Motors and Standard Oil of New Jersey), the Federal 
Trade Commission (FTC) issued a restraining order pre¬ 
venting competitors from criticizing leaded gasoline in 
the commercial marketplace. Ethyl gasoline, the FTC 
order read, “is entirely safe to the health of motorists and 
the public.” 

It was the passage of Clean Air Act legislation in 1970 
that largely forced the demise of TEL. The platinum used 
in catalytic converters is “poisoned” by lead. Even then, 
Ethyl Corporation sued the EPA for denying a market 
for their product. Ethyl claimed that the case against lead 
was not proven, despite the many studies on its toxicity. 
Although a lower court upheld Ethyl’s claim, this decision 
was reversed by the U.S. Court of Appeals. In 1982, the 
then-administration’s Task Force on Regulatory Relief 
planned to relax or eliminate the lead phaseout, but 
under political and public pressure, the government re¬ 
versed its opposition to lead phaseout. By 1986, the primary 
phaseout of leaded gasoline in the United States was 
completed. 



Thomas Midgley discovered both the chlorofluorocarbons and the role of 
TEL in improving gasolines. The irony is that both discoveries were designed 
to make life better through progress in chemistry, yet both have had quite the 
opposite long-term effect. Tetraethyllead poses both direct and indirect hazards. 
The direct hazard has been to people working with gasoline, such as gas station 
attendants. Because it has a low boiling point, the TEL added to gasoline vapor¬ 
izes readily; hence, people exposed to TEL vapor absorb this neurotoxic lead 
compound through the lining of their lungs and develop headaches, tremors, 
and increasingly severe neurologic disorders. The more widespread problem 
is the lead particulates in automobile exhausts. In urban areas this is absorbed 
by the inhabitants’ lungs, whereas in rural areas near major highways, crops 
absorb lead and those consuming the crops will in turn experience increased 
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lead intake. A significant proportion of lead in the environment has come 
from the use of leaded gasoline. To illustrate how the use of TEL has become 
a global issue, increased lead levels have even been found in the ice cap of 
Greenland. 

Germany, Japan, and the former USSR were quick to outlaw TEL; other 
countries (such as the United States) followed more slowly. One of the prob¬ 
lems of eliminating TEL from gasolines was simply that modern vehicles need 
high-octane-rated gasoline. Two solutions have been found: the development 
of the zeolite catalysts that enable oil companies to convert straight-chain 
molecules to the required branched-chain molecules and the addition of oxy¬ 
genated compounds, such as ethanol, to fuels. Thus, the need for octane boosters 
has been eliminated. More and more countries around the world are phasing 
out TEL, but it will be many years before the planet will be TEL-free. 

14.22 Biological Aspects 

The Carbon Cycle 

There are many biogeochemical cycles on this planet. The largest-scale process 
is the carbon cycle. Of the 2 X 10 16 tonnes of carbon, most of it is “locked away” 
in the Earth’s crust as carbonates, coal, and oil. Only about 2.5 X 10 12 tonnes 
are available as carbon dioxide. Every year, about 15 percent of this total is 
absorbed by plants and algae in the process of photosynthesis, which uses 
energy from the Sun to synthesize complex molecules such as sucrose. 

Some plants are eaten by animals (such as humans), and a part of the stored 
chemical energy is released during their decomposition to carbon dioxide and 
water. These two products are returned to the atmosphere by the process of res¬ 
piration. However, the majority of the carbon dioxide incorporated into plants is 
returned to the atmosphere only after the death and subsequent decomposition 
of the plant organisms. Another portion of the plant material is buried, thereby 
contributing to the soil humus or the formation of peat bogs. The carbon cycle is 
partially balanced by the copious output of carbon dioxide by volcanoes. 

The demand for energy has led to the burning of coal and oil, which were 
formed mainly in the Carboniferous era. This combustion adds about 2.5 X 10 10 
tonnes of carbon dioxide to the atmosphere each year in addition to that from 
natural cycles. Although we are just returning to the atmosphere carbon dioxide 
that came from there, we are doing so at a very rapid rate, and many scientists 
are concerned that the rate of return will overwhelm the Earth’s absorption 
mechanisms. This topic is currently being studied in many laboratories. 

The Essentiality of Silicon 

Silicon is the second most abundant element in the Earth’s crust, yet its biological 
role is limited by the low water solubility of its common forms, silicon dioxide and 
silicic acid, H 4 Si0 4 . At about neutral pH, silicic acid is uncharged and has a solubil¬ 
ity of about 2 X 1CT 3 mol*L _1 . As the pH increases, polysilicic acids predominate, 
then colloidal particles of hydrated silicon dioxide. Although the solubility of silicic 
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acid is low, on the global scale it is enormous, with about 2 X 10 11 tonnes of silicic 
acid entering the sea per year. It is the continuous supply of silicic acid into the sea 
that enables marine organisms such as diatoms and radiolaria to construct their 
exoskeletons of hydrated silica. 

On a smaller scale, plants require the absorption of about 600 L of water to 
form about 1 kg of dry mass; thus, plants consist of about 0.15 percent silicon. 
The silica is used by the plants to stiffen leaves and stalks. In some plants, it 
is also used for defense (see the feature “Biomineralization” in Chapter 12). 
Farther up the food chain, herbivores ingest considerable amounts of silica. A 
sheep consumes about 30 g of silicon per day, though almost all is excreted. 
Humans are estimated to consume about 30 mg per day, about 60 percent from 
breakfast cereal and 20 percent from water and drinks. It is the water-dissolved 
silicic acid that is bioavailable to our bodies. 

The most convincing way to illustrate the essentiality of an element is to 
grow an organism in the total absence of that element. This is a very difficult but 
not impossible task. Studies with both rats and chicks showed that silicon-free 
diets resulted in stunted growth for both animals. Addition of silicic acid to the 
diet rapidly restored natural growth. The question obviously arose as to the 
function of the silicon. Chemical studies showed that silicic acid did not react 
or bind with organic molecules. Thus, incorporation into some essential biosyn¬ 
thetic pathway seemed highly unlikely. The answer seems to lie with its inorganic 
chemistry. As we saw in Chapter 13, Section 13.11, aluminum is ubiquitous in the 
environment and this element is highly toxic to organisms. Addition of silicic 
acid to a saturated neutral solution of aluminum ion causes almost complete pre¬ 
cipitation of the aluminum in the form of insoluble hydrated aluminosilicates. 

Evidence that silicon did act in a preventative role was provided by a study 
of young salmon. Those in water containing aluminum ion died within 48 hours. 
Those in water containing the same concentration of aluminum plus silicic acid 
thrived. It is now generally accepted that indeed silicon is essential to our diet 
to inhibit the toxicity of the naturally present aluminum in our foodstuffs. 

Although silicon is an essential element, lung-absorbed silica is highly toxic. 
We have already mentioned the hazards of asbestos. It can cause two serious 
lung diseases: asbestosis and mesothelioma. The dust of any silicate rock will 
also cause lung damage, in this case, silicosis. The fundamental cause of the 
lung problems is due to the total insolubility of the silicates. Once the particles 
stick in the lungs, they are there for life. The irritation they cause produces 
scarring and immune responses that lead to the disease state. 

The Toxicity of Tin 

Although the element and its simple inorganic compounds have a fairly low 
toxicity, its organometallic compounds are very toxic. Compounds such as 
hydroxotributyltin, (C 4 H 9 ) 3 SnOH, are effective against fungal infections in 
potatoes, grapevines, and rice plants. For many years, organotin compounds 
were incorporated into the paints used on ships’ hulls. The compound would 
kill the larvae of mollusks, such as barnacles, that tend to attach themselves to a 
ship’s hull, slowing the vessel considerably. However, the organotin compound 
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slowly leaches into the surrounding waters, where, particularly within the con¬ 
fines of a harbor, it destroys other marine organisms. For this reason, its marine 
use has been curtailed. 

The Severe Hazard of Lead 

Why is there such concern about lead poisoning? For many elements the levels 
to which we are naturally exposed is many times smaller than toxic levels. For 
lead, however, there is a relatively small safety margin between unavoidable 
ingestion from our food, water, and air and the level at which toxic symptoms 
become apparent. Lead is ubiquitous in our environment. Plants absorb lead 
from the soil, and water dissolves traces of lead compounds. 

In addition to what our environment contains, humans have used lead 
products throughout history. Although we no longer use “sugar of lead” as 
a sweetener, in more recent times lead from a number of other sources has 
become a hazard. Basic lead carbonate, Pb 3 (C0 3 )2(0H)2, was one of the few 
easily obtainable white substances. Thus, it was used until recently as a paint 
pigment, and many old houses have unacceptably high levels of lead resulting 
from the use of lead-based paints on the walls and ceilings. The same compound 
was used by women as a cosmetic. The factories producing the lead compound 
were known as “white cemeteries.” Working in such a plant was a last resort. 
Yet circumstances of illness or death in the family or idleness or drunkenness 
by a husband gave some women little option even though it was a virtual death 
sentence. Lead compounds were also used as ceramic glazes for cooking and 
eating vessels. Thus lead(II) ion could leach out into the food being prepared. 

The shift away from leaded gasolines has led to a drastic reduction in air¬ 
borne lead particles, but lead is entering the environment from other sources. 
The most commonly recognized source is the lead battery industry, which 
today constitutes about 85 percent of lead consumption. The lead-acid battery 
is still the most efficient and cost-effective method of storing energy. Lead is 
the most recycled element—particularly from defunct batteries. The recycling 
process in the United States is generally carried out using extremely safe con¬ 
ditions with due safeguards for the workers and the environment. However, 
such facilities are expensive to build and operate. Much of the world’s lead is 
recycled in low-income countries, particularly in Asia, where safety and environ¬ 
mental concerns are lesser priorities. With the cheapness of overseas recycling, 
much of the lead in the United States, Japan, and other developed countries is 
shipped to these Far Eastern recycling plants. Although it is a very laudable aim 
to reduce poverty in such countries by bringing increased employment, in this 
specific example, the developed nations are exporting pollution. 

About 95 percent of absorbed lead substitutes for calcium in the hydroxy¬ 
apatite of bone. This can be explained as the lead(II) ion is only slightly 
larger than and has a similar charge density to that of calcium. Thus, the body 
“stores” lead. In the bone, the half-life is about 25 years, so lead poisoning is a 
very long-term problem. Lead interferes with the synthesis of hemoglobin and 
so can indirectly cause anemia. At high concentrations, kidney failure, con¬ 
vulsions, brain damage, and then death ensue. There is also strong evidence of 
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neurological effects, including reduced IQ in children exposed to more than 
minimal lead levels. As part of a program to minimize the hazard, playgrounds 
built on old industrial sites are checked for lead levels and, if necessary, closed 
or resurfaced. 


14.23 Element Reaction Flowcharts 


Flowcharts are shown for both carbon and silicon. 


Na 2 C 2 



CC1 4 


AI4C3 


Ca(HC0 3 ) 2 

Na 2 SiC >3 


CN" 


SiHCl- 



►Si 2 O v 2 - 


KEY IDEAS 

• Carbon has an extensive chemistry resulting from its • Silicates have a wide variety of structures, 

ability to catenate. • Tin and lead have weakly metallic properties. 

• There are three classes of carbides. 

• The two oxides of carbon have very different properties. 





























360 


CHAPTER 14 • The Group 14 Elements 


EXERCISES 

14.1 Write balanced chemical equations corresponding 
to the following chemical reactions: 

(a) solid lithium dicar bide (2—) with water 

(b) silicon dioxide with carbon 

(c) copper(II) oxide heated with carbon monoxide 

(d) calcium hydroxide solution with carbon dioxide 
(two equations) 

(e) methane with molten sulfur 

(f) silicon dioxide with molten sodium carbonate 

(g) lead(IV) oxide with concentrated hydrochloric 
acid (two equations) 

14.2 Write balanced chemical equations corresponding 
to the following chemical reactions: 

(a) solid beryllium carbide with water 

(b) carbon monoxide with dichlorine 

(c) hot magnesium metal with carbon dioxide 

(d) solid sodium carbonate with hydrochloric acid 

(e) heating barium carbonate 

(f) carbon disulfide gas and chlorine gas 

(g) tin(II) oxide with hydrochloric acid 

14.3 Define the following terms: (a) catenation; (b) aerogel; 
(c) ceramic; (d) silicone. 

14.4 Define the following terms: (a) glass; (b) molecular 
sieves; (c) cermet; (d) galena. 

14.5 Contrast the properties of the three main allotropes 
of carbon—diamond, graphite, and C 60 . 

14.6 Explain why (a) diamond has a very high thermal 
conductivity; (b) high pressure and temperature are required 
for the traditional method of diamond synthesis. 

14.7 Why are fullerenes soluble in many solvents even 
though both graphite and diamond are insoluble in all 
solvents? 

14.8 Explain why catenation is common for carbon but 
not for silicon. 

14.9 Compare and contrast the three classes of carbides. 

14.10 Calcium carbide forms a NaCl structure with a density 
of 2.22 g*cm -3 . Assuming the carbide ion is spherical and 
taking the ionic radius of calcium as 114 pm, what is the 
radius of the carbide ion? 

14.11 Write the chemical equation for the reaction used in 
the commercial production of silicon carbide. Is it enthalpy 
or entropy driven? Explain your reasoning. Calculate the 
values of A H° and A S G for the process to confirm your 
deduction, then calculate AG 6 at 2000°C. 


14.12 In compounds of carbon monoxide with metals, it is 
the carbon atom that acts as a Lewis base. Show why this is 
expected using a formal charge representation of the carbon 
monoxide molecule. 

14.13 Carbon dioxide has a negative enthalpy of formation, 
whereas that of carbon disulfide is positive. Using bond 
energy data, construct a pair of enthalpy of formation diagrams 
and identify the reason(s) for such different values. 

14.14 Contrast the properties of carbon monoxide and 
carbon dioxide. 

14.15 Discuss the bonding in carbon disulfide in terms of 
hybridization theory. 

14.16 From data tables in Appendix 1 of Aand S e 
values, show that the combustion of methane is a spontaneous 
process. 

14.17 Explain why silane burns in contact with air, whereas 
methane requires a spark before it will combust. 

14.18 Describe why the CFCs were once thought to be 
ideal refrigerants. 

14.19 Why is HFC-134a a less than ideal replacement for 
CFC-12? 

14.20 What would be the chemical formula of HFC-134b? 

14.21 Why does methane represent a particular concern as 
a potential greenhouse gas? 

14.22 Contrast the properties of carbon dioxide and silicon 
dioxide and explain these differences in terms of the bond 
types. Suggest an explanation as to why the two oxides adopt 
such dissimilar bonding. 

14.23 The ion C0 2 “ can be prepared using ultraviolet 
irradiation. Whereas the carbon dioxide molecule is linear, 
this ion is V shaped, with a bond angle of about 127°. Use 
an electron-dot diagram to aid your explanation. Also, 
estimate an average carbon-oxygen bond order for the ion 
and contrast to that in the carbon dioxide molecule. 

14.24 Draw the electron-dot diagram for the symmetrical 
cyanamide ion, CN 2 2_ . Then deduce the bond angle in 
the ion. 

14.25 What geometry would you expect for the ion 
:C(CN) 3 “? In fact, it is trigonal planar. Construct one of 
the three resonance forms to depict the probable electron 
arrangement and deduce an average carbon-carbon bond 
order. 
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14.26 Ultramarine, the beautiful blue pigment used in 
oil-based paints, has the formula Na x [Al 6 Si 6 0 2 4 ]S 2 , where 
the sulfur is present as the disulfide ion, S 2 2- . Determine 
the value of x. 

14.27 In crocidolite, Na 2 Fe 5 (Si 4 O u ) 2 (OH) 2 , how many of the 
iron ions must have a 2+ charge and how many a 3+ charge? 

14.28 Describe the difference in structure between white 
asbestos and talc. 

14.29 Describe the major uses of zeolites. 

14.30 If the water in a zeolite is expelled by strong heating, 
must the absorption of water by the zeolite be an endo- or 
exothermic process? 

14.31 What advantage of silicone polymers becomes a 
problem when they are used as breast implants? 

14.32 Contrast the properties of the oxides of tin and lead. 

14.33 Construct the electron-dot structures of tin(IV) 
chloride and gaseous tin(II) chloride. Draw the correspond¬ 
ing molecular shapes. 

14.34 Lead(IV) fluoride melts at 600°C, whereas lead(IV) 
chloride melts at 215°C. Interpret the values in relation to 
the probable bonding in the compounds. 

BEYOND THE BASICS 

14.42 Show from the standard reduction potentials from 
online Appendix 9 that lead(IV) iodide would not be 
thermodynamically stable in aqueous solution. 

14.43 Our evidence that the Romans ingested high levels 
of lead(II) comes from examination of skeletons. Suggest 
why the lead ions would be present in bone tissues. 

14.44 What are the main sources of lead in the environ¬ 
ment today? 

14.45 Conventional soda glass, when washed frequently in 
hot water, tends to become opaque and rough, while pure 
silica (Si0 2 ) glass does not lose its brilliance. Suggest an 
explanation. 

14.46 One route for the formation of the trace atmospheric 
gas carbonyl sulfide is hydrolysis of carbon disulfide. Write 
a chemical equation for this reaction. How would a water 
molecule attack a molecule of carbon disulfide? Draw a 
transition state for the attack, showing the bond polarities. 
Thus, deduce a possible intermediate for the reaction and 
suggest why it is feasible. 

14.47 There is a trimeric silicate ion, Si 3 0 9 6- . 

(a) Draw a probable structure for the ion. 


14.35 To form the electrodes in the lead-acid battery, the 
cathode is produced by oxidizing lead(II) oxide to lead(IV) 
oxide, and the anode is produced by reducing the lead(II) 
oxide to lead metal. Write half-equations to represent the 
two processes. 

14.36 Suggest the probable products formed when CaCS 3 
is heated. 

14.37 Write the formulas of two carbon-containing species 
that are isoelectronic with the C 2 2- ion. 

14.38 There are two carbides that appear to contain the 
C 4_ ion. What are they and how are they related? 

14.39 Discuss why inorganic polymer chemistry is much 
less developed than organic polymer chemistry. 

14.40 Discuss the introduction of tetraethyllead and why 
its use in gasoline continues today. 

14.41 Write balanced chemical equations corresponding 
to each transformation in the element reaction flowcharts 
for carbon and silicon (page 359). 


(b) Phosphorus forms an isoelectronic and iso- 
structural ion. What would be its formula? 

(c) Another element forms an isoelectronic and 
isostructural neutral compound. What would be its 
formula? 

14.48 Methyl isocyanate, H 3 CNCO, has a bent C—N—C 
bond, whereas silyl isocyanate, H 3 SiNCO, has a linear 
Si—N—C bond. Suggest an explanation for the difference. 

14.49 In the following reaction, identify which is the Lewis 
acid and which the Lewis base. Give your reasoning. 

Cl“ (aq) + SnCl 2 (ag) ->SnCl 3 “(ag) 

14.50 Tin reacts with both acids and bases. With dilute 
nitric acid, the metal gives a solution of tin(II) nitrate and am¬ 
monium nitrate; with concentrated sulfuric acid, solid tin(II) 
sulfate and gaseous sulfur dioxide; with potassium hydroxide 
solution, a solution of potassium hexahydroxostannate(IV), 
K 2 Sn(OH) 6 , and hydrogen gas. Write balanced net ionic 
equations for these reactions. 

14.51 Silicon dioxide is a weaker acid than carbon dioxide. 
Write a balanced chemical equation to show how silicate 
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rocks, such as Mg 2 Si0 4 , might, in the presence of “carbonic 
acid,” be a partial sink for atmospheric carbon dioxide. 

14.52 When aqueous solutions of aluminum ion and car¬ 
bonate ion are mixed, a precipitate of aluminum hydroxide 
is formed. Suggest an explanation using net ionic equations. 

14.53 A flammable gas (A) is reacted at high temperature 
with a molten yellow element (B) to give compounds (C) 
and (D). Compound (D) has the odor of rotten eggs. Com¬ 
pound (C) reacts with a pale green gas (E) to give as a final 
product compound (F) and element (B). Compound (F) 
can also be produced by the direct reaction of (A) with (E). 
Identify each species and write balanced chemical equa¬ 
tions for each step. 

14.54 Magnesium silicide, Mg 2 Si, reacts with hydronium 
ion to give magnesium ion and a reactive gas (X). A mass 
of 0.620 g of gas (X) occupied a volume of 244 mL at a tem¬ 
perature of 25°C and a pressure of 100 kPa. The sample of 
gas decomposed in aqueous hydroxide ion solution to give 
0.730 F of hydrogen gas and 1.200 g of silicon dioxide. What 
is the molecular formula of (X)? Write a balanced chemical 
equation for the reaction of (X) with water. 

14.55 Tin(IV) chloride reacts with an excess of ethyl 
magnesium bromide, (C 2 H 5 )MgBr, to give two products, 
one of which is a liquid (Y). Compound (Y) contains only 


carbon, hydrogen, and tin. 0.1935 g of (Y) was oxidized to 
give 0.1240 g of tin(IV) oxide. Heating 1.41 g of (Y) with 
0.52 g of tin(IV) chloride gives 1.93 g of liquid (Z). When 
0.2240 g of (Z) was reacted with silver nitrate solution, 
0.1332 g of silver chloride was formed. Oxidation of 0.1865 g 
of (Z) gave 0.1164 g of tin(IV) oxide. Deduce the empirical 
formulas of (Y) and (Z). Write a balanced chemical equation 
for the reaction of (Y) with tin(IV) chloride to give (Z). 

14.56 The solid compound aluminum phosphate, A1P0 4 , 
adopts a quartz-like structure. Suggest why this occurs. 

14.57 Use thermodynamic calculations to show that 
decomposition of calcium hydrogen carbonate is favored 
at 80°C: 

CaCO 3 0) + CO 2 (aq) + H 2 0(/) ^ Ca(HC0 3 ) 2 (atf) 

14.58 Suggest why the density of moissanite is slightly less 
than that of diamond, even though the atomic mass of silicon 
is much greater than that of carbon. 

14.59 Use bond energy values to determine the energy 
available for transfer to a phosphor dye molecule when 
a mole of dicarbon tetroxide forms two moles of carbon 
dioxide. 

14.60 What is the oxidation number of each carbon atom 
in dicarbon tetroxide? 


ADDITIONAL RESOURCES 

For answers to odd-numbered questions: www.whfreeman.com/descriptive5e 
-)'" For accompanying video clips: www. whfreeman.com/descriptive5e 
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Two of the most dissimilar nonmetallic elements are in the same group: 
reactive phosphorus and unreactive nitrogen. Of the other members of the 
group, arsenic is really a semimetal, and the two lower members of the group, 
antimony and bismuth, exhibit weakly metallic behavior. 


T he discovery of phosphorus by the German alchemist Hennig 
Brand in 1669 provides the most interesting saga of the members 
of this group. The discovery occurred by accident during his investiga¬ 
tion of urine. Urine was a favorite topic of research in the seventeenth 
century, for it was believed anything gold colored, such as urine, had to 
contain gold! However, when Brand fermented urine and distilled the 
product, he obtained a white, waxy, flammable solid with a low melting 
point—white phosphorus. One hundred years later, a route to extract 
phosphorus from phosphate rock was devised, and chemists no longer 
needed buckets of urine to synthesize the element. 

In these days of pocket butane lighters, we forget how difficult 
it used to be to generate a flame. So in 1833, people were delighted 
to find how easily fire could be produced by using white phosphorus 
matches. This convenience came at a horrendous human cost, because 
white phosphorus is extremely toxic. The young women who worked 
in the match factories died in staggering numbers from phosphorus 
poisoning. This occupational hazard manifested itself as “phossy jaw,” 
a disintegration of the lower jaw, followed by an agonizing death. 
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In 1845, the air-stable red phosphorus was shown to be chemically identical 
to white phosphorus. The British industrial chemist Arthur Albright, who had 
been troubled by the enormous number of deaths in his match factory, learned 
of this safer allotrope and determined to produce matches bearing red phosphorus. 
But mixing the inert red phosphorus with an oxidizing agent gave an instant 
explosion. Prizes were offered for the development of a safe match, and finally 
in 1848 some now-unknown genius proposed to put half the ingredients on the 
match tip and the remainder on a strip attached to the matchbox. Only when the 
two surfaces were brought into contact did ignition of the match head occur. 

Despite the prevalence of cheap butane lighters, match consumption is still 
between 10 12 and 10 13 per year. As mentioned at the beginning of this chapter, 
the modern safety match depends on a chemical reaction between the match 
head and the strip on the matchbox. The head of the match is mostly potassium 
chlorate, KC10 3 , an oxidizing agent, whereas the strip contains red phosphorus 
and antimony sulfide, Sb 2 S 3 , both of which oxidize very exothermically when 
brought in contact with the potassium chlorate. 


15.1 Group Trends 

As of 2005, the IUPAC-approved name for this group is the pnictogens (pro¬ 
nounced nikt-o-gens). The original name was the pnicogens, from the Greek 
for “choking,” but a t somehow became incorporated, though a significant pro¬ 
portion of chemists still use pnicogen. 

The first two members of Group 15, nitrogen and phosphorus, are nonmetals; 
the remaining three members, arsenic, antimony, and bismuth, have some metallic 
character. Scientists like to categorize things, but in this group their efforts are 
frustrated because there is no clear division of properties between nonmetals 
and metals. Two characteristic properties that we can study are the electrical 
resistivity of the elements and the acid-base behavior of the oxides (Table 15.1). 

Nitrogen and phosphorus are both nonconductors of electricity, and both 
form acidic oxides, so they are unambiguously classified as nonmetals. The 
problems start with arsenic. Even though the common allotrope of arsenic 
looks metallic, subliming and recondensing the solid produce a second allotrope 


TABLE 15.1 

Properties of the Group 15 elements 




Electrical 

Acid-base 

Element 

Appearance at SATP 

resistivity 

(plTcm) 

properties 
of oxides 

Nitrogen 

Colorless gas 

— 

Acidic and neutral 

Phosphorus 

White, waxy solid 

10 17 

Acidic 

Arsenic 

Brittle, metallic solid 

33 

Amphoteric 

Antimony 

Brittle, metallic solid 

42 

Amphoretic 

Bismuth 

Brittle, metallic solid 

120 

Basic 
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TABLE 15.2 

Melting and boiling points of the Group 15 elements 

Element 

Melting point (°C) 

Boiling point (°C) 

n 2 

-210 

-196 

P 4 

44 

281 

As 

Sublimes at 615 

Sb 

631 

1387 

Bi 

271 

1564 


that is a yellow powder. Because it has both metallic-looking and nonmetallic 
allotropes and forms amphoteric oxides, arsenic can be classified as a semi- 
metal. However, much of its chemistry parallels that of phosphorus, so there is 
a good case for considering it as a nonmetal. 

Antimony and bismuth are almost as borderline as arsenic. Their electrical 
resistivities are much higher than those of a “true” metal, such as aluminum 
(2.8 piTcm), and even higher than a typical “weak” metal, such as lead 
(22 pil*cm). Generally, however, these two elements are categorized as met¬ 
als. All three of these borderline elements form covalent compounds almost 
exclusively. 

If we want to decide where to draw the vague border between metals and 
semimetals, the melting and boiling points are as good an indicator as any. 

In Group 15, these parameters increase as we descend the group, except for a 
decrease in melting point from antimony to bismuth 
(Table 15.2). As noted for the alkali metals, the melt¬ 
ing points of main group metals tend to decrease 
down a group, whereas those of nonmetals tend 
to increase down a group. (We will encounter the 
latter behavior most clearly with the halogens.) Thus, 
the increase-decrease pattern shown in Table 15.2 in¬ 
dicates that the lighter members of Group 15 follow 
the typical nonmetal trend, and the shift to the metal¬ 
lic decreasing trend starts at bismuth. 

15.2 Contrasts in the Chemistry of 
Nitrogen and Phosphorus 

Although they are vertical neighbors in the periodic 
table, the redox behavior of nitrogen and phosphorus 
could not be more different (Figure 15.1). Whereas the 
higher oxidation states of nitrogen are strongly oxidizing 
in acidic solution, those of phosphorus are quite stable. In fact, the highest oxida- comparing the stability of the 

tion state of phosphorus is the most thermodynamically stable and the lowest oxi- oxidation states of phosphorus 

dation state, the least stable—the converse of nitrogen chemistry. and nitrogen in acidic solution. 



FIGURE 15.1 Frost diagram 
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The Thermodynamic Stability of Dinitrogen 

If we look at the bond energies, we can see why different species are preferred 
for the two elements. Dinitrogen, N 2 , is the stable form for the element, and 
it is a common product from nitrogen-containing compounds in chemical 
reactions. This is, in large part, due to the very high strength of the nitrogen- 
nitrogen triple bond compared to the single (or double) bonds (Table 15.3). 
For phosphorus, there is a much smaller difference between the single and 
triple bond energies. Thus, elemental phosphorus contains groups of singly 
bonded phosphorus atoms. In fact, the strong phosphorus-oxygen single bond 
becomes a dominant feature of phosphorus chemistry. For example, as we will 
see below, whereas the element nitrogen is very stable to oxidation, elemental 
phosphorus reacts vigorously with oxygen to give oxides. 


TABLE 15.3 1 

A comparison of approximate nitrogen and phosphorus bond 
energies 

Nitrogen bonds 

Bond energy 
(Mmol 1 ) 

Phosphorus bonds 

Bond energy 
(Mmol 1 ) 

N—N 

247 

P—P 

200 

N=N 

942 

p=p 

481 

N—O 

201 

P—O 

335 


The triple nitrogen-nitrogen bond energy is greater even than that for the 
triple carbon-carbon bond (Table 15.4). Conversely, the single bond between 
two nitrogen atoms is much weaker than the carbon-carbon single bond. It is 
this large difference between N=N and N—N bond strengths (742 kFmoT 1 ) 
that contributes to the preference in nitrogen chemistry for the formation of 
the dinitrogen molecule in a reaction rather than chains of nitrogen-nitrogen 
single bonds, as occurs in carbon chemistry. Furthermore, the fact that dini¬ 
trogen is a gas means that an entropy factor also favors the formation of the 
dinitrogen molecule in chemical reactions. 


TABLE 15.4 

A comparison of nitrogen and carbon bond energies 

Bond energy 

Nitrogen bonds (kJ-mol -1 ) 

Bond energy 

Carbon bonds (kJ-mol -1 ) 

N—N 247 

N=N 942 

C—C 346 

C=C 835 


We can see the difference in behavior between nitrogen and carbon by 
comparing the combustion of hydrazine, N 2 H 4 , to that of ethene, C 2 H 4 . The 
nitrogen compound burns to produce dinitrogen, whereas the carbon com¬ 
pound gives carbon dioxide: 

N 2 H 4 (g) + 0 2 (g) —> N 2 (g) + 2H z O(g) 

C 2 H 4 (g) + 3 0 2 (g) —» 2 C0 2 (g) + 2 H z O(g) 
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Curiously, in Groups 15 and 16, it is the second members—phosphorus and 
sulfur—that are prone to catenation. 


The Bonding Limitations of Nitrogen 

Nitrogen forms only a trifluoride, NF 3 , whereas phosphorus forms two common 
fluorides, the pentafluoride, PF 5 , and the trifluoride, PF 3 . It is argued that the 
nitrogen atom is simply too small to accommodate more than the three fluorine 
atoms around it, while the (larger) lower members of the group can manage five 
(or even six) nearest neighbors. These molecules, such as phosphorus pentaflu¬ 
oride, in which the octet is exceeded for the central atom, are sometimes called 
hypervalent compounds. Traditionally, the bonding model for these compounds 
assumed that the 3d orbitals of the phosphorus played a major role in the bond¬ 
ing. Theoretical studies now suggest that participation of d orbitals is much less 
than that formerly assumed. However, the only alternative bonding approach 
is the use of complex molecular orbital diagrams, and these diagrams are more 
appropriate to upper-level theoretically based inorganic chemistry courses. 
As for so many aspects of science, we sometimes find it convenient to use a 
predictive model (such as VSEPR) even when we know it is simplistic and 
untenable in some respects. Thus, in a course such as this, many chemists con¬ 
tinue to explain the bonding in hypervalent compounds in terms of d -orbital 
involvement. 

Another example that illustrates the difference in bonding behavior 
between nitrogen and phosphorus is the pair of compounds NF 3 0 and PF 3 0. 
The former contains a weak nitrogen-oxygen bond, whereas the latter contains a 
fairly strong phosphorus-oxygen bond. For the nitrogen compound, we assume 
the oxygen is bonded through a coordinate covalent bond, with the nitrogen 
donating its lone pair in an sp 3 hybrid orbital to a p orbital of the oxygen atom. 
From bond energies, the phosphorus-oxygen bond has some double bond 
character. Figure 15.2 shows possible electron-dot representations for the two 
compounds. 


The Electronegativity Difference of Nitrogen and Phosphorus 

Nitrogen has a much higher electronegativity than the other members of 
Group 15. As a result, the polarity of the bonds in nitrogen comp ounds is often 
the reverse of that in phosphorus and the other heavier members of the group. 
For example, the different polarities of the N—Cl and P—Cl bonds result in 
different hydrolysis products of the respective trichlorides: 

NC1 3 (Z) + 3 H 2 0(/) —> NH 3 (g) + HCIO(^) 

PC1 3 (/) + 3 H 2 0(/) -^H 3 F0 3 (aq) + 3 HC1 (aq) 

Because the nitrogen-hydrogen covalent bond is strongly polar, ammonia is 
basic, whereas the hydrides of the other Group 15 elements—phosphine, PH 3 , 
arsine, AsH 3 , and stibine, SbH 3 —are essentially neutral. 


:F : :F: 

: F : N : O : :F:P::0 

: F : : F : 

FIGURE 15.2 Electron-dot 
representations of the bonding in 
NF 3 0 and PF 3 0. 
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15.3 Overview of Nitrogen Chemistry 


Nitrogen chemistry is complex. For an overview, consider the oxidation-state 
diagram in Figure 15.3. The first thing we notice is that nitrogen can assume 
formal oxidation states that range from +5 to -3. Second, because it behaves 
so differently under acidic and basic conditions, we can conclude that the rela¬ 
tive stability of an oxidation state is very dependent on pH. 


FIGURE 15.3 Frost diagram 
for the common nitrogen species 
under acidic and basic conditions. 



5 4 3 2 1 0 -1 -2 -3 

Oxidation state of nitrogen 


Let us look at some specific features of the chemistry of nitrogen. 

1. Molecular dinitrogen is found at a deep minimum on the Frost diagram. 
Hence, it is a thermodynamically very stable species. In acidic solution, ammo¬ 
nium ion, NH 4 + , is slightly lower; thus, we might expect that a strong reducing 
agent would cause dinitrogen to be reduced to the ammonium ion. However, 
the diagram does not reveal anything about the kinetics of the process, and it 
is, in fact, kinetically very slow. 

2. Species that have a high free energy to the left of N 2 are strongly oxidiz¬ 
ing. Thus, nitric acid, HN0 3 , is a very strong oxidant, although the nitrate ion, 
N0 3 ~, the conjugate base of nitric acid, is not significantly oxidizing. 

3. Species that have a high free energy to the right of N 2 tend to be strong 
reducing agents. Thus, in basic solution, hydroxylamine, NH 2 OH, hydrazine, 
N 2 H 4 , and ammonia, NH 3 , tend to be reducing in their chemical behavior. 

4. Both hydroxylamine and its conjugate acid, the hydroxylammonium ion, 
NH 3 OH + , should readily disproportionate, because they are at convex loca¬ 
tions on the diagram. Experimentally, we find that they do disproportionate, 
but the products are not always those resulting in the greatest decrease in free 
energy; instead, kinetic factors select the products. Hydroxylamine dispropor- 
tionates to give dinitrogen and ammonia, whereas the hydroxylammonium ion 
produces dinitrogen oxide and the ammonium ion: 

3 NH 2 OH(^) ->N 2 (g) + NH 3 (^) + 3 H 2 0(/) 

4NH 3 OH + (a<?) —»N 2 0(g) + 2NH 4 + (a< ? ) + 2H + (aq) + 3 H 2 0(/) 
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The First Dinitrogen Compound 
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T ime and time again, chemists fall into the trap of 
simplistic thinking. As we have said, dinitrogen is 
very unreactive, but this does not mean that it is totally 
unreactive. In Chapter 14, Section 14.6, we noted that 
carbon monoxide could bond to metals (a topic we discuss 
in more detail in Chapter 22). Dinitrogen is isoelectronic 
with carbon monoxide, although there is the important dif¬ 
ference that dinitrogen is nonpolar, whereas carbon monox¬ 
ide is polar. Nevertheless, the isoelectronic concept is useful 
for predicting the possible formation of a compound. 

In early 1964 Caesar Senoff, a Canadian chemistry 
student at the University of Toronto, was working with 
compounds of ruthenium. He synthesized a brown com¬ 
pound whose composition he was unable to explain. 
Time passed, and in May 1965, during a discussion with 
another chemist, it dawned on him that the only feasible 
explanation was that the molecule contained the N 2 unit 
bound to the metal in a manner analogous to the carbon 
monoxide-metal bond. Excitedly, he told his very skep¬ 
tical supervisor, Bert Allen. After several months, Allen 


finally agreed to submit the findings to a journal for pub¬ 
lication. The manuscript was rejected—a common occur¬ 
rence when a discovery contradicts accepted thought. 
After Allen and Senoff rebutted the criticisms, the jour¬ 
nal sent the revised manuscript to 16 other chemists for 
comment and approval before publishing it. Finally, the 
article appeared in print, and the world of inorganic 
chemistry was changed yet again. 

Since then, transition metal compounds contain¬ 
ing the N 2 unit have become quite well known, and 
some can be made by simply bubbling dinitrogen gas 
through the solution of a metal compound. (As a con¬ 
sequence, research chemists no longer use dinitrogen 
as an inert atmosphere for all their reactions.) Some of 
the compounds are of interest because they are analogs 
of compounds soil bacteria produce when they convert 
dinitrogen to ammonia. None of the compounds, however, 
has become of great practical significance, although they 
serve as a reminder to inorganic chemists to never say, 
“Impossible!” 


15.4 Nitrogen 


The element nitrogen has only one allotrope: the colorless, odorless gas di¬ 
nitrogen. Dinitrogen makes up 78 percent by moles of the dry atmosphere at the 
Earth’s surface. Apart from its role in the nitrogen cycle, which we will discuss 
later, it is very important as an inert diluent for the highly reactive gas in our 
atmosphere, dioxygen. Without the dinitrogen, every spark in our atmosphere 
would cause a massive fire. The tragic deaths in 1967 of the astronauts Grissom, 
White, and Chaffee in an Apollo space capsule were a result of the use of a pure 
oxygen cabin atmosphere (since discontinued). An accidental electrical spark 
caused a raging inferno within seconds, killing all of the occupants. 

Dinitrogen is not very soluble in water, although like most gases, its solubility 
increases rapidly with increasing pressure. This is a major problem for deep-sea 
divers. As they dive, additional dinitrogen dissolves in their bloodstream; as they 
return to the surface, the decreasing pressure brings the dinitrogen out of solution, 
and it forms tiny bubbles, particularly around the joints. Prevention of this painful 
and sometimes fatal problem—called the bends—required divers to return to the 
surface very slowly. In emergency situations, they were placed in decompression 
chambers, where the pressure was reapplied and then reduced carefully over hours 
or days. To avoid this hazard, oxygen-helium gas mixtures are now used for deep 
diving, because helium has a much lower blood solubility than does dinitrogen. 

Industrially, dinitrogen is prepared by liquefying air and then slowly warm¬ 
ing the liquid mixture. The dinitrogen boils at — 196°C, leaving behind the 
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dioxygen, b.p. — 183°C. On a smaller scale, dinitrogen can be separated from 
the other atmospheric gases by using a zeolite, as discussed in Chapter 14, 
Section 14.16. In the laboratory, dinitrogen can be prepared by gently warming 
a solution of ammonium nitrite: 

NH 4 N0 2 (ag) —»N 2 (g) + 2H 2 0 (/) 

Dinitrogen does not burn or support combustion. It is extremely unreactive 
toward most elements and compounds. Hence, it is commonly used to provide an 
inert atmosphere when highly reactive compounds are being handled or stored. 
About 60 million tonnes of dinitrogen is used every year worldwide. A high pro¬ 
portion is used in steel production as an inert atmosphere and in oil refineries 
to purge the flammable hydrocarbons from the pipes and reactor vessels when 
they need maintenance. Liquid nitrogen is used as a safe refrigerant where very 
rapid cooling is required. Finally, a significant proportion is employed in the 
manufacture of ammonia and other nitrogen-containing compounds. 


* ai * 


Propellants and Explosives 


P ropellants and explosives share many common prop¬ 
erties. They function by means of a rapid, exothermic 
reaction that produces a large volume of gas. It is the 
expulsion of this gas that causes a rocket to be propelled 
forward (according to Newton’s third law of motion), but 
for the explosive, it is mostly the shock wave from the gas 
production that causes the damage. 

There are three factors that make a compound (or a 
pair of compounds) a potential propellant or explosive: 

1. The reaction must be thermodynamically spontaneous 
and very exothermic so that a great deal of energy is re¬ 
leased in the process. 

2. The reaction must be very rapid; in other words, it 
must be kinetically favorable. 

3. The reaction must produce small gaseous molecules, 
because (according to kinetic theory) small molecules will 
have high average velocities and hence high momenta. 

Although the chemistry of propellants and explosives is 
a whole science in itself, most of the candidates contain (sin¬ 
gly bonded) nitrogen because of the exothermic formation 
of the dinitrogen molecule. This feature has been of great 
help in trying to discover terrorist-set explosives in luggage 
and carry-ons, in that any bags containing abnormally high 
proportions of nitrogen compounds are suspect. 

To illustrate the workings of a propellant, we consider 
the propellant used in the first rocket-powered aircraft—a 
mixture of hydrogen peroxide, H 2 0 2 , and hydrazine, N 2 H 4 . 
These combine to give dinitrogen gas and water (as steam): 


2 H 2 0 2 (Z) + N 2 H 4 (/) —> N 2 (g) + 4 H 2 0(g) 

The bond energies of the reactants are O—H = 460 
kJ-moL 1 , 0—0 = 142 kJ-moL 1 , N—H = 386 kJ-moL 1 , 
and N—N = 247 kJ-moF 1 . Those of the products are 
N=N = 942 kJ-mol _1 and O—H = 460 kJ-mol _1 . Adding 
the bond energies on each side and finding their differ¬ 
ence give the result that 707 kJ-moL 1 of heat is released 
for every 32 g (1 mol) of hydrazine consumed—a very 
exothermic reaction. And 695 of that 707 kJ-moL 1 can 
be attributed to the conversion of the nitrogen-nitrogen 
single bond to the nitrogen-nitrogen triple bond. 

This mixture clearly satisfies our first criterion for a 
propellant. Experimentation showed that the reaction is, 
indeed, very rapid, and it is obvious from the equation 
and the application of the ideal gas law that very large 
volumes of gas will be produced from a very small vol¬ 
ume of the two liquid reagents. Because these particular 
reagents are very corrosive and extremely hazardous, 
safer mixtures have since been devised by using the same 
criteria of propellant feasibility. 

Much research is still being done on new explosives 
and propellants. One of the most promising is ammo¬ 
nium dinitramide, (NH 4 ) + [N(N0 2 ) 2 ]“, known as ADN. 
From an environmental perspective, unlike the chlorine- 
containing propellant mixtures, ADN decomposition 
does not produce pollutants such as chlorine and hydrogen 
chloride or even carbon dioxide. Because ADN is oxygen- 
rich, it can be mixed with reducing agents, such as aluminum 
powder, to produce even more energy. 
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There are few chemical reactions involving dinitrogen as a reactant. One ex¬ 
ample is the combination of dinitrogen on heating with the Group 2 metals and 
lithium to form ionic nitrides, containing the N 3- ion. The reaction with lithium is 

6 Li(s) + N 2 (g) —>2 Li 3 N(s) 

If a mixture of dinitrogen and dioxygen is sparked, nitrogen dioxide is 
formed: 

N 2 (g) + 2 0 2 (g)^2N0 2 (g) 

On a large scale, this reaction takes place in lightning flashes, where it contri¬ 
butes to the biologically available nitrogen in the biosphere. However, it also 
occurs under the conditions of high pressure and sparking found in modern 
high-compression gasoline engines. Local concentrations of nitrogen dioxide 
may be so high that they become a significant component of urban pollution. 
The equilibrium position for this reaction actually lies far to the left, or, to 
express this idea another way, nitrogen dioxide has a positive free energy of 
formation. Its continued existence depends on its extremely slow decomposi¬ 
tion rate. Thus, it is kinetically stable. It is one of the roles of the automobile 
catalytic converter to accelerate the rate of decomposition back to dinitrogen 
and dioxygen. 

Finally, dinitrogen participates in an equilibrium reaction with hydrogen, 
one that under normal conditions does not occur to any significant extent 
because of the high activation energy of the reaction (in particular, a single-step 
reaction cannot occur because it would require a simultaneous four-molecule 
collision): 


The largest ever peacetime 
explosion was the use in 1958 
of over 1200 tonnes of explosive 
to destroy Ripple Rock, a 
shipping hazard off the coast of 
British Columbia, Canada. The 
fragmentation of about 330 000 
tonnes of rock eliminated this 
undersea pinnacle, which had 
ripped open the hulls of and sunk 
at least 119 ships. 


N 2 (g) + 3H 2 (g) ^2NH 3 (g) 


We will discuss this reaction in much more detail in Section 15.5. 


15.5 Nitrogen Hydrides 


By far the most important hydride of nitrogen is ammonia, but in addition, 
there are two others, hydrazine, N 2 H 4 , and hydrogen azide, HN 3 . 

Ammonia 

Ammonia is a colorless, poisonous gas with a very strong characteristic smell. 
It is the only common gas that is basic. Ammonia dissolves readily in water: at 
room temperature, over 50 g of ammonia will dissolve in 100 g of water, giv¬ 
ing a solution of density 0.880 g*mL -1 (known as 880 ammonia). The solution 
is most accurately called “aqueous ammonia” but is often misleadingly called 
“ammonium hydroxide.” A small proportion does, in fact, react with the water 
to give ammonium and hydroxide ions: 

NH 3 (^) + H 2 O(0 ^ NH 4 + (^) + OH -(aq) 

This reaction is analogous to the reaction of carbon dioxide with water, and 
the equilibrium lies to the left. And, like the carbon dioxide and water reaction, 
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evaporating the solution shifts the equilibrium farther to the left. Thus, there is 
no such thing as pure “ammonium hydroxide.” 

Ammonia is prepared in the laboratory by mixing an ammonium salt and a 
hydroxide, for example, ammonium chloride and calcium hydroxide: 

2 NH 4 C1(s) + Ca(OH) 2 (s) CaCl 2 (s) + 2 H,0(/) + 2 NH 3 (g) 

It is a reactive gas, burning in air when ignited to give water and nitrogen gas: 

4 NH 3 (g) + 3 0 2 (g) ^2 N 2 (g) + 6 H 2 0(/) AG e = -1305 kJ-mol 1 

There is an alternative decomposition route that is thermodynamically less 
favored but in the presence of a platinum catalyst is kinetically preferred; that 
is, the (catalyzed) activation energy for this alternative route becomes lower 
than that for the combustion to nitrogen gas: 

4 NH 3 (g) + 50 2 (g) 4 NO(g) + 6 H 2 0(g) AG e = -1132kJ-mor 1 

Ammonia acts as a reducing agent in its reactions with chlorine. There are 
two pathways. With excess ammonia, nitrogen gas is formed, and the excess 
ammonia reacts with the hydrogen chloride gas produced to give clouds of 
white, solid ammonium chloride: 

2 NH 3 (g) + 3 Cl 2 (g) —»N 2 (g) + 6 HCl(g) 

HCl(g) + NH 3 (g) —¥■ NH 4 C1(s) 

With excess chlorine, a very different reaction occurs. In this case, the product 
is nitrogen trichloride, a colorless, explosive, oily liquid: 

NH 3 (g) + 3 Cl 2 (g) —> 3 HCl(g) + NCI 3 (Z) 

As a base, ammonia reacts with acids in solution to give its conjugate acid, the 
ammonium ion. For example, when ammonia is mixed with sulfuric acid, am¬ 
monium sulfate is formed: 

2 NH 3 (ag) + H 2 S0 4 (ag) —> (NH 4 ) 2 S0 4 (ag) 

Ammonia reacts in the gas phase with hydrogen chloride to give a white 
smoke of solid ammonium chloride: 

NH 3 (g) + HCl(g) —> NH 4 C1(s) 

The formation of a white film over glass objects in a chemistry laboratory is 
usually caused by the reaction of ammonia escaping from reagent bottles with 
acid vapors, particularly hydrogen chloride. 

Ammonia condenses to a liquid at — 35°C.This boiling point is much higher 
than that of phosphine, PH 3 (—134°C), because ammonia molecules form 
strong hydrogen bonds with their neighbors. Liquid ammonia is a good polar 
solvent, as we discussed in Chapter 7, Section 7.1. 

With its lone electron pair, ammonia is also a strong Lewis base. One of 
the “classic” Lewis acid-base reactions involves that between the gaseous 
electron-deficient boron trifluoride molecule and ammonia to give the white 
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solid compound in which the lone pair on the ammonia is shared with the 
boron: 

NH 3 (g) + BF 3 (g) ^F 3 B:NH 3 (s) 

Ammonia also acts like a Lewis base when it coordinates to metal ions. For 
example, it will displace the six water molecules that surround a nickel(II) ion, 
because it is a stronger Lewis base than water: 

[Ni(OH 2 ) 6 ] 2+ H) + 6NH 3 (a 9 )->[Ni(NH 3 ) 6 ] 2+ (fl 9 ) + 6H 2 0 (/) 

The Industrial Synthesis of Ammonia 

It has been known for hundreds of years that nitrogen compounds are essential 
for plant growth. Manure was once the main source of this ingredient for soil en¬ 
richment. But the rapidly growing population in Europe during the nineteenth 
century necessitated a corresponding increase in food production. The solution, 
at the time, was found in the sodium nitrate (Chile saltpeter) deposits in Chile. 
This compound was mined in vast quantities and shipped around Cape Horn 
to Europe. The use of sodium nitrate fertilizer prevented famine in Europe and 
provided Chile with its main income, turning it into an extremely prosperous 
nation. However, it was clear that the sodium nitrate deposits would one day 
be exhausted. Thus, chemists rushed to find some method of forming nitrogen 
compounds from the unlimited resource of unreactive nitrogen gas. 

It was Fritz Haber, a German chemist, who showed in 1908 that at about 
1000°C, traces of ammonia are formed when nitrogen gas and hydrogen gas 
are mixed: 

N 2 (g) + 3H 2 (g) ^ 2 NH 3 (g) 

In fact, the conversion of dinitrogen and dihydrogen into ammonia is exothermic 
and results in a decrease in gas volume and a resulting decrease in entropy. To 
“force” the reaction to the right, the Le Chatelier principle suggests that the maxi¬ 
mum yield of ammonia would be at low temperature and high pressure. However, 
the lower the temperature, the slower the rate at which equilibrium is reached. A 
catalyst might help, but even then there are limits to the most practical minimum 
temperature. Furthermore, there are limits to how high the pressure can go, sim¬ 
ply in terms of the cost of thick-walled containers and pumping systems. 

Haber found that adequate yields could be obtained in reasonable time by 
using a pressure of 20 MPa (200 atm) and a temperature of 500°C. However, 
it took five years for a chemical engineer, Carl Bosch, to actually design an 
industrial-size plant for the chemical company BASF that could work with 
gases at this pressure and temperature. Unfortunately, completion of the plant 
coincided with the start of World War I. With Germany blockaded by the 
Allies, supplies of Chile saltpeter were no longer available; nevertheless, the 
ammonia produced was used for the synthesis of explosives rather than for 
crop production. Without the Haber-Bosch process, the German and Austro- 
Hungarian armies might well have been forced to capitulate earlier than 1918, 
simply because of a lack of explosives. 
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Haber and Scientific Morality 


I t has been said that many scientists are amoral 
because they fail to consider the applications to which 
their work can be put. The life of Fritz Haber presents 
a real dilemma: should we regard him as a hero or as a 
villain? As discussed earlier, Haber devised the process 
of ammonia synthesis, which he intended to be used to 
help feed the world, yet the process was turned into a 
source of materials to kill millions. He cannot easily be 
faulted for this, but his other interest is more contro¬ 
versial. Haber argued that it was better to incapacitate 
the enemy during warfare than to kill them. Thus, he 
worked enthusiastically on poison gas research during 
World War I. His first wife, Clara Immerwahr Haber, a 
talented chemist, pleaded with him to desist, and when 
he did not, she committed suicide. 

In 1918, Haber was awarded the Nobel Prize for his 
work on ammonia synthesis, but many chemists opposed 
the award on the basis of his poison gas research. After that 
war, Haber was a key figure in the rebuilding of Germany’s 


chemical research community.Then in 1933, the National 
Socialist government took power, and Haber, of Jewish 
origin himself, was told to fire all of the Jewish workers 
at his institute. He refused and resigned instead, bravely 
writing: “For more than 40 years I have selected my col¬ 
laborators on the basis of their intelligence and their 
character and not on the basis of their grandmothers, 
and I am not willing to change this method which I have 
found so good.” 

This action infuriated the Nazi leaders, but in view 
of Haber’s international reputation, they did not act 
against him at that time. In 1934, the year after his death, 
the German Chemical Society held a memorial service 
for him. The German government was so angered by 
this tribute to someone who had stood up against their 
regime that they threatened arrest of all those chemists 
who attended. But their threat was hollow. The turnout 
of so many famous chemists for the event caused the 
Gestapo to back down. 


The Modern Haber-Bosch Process 

To prepare ammonia in the laboratory, we can simply take cylinders of nitrogen 
gas and hydrogen gas and pass them into a reaction vessel at appropriate con¬ 
ditions of temperature, pressure, and catalyst. But neither dinitrogen nor di¬ 
hydrogen is a naturally occurring pure reagent. Thus, for the industrial chemist, 
obtaining the reagents inexpensively, on a large scale, with no useless by-products, 
is a challenge. 

The first step is to obtain the dihydrogen gas. This is accomplished by the 
steam re-forming process, where a hydrocarbon, such as methane, is mixed 
with steam at high temperatures (about 750°C) and at high pressures (about 
4 MPa). This process is endothermic, so high temperatures would favor product 
formation on thermodynamic grounds, but high pressure is used for kinetic 
reasons to increase the collision frequency (reaction rate). A catalyst, usually 
nickel, is present for the same reason: 

CH 4 (g) + H 2 0(g) -»CO(g) + 3 H 2 (g) 

Catalysts are easily inactivated (poisoned) by impurities, and so it is crucial 
to remove impurities from the reactants (feedstock ). Sulfur compounds are par¬ 
ticularly effective at reacting with the catalyst surface and deactivating it by 
forming a layer of metal sulfide. Thus, before the methane is used, it is pretreated 
to convert contaminating sulfur compounds to hydrogen sulfide. The hydrogen 
sulfide is then removed by passing the impure methane over zinc oxide: 

ZnO(v) + H 2 S(g) —> ZnS(v) + 2 H 2 Q(g) 
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Next, air is added to the mixture of carbon monoxide and dihydrogen, 
which still contains some methane—deliberately. The methane burns to give 
carbon monoxide, but, with control of how much methane is presented, the 
amount of dinitrogen left in the deoxygenated area should be that required to 
achieve the 1:3 stoichiometry of the Haber-Bosch reaction: 

CH 4 (g) + | 0 2 (g) + 2 N 2 (g) CO(g) + 2 H 2 (g) + 2 N 2 (g) 

There is no simple way of removing carbon monoxide from the mixture of 
gases. For this reason, and to produce an additional quantity of hydrogen, the 
third step involves the oxidation of the carbon monoxide to carbon dioxide by 
using steam. This water gas shift process is performed at fairly low temperatures 
(350°C) because it is exothermic. Even though a catalyst of iron and chromium 
oxides is used, the temperature cannot be any lower without reducing the rate 
of reaction to an unacceptable level: 

CO(g) + H 2 0(g) ^ C0 2 (g) + H 2 (g) 

The carbon dioxide can be removed by a number of different methods. 

Carbon dioxide has a high solubility in water and in many other solvents. 

Alternatively, it ca n be removed by a chemical process such as the reversible 
reaction with potassium carbonate: 

C0 2 (g) + K 2 CO 3 (aq) + H 2 0(/) ^ 2 KHC0 3 (^) 

The potassium hydrogen carbonate solution is pumped into tanks where it is 
heated to generate pure carbon dioxide gas and potassium carbonate solution: 

2 KHC0 3 (^) ^ K 2 CO 3 (aq) + C0 2 (g) + H 2 0(/) 

The carbon dioxide is liquefied under pressure and sold, and the potassium 
carbonate is returned to the ammonia processing plant for reuse. 

Now that a mixture of the pure reagents of dinitrogen and dihydrogen gas 
has been obtained, the conditions are appropriate for the simple reaction that 
gives ammonia: 

N 2 (g) + 3H 2 (g) ^2NH 3 (g) 

The practical thermodynamic range of conditions is shown in Figure 15.4. 

As mentioned earlier, to “force” the reaction to the right, high pressures are 
used. But the higher the pressure, the thicker the reaction vessels and pip¬ 
ing required to prevent an explosion—and the thicker the containers, the 
higher the cost of construction. 

Today’s ammonia plants utilize pressures between 10 and 100 MPa (100 
and 1000 atm). There is a trade-off between kinetics and equilibrium: the 
lower the temperature, the higher the yield but the slower the rate. With 
current high-performance catalysts, the optimum conditions are 400°C 
to 500°C. The catalyst is the heart of every ammonia plant. The most com- FIGURE 15.4 Percentage yields 

mon catalyst is specially prepared high-surface-area iron containing traces of ammonia as a function of 

of potassium, aluminum, calcium, magnesium, silicon, and oxygen. About 100 pressure, at various temperatures, 
tonnes of catalyst is used in a typical reactor vessel, and, provided all potential 
“poisons” are removed from the incoming gases, the catalyst will have a working 
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life of about 10 years. The mechanism of the reaction is known to involve the 
dissociation of dinitrogen to atomic nitrogen on the crystal face of the iron 
catalyst, followed by reaction with atomic hydrogen, similarly bonded to the 
iron surface. 

After leaving the reactor vessel, the ammonia is condensed. The remain¬ 
ing dinitrogen and dihydrogen are then recycled back through the plant to be 
mixed with the fresh incoming gas. A typical ammonia plant produces about 
1000 tonnes per day. The most crucial concern is to minimize energy con¬ 
sumption. A traditional Haber-Bosch plant consumed about 85 GJ*tonne -1 of 
ammonia produced, whereas a modern plant, built to facilitate energy recycling, 
uses only about 30 GJ* tonne -1 . 

Even today, the most important use of ammonia itself is in the fertilizer 
industry. The ammonia is often applied to fields as ammonia gas. Ammonium 
sulfate and ammonium phosphate also are common solid fertilizers. These are 
simply prepared by passing the ammonia into sulfuric acid and phosphoric 
acid, respectively: 

2 NH 3 (g) + H 2 S0 4 (^)^(NH 4 ) 2 S0 4 (^) 

3 NH 3 (g) + H 3 P0 4 (ag) —> (NH 4 ) 3 P0 4 (ag) 

Ammonia is also used in a number of industrial syntheses, particularly that of 
nitric acid, as we will discuss in Section 15.11. 


H v 
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FIGURE 15.5 The hydrazine 
molecule. 


Hydrazine 

Hydrazine is a fuming, colorless liquid. It is a weak base, forming two series of 
salts, in which it is either monoprotonated or diprotonated: 

N 2 H 4 (aq) + H 3 0 + (aq) ^ N 2 H 5 + (^) + H 2 0(/) 

N 2 H 5 + (^) + U 3 0 + (aq) ^ N 2 H 6 2+ (aq) + H 2 0(/) 

However, hydrazine is a strong reducing agent, reducing iodine to hydrogen 
iodide and copper(II) ion to copper metal: 

N 2 H 4 (aq) + 2 I 2 (aq) ->4 Hl(aq) + N 2 (g) 

N 2 H 4 (^) + 2 Cu 2+ (aq) —>2 Cu(s) + N 2 (g) + 4 ¥L + (aq) 

Most of the 20 000 tonnes produced worldwide annually is used as the 
reducing component of a rocket fuel, usually in the form of asymmetrical 
dimethylhydrazine, (CH 3 ) 2 NNH 2 . Another derivative, dinitrophenylhydra- 
zine, H 2 NNHC 6 H 3 (N0 2 ) 2 , is used in organic chemistry to identify carbon 
compounds containing the C=0 grouping. The structure of hydrazine is like 
that of ethane, except that two ethane hydrogens are replaced by lone pairs of 
electrons, one pair on each nitrogen atom (Figure 15.5). 


Hydrogen Azide 

Hydrogen azide, a colorless liquid, is quite different from the other nitrogen 
hydrides. It is acidic, with a pK a similar to that of acetic acid: 

HN 3 (^) + H 2 0(/) F=* h 3 o + (^) + N 3 “(^) 
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The compound has a repulsive, irritating odor and is extremely poisonous. It is 
highly explosive, producing hydrogen gas and nitrogen gas: 

2 HN 3 (7) —> H 2 (g) + 3 N 2 (g) 


The three nitrogen atoms in a hydrogen azide molecule are colinear, 
with the hydrogen at a 110° angle (Figure 15.6). The nitrogen-nitrogen bond 
lengths in hydrogen azide are 124 pm and 113 pm (the end N—N bond is 
shorter). A typical N=N bond is 120 pm, and the N=N bond in the dini¬ 
trogen molecule is 110 pm. Thus, the bond orders in hydrogen azide must be 
approximately and 2|, respectively. The bonding can be pictured simply 
as an equal resonance mixture of the two electron-dot structures shown in 
Figure 15.7, one of which contains two N=N bonds and the other, a N—N 
bond and a N=N bond. 


15.6 Nitrogen Ions 


Besides the neutral nitrogen molecule, there is an anionic species, the azide 
ion, N 3 _ , and a cationic species, the pentanitrogen ion, N 5 + . 

The Azide Anion 

The azide ion, N 3 “, is isoelectronic with carbon dioxide, and it is presumed to 
have an identical electronic structure. The nitrogen-nitrogen bonds are of equal 
length (116 pm), an observation that reinforces the concept that the presence 
of the hydrogen atom in hydrogen azide causes the neighboring N=N bond to 
weaken (and lengthen to 124 pm) and the more distant one to strengthen (and 
shorten to 113 pm). In its chemistry, the azide ion behaves as a pseudo-halide 
ion (see Chapter 9, Section 9.12). For example, mixing a solution of azide ion 
with silver ion gives a precipitate of silver azide, AgN 3 , analogous to silver chloride, 
AgCl. Azide ion also forms parallel complex ions to those of chloride ion, such 
as [Sn(N 3 ) 6 ] 2_ , the analog of [SnCl 6 ] 2- . 

It is interesting how so much of chemistry can be used either destruc¬ 
tively or constructively. The azide ion is now used to save lives—by the au¬ 
tomobile air bag. It is crucial that an air bag inflate extremely rapidly, before 
the victim is thrown forward after impact. The only way to produce such a 
fast response is through a controlled chemical explosion that produces a 
large volume of gas. For this purpose, sodium azide is preferred: it is about 
65 percent nitrogen by mass, can be routinely manufactured to a high purity 
(at least 99.5 percent), and decomposes cleanly to sodium metal and dinitrogen 
at 350°C: 

2 NaN 3 (s) 2 Na(/) + 3 N 2 (g) 



N —N=N 

FIGURE 15.6 The hydrogen 
azide molecule. The bond orders 
of the two nitrogen-nitrogen 
bonds are aboutl^ and 2 %. 
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FIGURE 15.7 The bonding in a 
hydrogen azide can be pictured as 
a resonance mixture of these two 
structures. 


In an air bag, this reaction takes place in about 40 ms. Obviously, we would 
not want the occupants to be saved from a crash and then have to face molten 
sodium metal. There are a variety of reactions that can be used to immobilize 
the liquid product. One of these involves the addition of potassium nitrate and 
silicon dioxide to the mixture. The sodium metal is oxidized by the potassium 
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nitrate to sodium oxide, producing more nitrogen gas. The alkali metal oxides 
then react with the silicon dioxide to give inert glassy metal silicates: 

10Na(Z) + 2 KN0 3 (s) —» K 2 0(s) + 5 Na 2 0(s) + N 2 (g) 

2 K 2 0(s) + Si0 2 (s) —> K 4 Si0 4 (s) 

2 Na 2 0(s) + Si0 2 (s)^Na 4 Si0 4 (s) 

Lead(II) azide is important as a detonator: it is a fairly safe compound 
unless it is impacted, in which case it explosively decomposes. The shock wave 
produced is usually sufficient to detonate a more stable explosive such as 
dynamite: 

Pb(N 3 ) 2 (s) —»Pb(s) + 3 N 2 (g) 

The Pentanitrogen Cation 

Although most simple inorganic compounds have been known for over 100 years, 
new compounds are still being discovered. One of the most interesting is the 
pentanitrogen cation, N 5 + , the first known stable cation of the element and 
only the third all-nitrogen species known. A salt of this cation was first synthe¬ 
sized in 1999 as part of a research program into high-energy materials at the 
Edwards Air Force Base in California. To stabilize the large cation, the large 
hexafluoroarsenate(V) anion was used. The actual synthesis reaction was 

(N 2 F) + [AsF 6 ]-(HF) + HN 3 (HF) —> (N 5 ) + [AsF 6 ] - (s) + HF(/) 

The pentanitrogen ion is an extremely strong oxidizing agent and will 
explosively oxidize water to oxygen gas. One potential use of this compound is 
to prepare yet other species that nobody thinks can be made. 


15.7 The Ammonium Ion 


The colorless ammonium ion is the most common nonmetallic cation used in 
the chemistry laboratory. As we discussed in Chapter 11, Section 11.14, this tet¬ 
rahedral polyatomic ion can be thought of as a pseudo-alkali-metal ion, close 
in size to the potassium ion. Having covered the similarities with alkali metals 
in that section, here we will focus on the unique features of the ion. In particu¬ 
lar, unlike the alkali metal ions, the ammonium ion does not always remain 
intact: it can be hydrolyzed, dissociated, or oxidized. 

The ammonium ion is hydrolyzed in water to give its conjugate base, 
ammonia: 

NH 4 + (^) + h 2 o(/) ^ h 3 o + (^) + NH 3 (^) 

As a result, solutions of ammonium salts of strong acids, such as ammonium 
chloride, are slightly acidic. 

Ammonium salts can volatilize (vaporize) by dissociation. The classic 
example of this is ammonium chloride: 

NH 4 C1(s) ^ NH 3 (g) + HCl(g) 
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If a sample of ammonium chloride is left open to the atmosphere, it will 
“disappear.” It is this same decomposition reaction that is used in “smell¬ 
ing salts.” The pungent ammonia odor, which masks the sharper smell of the 
hydrogen chloride, has a considerable effect on a semicomatose individual 
(although it should be noted that the use of smelling salts except by medical 
personnel is now deemed to be unwise and potentially dangerous). 

Finally, the ammonium ion can be oxidized by the anion in the ammonium 
salt. These are reactions that occur when an ammonium salt is heated, and each 
one is unique. The three most common examples are the thermal decomposi¬ 
tion of ammonium nitrite, ammonium nitrate, and ammonium dichromate: 

NH 4 N0 2 (a<7) N 2 (g) + 2 H z O(/) 

NH 4 N0 3 (s) N 2 0(g) + 2 H 2 0(Q 

(NH 4 ) 2 Cr 2 0 7 (s) N 2 (g) + Cr 2 0 3 (s) + 4H z O(g) 

The reaction of ammonium dichromate is often referred to as the “volcano” 
reaction. A source of heat, such as a lighted match, will cause the orange 
crystals to decompose, producing sparks and a large volume of dark green 
chromium(III) oxide. Although this is a very spectacular decomposition reaction, 
it needs to be performed in a fume hood, because a little ammonium dichromate 
dust usually is dispersed by the reaction, and this highly carcinogenic material 
can be absorbed through the lungs. 


15.8 Nitrogen Oxides 


Nitrogen forms a plethora of common oxides: dinitrogen oxide, N 2 0; nitrogen 
monoxide, NO; dinitrogen trioxide, N 2 0 3 ; nitrogen dioxide, N0 2 ; dinitrogen 
tetroxide, N 2 0 4 ; and dinitrogen pentoxide, N 2 0 5 . In addition, there is nitrogen 
trioxide, N0 3 , commonly called the nitrate radical, which is present in tiny but 
essential proportions in the atmosphere. Each of the oxides is actually thermo¬ 
dynamically unstable with respect to decomposition to its elements, but all are 
kinetically stabilized. 

Dinitrogen Oxide 

The sweet-smelling, gaseous dinitrogen oxide is also known as nitrous oxide or, 
more commonly, laughing gas. This name results from the intoxicating effect of low 
concentrations. It is sometimes used as an anesthetic, although the high concen¬ 
trations needed to cause unconsciousness make it unsuitable for more than brief 
operations such as tooth extraction. Anesthetists have been known to become 
addicted to the narcotic gas. Because the gas is very soluble in fats, tasteless, and 
nontoxic, its major use is as a propellant in pressurized cans of whipped cream. 

Dinitrogen oxide is a fairly unreactive, neutral gas, although it is the only 
common gas other than oxygen to support combustion. For example, magnesium 
burns in dinitrogen oxide to give magnesium oxide and nitrogen gas: 

N 2 0(g) + Mg(s)^MgO(s) + N 2 (g) 
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N = N —O 

FIGURE 15.8 The dinitrogen 
oxide molecule. The N—N bond 
order is about 2\, and the N—O 
bond order is about l|. 


:N: 

: N • 

• o • 

© 

© 


:N: 

l|:N 

^O: 


© 

© 


FIGURE 15.9 The bonding in 
dinitrogen oxide can be pictured 
as a resonance mixture of these 
two structures. 


The standard method of preparation of dinitrogen oxide involves the thermal 
decomposition of ammonium nitrate. This reaction can be accomplished by 
heating the molten solid to about 280°C. An explosion can ensue from strong 
heating, however, so a safer route is to gently warm an ammonium nitrate solu¬ 
tion that has been acidified with hydrochloric acid: 

NH 4 N0 3 (ag) -Hi* N 2 0(g) + 2 H 2 0(/) 

Dinitrogen oxide is isoelectronic with carbon dioxide and the azide ion. 
However, in dinitrogen oxide, the atoms are arranged asymmetrically, with a 
N—N bond length of 113 pm and a N—O bond length of 119 pm. The differ¬ 
ence can be interpreted in terms of the central atom usually possessing the 
lower electronegativity. These values indicate a nitrogen-nitrogen bond order 
of close to 2\ and a nitrogen-oxygen bond order close to l\ (Figure 15.8). 

Like hydrogen azide, dinitrogen oxide can be pictured simply as a molecule 
that resonates between two electron-dot structures, one of which contains a 
N=0 bond and a N=N bond and the other, a N—O bond and a N=N bond 
(Figure 15.9). 

Nitrogen Monoxide 

One of the most curious simple molecules is nitrogen monoxide, also called nitric 
oxide. It is a colorless, neutral, paramagnetic gas. Its molecular orbital diagram 
resembles that of carbon monoxide but with one additional electron that occupies 
an antibonding orbital (Figure 15.10). Hence, the predicted net bond order is 2\. 

Chemists expect molecules containing unpaired electrons to be very reac¬ 
tive. Yet nitrogen monoxide in a sealed container is quite stable. Only when it 
is cooled to form the colorless liquid or solid does it show a tendency to form a 
dimer, N 2 0 2 , in which the two nitrogen atoms are joined by a single bond. 

Consistent with the molecular orbital representation, nitrogen monoxide 
readily loses its electron from the antibonding orbital to form the nitrosyl ion, 
NO + , which is diamagnetic and has a shorter N—O bond length (106 pm) than 
that of the parent molecule (115 pm). This triple-bonded ion is isoelectronic 
with carbon monoxide, and it forms many analogous metal complexes. 


FIGURE 15.10 Molecular- 
orbital-energy-level diagram 
for the 2 p atomic orbitals of the 
nitrogen monoxide molecule. 
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Nitrogen monoxide does show a high reactivity toward dioxygen, and once 
a sample of colorless nitrogen monoxide is opened to the air, brown clouds of 
nitrogen dioxide form: 

2N0(g) + 0 2 (g)^2N0 2 (g) 

The molecule is an atmospheric pollutant, commonly formed as a side re¬ 
action in high-compression internal combustion engines when dinitrogen and 
dioxygen are compressed and sparked: 

N 2 (g) + 0 2 (g) ^ 2 NO(g) 

The easiest method for preparing the gas in the laboratory involves the 
reaction between copper and 50 percent nitric acid: 

3 Cu(s) + 8 HN0 3 (^) -»3 Cu(N 0 3 ) 2 (^) + 4 H 2 0(/) + 2 NO(g) 

However, the product is always contaminated by nitrogen dioxide. This contam¬ 
inant can be removed by bubbling the gas through water, because the nitrogen 
dioxide reacts rapidly with water. 

Until recently, a discussion of simple nitrogen monoxide chemistry would 
have ended here. Now we realize that this little molecule plays a vital role in our 
bodies and those of all mammals. In fact, the prestigious journal Science called it 
the 1992 Molecule of the Year. It has been known since 1867 that organic nitro 
compounds, such as nitroglycerine, can relieve angina, lower blood pressure, and 
relax smooth muscle tissue. Yet it was not until 1987 that Salvador Moncada and 
his team of scientists at the Wellcome Research Laboratories in Britain identi¬ 
fied the crucial factor in blood vessel dilation as nitrogen monoxide gas. That is, 
organic nitro compounds were broken down to produce this gas in the organs. 

Since this initial work, we have come to realize that nitrogen monoxide 
is crucial in controlling blood pressure. There is even an enzyme (nitric oxide 
synthase) whose sole task is the production of nitrogen monoxide. At this point, 
a tremendous quantity of biochemical research is concerned with the role of 
this molecule in the body. A lack of nitrogen monoxide is implicated as a cause 
of high blood pressure, whereas septic shock, a leading cause of death in inten¬ 
sive care wards, is ascribed to an excess of nitrogen monoxide. The gas appears 
to have a function in memory and in the stomach. Male erections have been 
proved to depend on production of nitrogen monoxide, and there are claims 
of important roles for nitrogen monoxide in female uterine contractions. One 
question still to be answered concerns the life span of these molecules, consid¬ 
ering the ease with which they react with oxygen gas. 

Dinitrogen Trioxide 

Dinitrogen trioxide, the least stable of the common oxides of nitrogen, is a dark 
blue liquid that decomposes above 230°C. It is prepared by cooling a stoichio¬ 
metric mixture of nitrogen monoxide and nitrogen dioxide: 

NO(g) + N0 2 (g) ^ N 2 0 3 (Z) 

Dinitrogen trioxide is the first of the acidic oxides of nitrogen. In fact, it 
is the acid anhydride of nitrous acid. Thus, when dinitrogen trioxide is mixed 
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with water, nitrous acid is formed, and when it is mixed with hydroxide ion, the 
nitrite ion is produced: 

N 2 0 3 (Z) + H 2 0(/) —» 2 HN0 2 (^) 

N 2 0 3 (Z) + 2 0H"(fl^)->2N0 2 "(fl9) + H 2 O(0 

Although, simplistically, dinitrogen trioxide can be considered to contain 
two nitrogen atoms in the +3 oxidation state, the structure is asymmetric 
(Figure 15.11), an arrangement that shows it to be a simple combination of 
the two molecules with unpaired electrons from which it is prepared (nitrogen 
monoxide and nitrogen dioxide). In fact, the nitrogen-nitrogen bond length in 

FIGURE 15.11 The dinitrogen 
trioxide molecule. 

dinitrogen trioxide is abnormally long (186 pm) relative to the length of the 
single bond in hydrazine (145 pm). 

Bond length data indicate that the single oxygen is bonded to the nitrogen 
with a double bond, whereas the other two oxygen-nitrogen bonds each have a 
bond order of about l\. This value is the average of the single and double bond 
forms that can be constructed with electron-dot formulas. 


Nitrogen Dioxide and Dinitrogen Tetroxide 

These two toxic oxides coexist in a state of dynamic equilibrium. Low tempera¬ 
tures favor the formation of the colorless dinitrogen tetroxide, whereas high 
temperatures favor the formation of the dark red-brown nitrogen dioxide: 

N 2 0 4 (g) ^ 2 N0 2 (g) 

colorless red-brown 

At the normal boiling point of — 1°C, the mixture contains 16 percent 
nitrogen dioxide, but the proportion of nitrogen dioxide rises to 99 percent 
at 135°C. 

Nitrogen dioxide is prepared by reacting copper metal with concentrated 
nitric acid: 

Cu(s) + 4 HN0 3 (/) —» Cu(N0 3 ) 2 (ag) + 2H 2 0(/) + 2N0 2 (g) 

It is also formed by heating heavy metal nitrates, a reaction that produces a 
mixture of nitrogen dioxide and oxygen gases: 

Cu(N0 3 ) 2 (s) CuO(s') + 2N0 2 (g) + |0 2 (g) 

And, of course, it is formed when nitrogen monoxide reacts with dioxygen: 

2 NO(g) + 0 2 (g) ^ 2 N0 2 (g) 

Nitrogen dioxide is an acid oxide, dissolving in water to give nitric acid and 
nitrous acid: 

2 N0 2 (g) + H 2 0(/) HN0 3 (aq) + HN0 2 (^) 

This potent mixture of corrosive, oxidizing acids is produced when nitrogen 
dioxide, formed from automobile pollution, reacts with rain. It is a major dam¬ 
aging component of urban precipitation. 

Nitrogen dioxide is a V-shaped molecule with an O—N—O angle of 134°, 
an angle slightly larger than the true trigonal planar angle of 120°. Because the 
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third bonding site is occupied by a single electron rather than by a lone pair, it 
is not unreasonable for the bonding angle to be opened up (Figure 15.12). The 
oxygen-nitrogen bond length indicates a l\ bond order, like that in the N0 2 
half of dinitrogen trioxide. 

It is useful to compare the tt bonding in nitrogen dioxide to that in carbon 
dioxide. The linear structure of carbon dioxide allows both sets of p orbitals 
that are at right angles to the bonding direction to overlap and participate 
in tt bonding. In the bent nitrogen dioxide molecule, the p orbitals are still at 
right angles to the bonding direction, but in the plane of the molecule, they are 
skewed with respect to one another and cannot overlap to form a tt system. 
As a result, the only tt bond that can form is at right angles to the plane of the 
molecule (Figure 15.13). However, this single tt bond is shared between two 
bonded pairs; hence, each pair has one-half a tt bond. 

The O—N—O bond angle in the dinitrogen tetroxide molecule is almost 
identical to that in the nitrogen dioxide molecule (Figure 15.14). Though di¬ 
nitrogen tetroxide has an abnormally long (and hence weak) nitrogen-nitrogen 
bond at 175 pm, it is not as weak as the N—N bond in dinitrogen trioxide. 
The N—N bond is formed by the combination of the weakly antibonding 
a orbitals of the two N0 2 units (overlap of the sp 2 hybrid orbitals containing 
the “odd” electrons, in hybridization terminology).The resulting N—N bonding 
molecular orbital will have correspondingly weak bonding character. In fact, 
the N—N bond energy is only about 60 kJ*mol _1 . 

Dinitrogen Pentoxide 


O 
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FIGURE 15.12 The nitrogen 
dioxide molecule. 



FIGURE 15.13 Overlap of 
the p orbitals at right angles to 
the molecular plane of nitrogen 
dioxide. 



FIGURE 15.14 The dinitrogen 
tetroxide molecule. 


This colorless, solid, deliquescent oxide is the most strongly oxidizing of the 
nitrogen oxides. It is also strongly acidic, reacting with water to form nitric acid: 



N 2 0 5 (s) + H 2 0(/) —> 2 HN0 3 (^) 

In the liquid and gas phases, the molecule has a structure related to those 
of the other dinitrogen oxides, N 2 0 3 , and N 2 0 4 , except that an oxygen atom 
links the two N0 2 units (Figure 15.15). Once again, the two pairs of p electrons 
provide a half tt bond to each oxygen-nitrogen pair. Of more interest, 
however, is the bonding in the solid phase. We have already seen that 
compounds of metals and nonmetals can be covalently bonded. Here we r 
have a case of a compound of two nonmetals that contains ions! In fact, 
the crystal structure consists of alternating nitryl cations, N0 2 + , and nitrate 
anions, N0 3 “ (Figure 15.16). 

Nitrogen Trioxide—The Nitrate Radical 



FIGURE 15.15 The dinitrogen 
pentoxide molecule. 



FIGURE 15.16 The nitryl cation 
and nitrate anion present in solid- 
phase dinitrogen pentoxide. 


Most people are aware that the Earth’s atmosphere is predominantly dinitro¬ 
gen and dioxygen and that trioxygen and carbon dioxide are also important 
atmospheric gases. What very few realize is the crucial role of certain trace 
gases, one of which is the nitrate radical, N0 3 . This highly reactive free radical 
was first identified in the troposphere in 1980, where it is now known to play a 
major role in nighttime atmospheric chemistry. 
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The nitrate radical is formed by the reaction of nitrogen dioxide with ozone: 

no 2 (s) + 0 3 (g) —> No 3 (g) + 0 2 (g) 

During the day, it is decomposed by light (photolyzed), the product depending 
on the wavelength of light: 

N0 3 (g) NO(g) + 0 2 (g) 

N0 3 (g) N0 2 (g) + O(g) 

However, at night, the nitrate radical is the predominant oxidizing species on 
the Earth’s surface, even though its concentration is usually in the 0.1 to 1 ppb 
range. This role is crucial in urban environments where there are high levels 
of hydrocarbons. Thus, it will remove a hydrogen atom from an alkane (rep¬ 
resented as RH in the following equation) to give a reactive alkyl radical and 
hydrogen nitrate, the latter reacting with water to give nitric acid. 

N0 3 (g) + RH(g) —»R’(g) + HN0 3 (g) 

With alkenes, addition occurs to the double bond to form highly oxidizing 
and reactive organonitrogen and peroxy compounds, including the infamous 
peroxyacetyl nitrate, CH 3 C00 2 N0 2 , known as PAN, a major eye irritant in the 
photochemical smog found in many city atmospheres. 


F 



102° p 


FIGURE 15.17 The nitrogen 
trifluoride molecule. 


15.9 Nitrogen Halides 

Nitrogen trichloride is a typical covalent chloride. It is a yellow, oily liquid that 
reacts with water to form ammonia and hypochlorous acid: 

NC1 3 (^) + 3 H 2 0(/) —» NH 3 (g) + 3 HCIO (aq) 

The compound is highly explosive when pure, because it has a positive free 
energy of formation. However, nitrogen trichloride vapor is used quite exten¬ 
sively (and safely) to bleach flour. 

By contrast, nitrogen trifluoride is a thermodynamically stable, colorless, 
odorless gas of low chemical reactivity. For example, it does not react with 
water at all. Such stability and low reactivity are quite common among covalent 
fluorides. Despite having a lone pair like ammonia (Figure 15.17), it is a weak 
Lewis base. The F—N—F bond angle in nitrogen trifluoride (102°) is signifi¬ 
cantly less than the tetrahedral angle. One explanation for the weak Lewis 
base behavior and the decrease in bond angle from 109^° is that the nitrogen- 
fluorine bond has predominantly p orbital character (for which 90° would be 
the optimum angle), and the lone pair is in the nitrogen s orbital rather than in 
a more directional sp 3 hybrid. 

There is one unusual reaction in which nitrogen trifluoride does act as a 
Lewis base: it forms the stable compound nitrogen oxide trifluoride, NF 3 0, 
when an electric discharge provides the energy for its reaction with oxygen gas 
at very low temperature: 

2 NF 3 (g) + 0 2 (g) —> 2 NF 3 0(g) 
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Nitrogen oxide trifluoride is often used as the classic example of a compound 
with a coordinate covalent bond between the nitrogen and oxygen atoms. 


15.10 Nitrous Acid and Nitrites 


Nitrous acid is a weak acid that is unstable except in solution. It can be pre¬ 
pared by mixing a metal nitrite and a solution of a dilute acid at 0°C in a double¬ 
replacement reaction. Barium nitrite and sulfuric acid give a pure solution of 
nitrous acid, because the barium sulfate that is formed has a very low solubility: 

Ba(N0 2 ) 2 (ag) + H 2 S0 4 (ag) —>2HN0 2 (aq) + BaS0 4 (s) 

The shape of the nitrous acid molecule is shown in Figure 15.18. H 

Even at room temperature, disproportionation of aqueous nitrous acid ^ 

occurs to give nitric acid and bubbles of nitrogen monoxide. The latter reacts 
rapidly with the oxygen gas in the air to produce brown fumes of nitrogen 

dioxide: FIGURE 15.18 The nitrous acid 

molecule. 

3HS0 2 (aq)->IDi0 3 (aq) + 2NO(g) + H 2 0 (/) 

2NO(g) + 0 2 (g) —>2 N0 2 (g) 

Nitrous acid is used as a reagent in organic chemistry; for example, diazonium 
salts are produced when nitrous acid is mixed with an organic amine (in this 
case, aniline, C 6 H 5 NH 2 ): 

C 6 H 5 NH 2 (^) + HNQ 2 (aq) + HCl(aq) -> [C 6 H 5 N 2 ] + CE (s) + 2 H 2 0(/) 


The diazonium salts are used, in turn, to synthesize a wide range of organic 
compounds. 

The nitrite ion is a weak oxidizing agent; hence, nitrites of metals in their 
lower oxidation states cannot be prepared. For example, nitrite will oxidize 
iron(II) ion to iron(III) ion and is simultaneously reduced to lower oxides of 
nitrogen. 

The ion is V shaped as a result of the lone pair on the central nitrogen 
(Figure 15.19), the bond angle being 115° compared with 134° for nitrogen 
dioxide (see Figure 15.12). The N—O bond length is 124 pm, longer than that 
in nitrogen dioxide (120 pm) but still much shorter than the N—O single bond 

(143 pm). FIGURE 15.19 The nitrite ion. 

Sodium nitrite is a commonly used meat preservative, particularly in cured 
meats such as ham, hot dogs, sausages, and bacon. The nitrite ion inhibits the 
growth of bacteria, particularly Clostridium botulinum, an organism that pro¬ 
duces the deadly botulism toxin. Sodium nitrite is also used to treat packages 
of red meat, such as beef. Blood exposed to the air rapidly produces a brown 
color, but shoppers much prefer their meat purchases to look bright red. Thus, 
the meat is treated with sodium nitrite; the nitrite ion is reduced to nitrogen 
monoxide, which then reacts with the hemoglobin to form a very stable bright 
red compound. It is true that the nitrite will prevent bacterial growth in this cir¬ 
cumstance as well, but these days, the meat is kept at temperatures low enough 
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FIGURE 15.20 

molecule. 


to inhibit bacteria. To persuade shoppers to prefer brownish rather than red 
meat will require a lot of re-education. Now that all meats are treated with 
sodium nitrite, there is concern that the cooking process will cause the nitrite 
ion to react with amines in the meat to produce nitrosamines, compounds con¬ 
taining the —NNO functional group. These compounds are known to be carci¬ 
nogenic. However, as long as preserved meats are consumed in moderation, it 
is generally believed that the cancer risk is minimal. 


15.11 Nitric Acid and Nitrates 


A colorless, oily liquid when pure, nitric acid is extremely hazardous. It is ob¬ 
viously dangerous as an acid, but as can be seen from the Frost diagram (see 
Figure 15.3), it is a very strong oxidizing agent, making it a potential danger in 
the presence of any oxidizable material. The acid, which melts at -42°C and 
boils at 183°C, is usually slightly yellow as a result of a light-induced decom¬ 
position reaction: 

4 HN0 3 (^) —» 4 N0 2 (g) + O 2 (g) + 2H 2 0(/) 

When pure, liquid nitric acid is almost completely nonconducting. A small 
proportion ionizes as follows (all species exist in nitric acid solvent): 

2 HN0 3 (Z) ^ H 2 N0 3 + + NCV 
h 2 no 3 + F=* h 2 o + no 2 + 

h 2 o + hno 3 ^ h 3 o + + no 3 ~ 

giving an overall reaction of 

3 HN0 3 N0 2 + + H 3 0 + + 2N0 3 “ 




The nitric acid 


The nitryl cation is important in the nitration of organic molecules; for exam¬ 
ple, the conversion of benzene, C 6 H 6 , to nitrobenzene, C 6 H 5 N0 2 , an important 
step in numerous organic industrial processes. 

Concentrated nitric acid is actually a 70 percent solution in water (cor¬ 
responding to a concentration of about 16 moFL -1 ), whereas “fuming nitric 
acid,” an extremely powerful oxidant, is a red solution of nitrogen dioxide in 
pure nitric acid. Even when dilute, it is such a strong oxidizing agent that the 
acid rarely evolves hydrogen when mixed with metals; instead, a mixture of 
nitrogen oxides is produced and the metal is oxidized to its cation. 

The terminal O—N bonds are much shorter (121 pm) than the O—N bond 
attached to the hydrogen atom (141 pm). This bond length indicates multiple 
bonding between the nitrogen and the two terminal oxygen atoms. In addition to 
the electrons in the a system, there are four electrons involved in the O—N—O 
7T system, two in a bonding orbital and two in a nonbonding orbital, a system giving 
a bond order of 1 2 for each of those nitrogen-oxygen bonds (Figure 15.20). 


The Industrial Synthesis of Nitric Acid 

The three-step Ostwald process for nitric acid synthesis utilizes much of the 
ammonia produced by the Haber process. The process is performed in three 
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steps. First, a mixture of ammonia and dioxygen (or air) is passed through a 
platinum metal gauze. This is a very efficient, highly exothermic process that 
causes the gauze to glow red-hot. Contact time with the catalyst is limited to 
about 1 ms to minimize unwanted side reactions. The step is performed at low 
pressures to take advantage of the entropy effect; that is, the formation of 
10 gas moles from 9 gas moles (an application of the Le Chatelier principle) to 
shift the equilibrium to the right: 

4 NH 3 (g) + 5 0 2 (g) —>4 NO(g) + 6 H 2 0(g) 

Additional oxygen is added to oxidize the nitrogen monoxide to nitrogen 
dioxide. To improve the yield of this exothermic reaction, heat is removed from 
the gases, and the mixture is placed under pressure: 

2 NO(g) + 0 2 (g) —» 2 N0 2 (g) 

Finally, the nitrogen dioxide is mixed with water to give a solution of nitric acid: 

3 N0 2 (g) + H 2 0(/) ^2 HN0 3 (/) + NO(g) 

This reaction also is exothermic. Again, cooling and high pressures are used 
to maximize yield. The nitrogen monoxide is returned to the second stage for 
reoxidation. 

Pollution used to be a major problem for nitric acid plants. The older plants 
were quite identifiable by the plume of yellow-brown gas—escaping nitrogen 
dioxide. State-of-the-art plants have little trouble in meeting the current emis¬ 
sion standards of less than 200 ppm nitrogen oxides in their flue gases. Older 
plants now mix stoichiometric quantities of ammonia into the nitrogen oxides, 
a mixture producing harmless dinitrogen and water vapor: 

NO(g) + N0 2 (g) + 2 NH 3 (g) —> 2 N 2 (g) + 3 H 2 0(g) 

Worldwide, about 80 percent of the nitric acid is used in fertilizer production. 
This proportion is only about 65 percent in the United States, because about 
20 percent is required for explosives production. 

Nitrates 

Nitrates of almost every metal ion in its common oxidation states are known, 
and of particular note, all are water-soluble. For this reason, nitrates tend to 
be used whenever a solution of a cation is required. Although nitric acid is 
strongly oxidizing, the colorless nitrate ion is not under normal conditions (see 
Figure 15.3). Hence, one can obtain nitrates of metals in their lower oxidation 
states, such as iron(II). 

The most important nitrate is ammonium nitrate; in fact, this one chemical ac¬ 
counts for the major use of nitric acid. About 1.5 X 10 7 tonnes is produced annu¬ 
ally worldwide. It is prepared simply by the reaction of ammonia with nitric acid: 

NH 3 (g) + HN0 3 (^)^NH 4 N0 3 (^) 

One of the common cold packs utilizes solid ammonium nitrate and water. 
When the dividing partition is broken, ammonium nitrate solution forms. This 
process is highly endothermic: 

NH 4 N0 3 (s)-^NH 4 + (a<?) + T$0 3 -(aq) 


A H° = 26 kJ-moU 1 


388 


CHAPTER 15 


The Group 15 Elements: The Pnictogens 


The accidental fire on a ship 
carrying wax-coated pellets of 
ammonium nitrate killed at least 
500 people in Texas City, Texas, 
in 1947. 


The endothermicity must be a result of comparatively strong cation-anion 
attractions in the crystal lattice and comparatively weak ion-dipole attractions 
to the water molecules in solution. If the enthalpy factor is positive but the 
compound is still very soluble, the driving force must be a large increase in 
entropy. In fact, there is such an increase: +110 Tmol ^K 1 . In the solid, the 
ions have a low entropy, whereas in solution, the ions are mobile. At the same 
time, the large ion size and low charge result in little ordering of the surround¬ 
ing water molecules. Thus, it is an increase in entropy that drives the endothermic 
solution process of ammonium nitrate. 

Ammonium nitrate is a convenient and concentrated source of nitrogen 
fertilizer, although it has to be handled with care. At low temperatures, it de¬ 
composes to dinitrogen oxide, but at higher temperatures, explosive decompo¬ 
sition to dinitrogen, dioxygen, and water vapor occurs: 

NH 4 N0 3 (s) N 2 0(g) + 2 H 2 0(g) 

2 NH 4 N0 3 (s) 2 N 2 (g) + 0 2 (g) + 4 H 2 0(g) 

About 1955, the North American blasting explosives industry recognized the 
potential of an ammonium nitrate-hydrocarbon mixture. As a result, a mixture 
of ammonium nitrate with fuel oil has become very popular with the industry. It 
is actually quite safe, because the ammonium nitrate and fuel oil can be stored 
separately until use, and a detonator is then employed to initiate the explosion. 
This mixture was put to more tragic use in the Oklahoma City, Oklahoma, 
bombing in 1995. 

Other nitrates decompose by different routes when heated. Sodium nitrate 
melts, and then, when strongly heated, bubbles of oxygen gas are produced, 
leaving behind sodium nitrite: 

2 NaN0 3 (/) -+• 2 NaN0 2 (s) + 0 2 (g) 

Most other metal nitrates give the metal oxide, nitrogen dioxide, and oxygen. For 
example, heating blue crystals of copper(II) nitrate heptahydrate first yields a 
green liquid as the water of hydration is released and dissolves the copper(II) 
nitrate itself. Continued heating boils off the water, and the green solid then 
starts to release dioxygen and the brown fumes of nitrogen dioxide, leaving the 
black residue of copper(II) oxide: 

2 Cu(N0 3 ) 2 (s) -+ 2 CuO(s) + 4 N0 2 (g) + 0 2 (g) 

Both nitrates and nitrites can be reduced to ammonia in basic solution with 
zinc or Devarda’s alloy (a combination of aluminum, zinc, and copper). This 
reaction is a common test for nitrates and nitrites, because there is no charac¬ 
teristic precipitation test for this ion. The ammonia is usually detected by odor 
or with damp red litmus paper (which will turn blue): 

NO s ~(aq) + 6 H 2 0(/) + 8 e~ —> NH 3 (g) + 9 OH ~{aq) 

A1 (s) + 4 OH - (aq) —> Al(OH) 4 _ (aq) + 3 e“ 

The “brown ring test” for nitrate involves the reduction of nitrate with 
iron(II) in very acidic solution, followed by replacement of one of the 
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coordinated water molecules of the remaining iron(II) to give a brown 
complex ion: 

[Fe(OH 2 ) 6 ] 2+ (ag) —»[Fe(OH 2 ) 6 ] 3+ (ag) + e" 

NO f{aq) + 4 U + (aq) + 3 e" ^NO(g) + 2 H z O(Q 

[Fe(OH 2 ) 6 ? + (aq) + NO(g) ^[Fe(OH 2 ) 5 (NO)] 2+ (« ? ) + H 2 0(/) 

The nitrate ion is trigonal planar and has short nitrogen-oxygen bonds 
(122 pm)—bonds slightly shorter than those in the nitrite ion. The nitrate ion 
is isoelectronic with the carbonate ion; thus, we assume similar partial bond¬ 
ing to give a bond order of l\. The partial bond representation of the nitrate 
ion is shown in Figure 15.21. 


15.12 Overview of Phosphorus Chemistry 


The Frost diagram for phosphorus species shows that under acidic conditions, 
the highest oxidation state, +5, is the most stable species, as phosphoric acid, 
FI3PO4, and under basic conditions, the phosphate ion, P 0 4 3- , is the most stable 
(Figure 15.22). In aqueous environments, these and the intervening acid anions 
are the predominant species. 

A unique feature of phosphorus chemistry is the stability of the tetrahedral 
P 4 unit found in the white allotrope of phosphorus (see Section 15.14). For 
example, the common phosphorus oxides, P 4 0 6 and P 4 O 10 , have structures 
based on the P 4 framework (see Section 15.16), as do P 4 S 10 and the mixed 
oxide-sulfide compounds P 4 0 6 S 4 and P 4 S 6 0 4 . 




FIGURE 15.21 The nitrate ion. 



FIGURE 15.22 Frost diagram 
for the common phosphorus 
species under acidic and basic 
conditions. 
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FIGURE 15.23 The white 
phosphorus molecule. 

15.13 Phosphorus 

Phosphorus has several allotropes.The most common is white phosphorus (some¬ 
times called yellow phosphorus); the other common one is red phosphorus. Curi¬ 
ously, the most thermodynamically stable form of phosphorus, black phosphorus, 
is the hardest to prepare. To make black phosphorus, white phosphorus is heated 
under pressures of about 1.2 GPa! 

White Phosphorus 

White phosphorus is formed when liquid phosphorus solidifies; it is the least 
thermodynamically stable of the allotropes. White phosphorus is a very poisonous, 
white, waxy-looking substance. It is a tetratomic molecule with the phosphorus 
atoms at the corners of a tetrahedron (Figure 15.23). Tetraphosphorus is an 
extremely reactive substance, possibly because of its highly strained bond 
structure. It burns vigorously in air to give tetraphosphorus decaoxide: 

P 4 (s) + 5 0 2 (g) -> P 4 Oio(s) 

The oxide is formed in an electronically excited state, and as the electrons fall 
to the lowest energy state, visible light is released. In fact, the name phosphorus 
is derived from the phosphorescent glow when white phosphorus is exposed 
to air in the dark. 

Because it is so reactive toward oxygen, white phosphorus has to be stored 
underwater. This allotrope, having only weak dispersion forces between neigh¬ 
boring molecules, melts at 44°C. Although insoluble in hydrogen-bonding sol¬ 
vents such as water, it is extremely soluble in nonpolar organic solvents such 
as carbon disulfide. 

Red Phosphorus 

When exposed to ultraviolet radiation (for example, from fluorescent lights), 
white phosphorus slowly turns to red phosphorus. In this allotrope, one of the 
bonds in the tetrahedral structure of white phosphorus has broken open and 
joined to a neighboring unit (Figure 15.24). Thus, red phosphorus is a polymer 
with bonds less strained than those of the white allotrope. 

The more thermodynamically stable red phosphorus has properties that are 
completely different from those of the white allotrope. It is stable in air, react¬ 
ing with the dioxygen in air only above about 400°C. The melting point of the 
red allotrope is about 600°C, at which temperature the polymer chains break to 
give the same P 4 units contained in white phosphorus. As we would expect for 
a covalently bonded polymer, red phosphorus is insoluble in all solvents. 

FIGURE 15.24 The arrangement 
of atoms in red phosphorus. 
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The Industrial Extraction of Phosphorus 

Phosphorus is such a reactive element that quite extreme methods have to be 
used to extract it from its compounds. The raw material is calcium phosphate. 
This compound is found in large deposits in central Florida, the Morocco- 
Sahara region, and the Pacific island of Nauru. The origins of these deposits are 
not well understood, although they may have been the result of the interaction 
of the calcium carbonate of coral reefs with the phosphate-rich droppings of 
seabirds over a period of hundreds of thousands of years. 

Processing of phosphate rock is highly dependent on electric energy. As a 
result, the ore is usually shipped to countries where electric power is abundant 
and inexpensive, such as North America and Europe. The conversion of phos¬ 
phate rock to the element is accomplished in a very large electric furnace con¬ 
taining 60-tonne carbon electrodes. In this electrothermal process, the furnace 
is filled with a mixture of ore, sand, and coke, and a current of about 180 000 A 
(at 500 V) is applied across the electrodes. 

At the 1500°C operating temperature of the furnace, the calcium phos¬ 
phate reacts with carbon monoxide to give calcium oxide, carbon dioxide, and 
gaseous tetraphosphorus: 

2 Ca 3 (P0 4 ) 2 (s) + 10 CO(g) 6 CaO (s) + 10 C0 2 (g) + P 4 (g) 

To condense the gaseous tetraphosphorus, it is pumped into a tower and 
sprayed with water. The liquefied phosphorus collects at the bottom of the 
tower and is drained into holding tanks. The average furnace produces about 
5 tonnes of tetraphosphorus per hour. 


Nauru, the World's Richest Island 


* BEE * m Bl 

* UK +* 

I n our studies of industrial chemistry, or any branch 
of science, it is important to consider the human ele¬ 
ment. The extraction of phosphate rock from the island 
of Nauru is an illustrative case history. 

The Republic of Nauru, located in the Pacific Ocean, 
has an area of 21 km 2 , yet it is one of the world’s major 
suppliers of calcium phosphate. Between 1 and 2 million 
tonnes of phosphate rock is mined there each year, thus 
providing that small nation with a gross national product 
of about $200 million per year. For the approximately 
5000 native Nauruans, this income provides an opulent 
lifestyle, with all the conveniences of modern living from 
washing machines to DVDs. In addition, they hire ser¬ 
vants and maids from Asia and from other island coun¬ 
tries to perform the work around the house and garden. 

The downside of this “idyllic” life is that there is little 
incentive to work or study. Obesity, heart disease, and al¬ 
cohol abuse have suddenly become major problems. The 
long-term effects on the environment have also been 


catastrophic. Extraction of the phosphate rock is like 
large-scale dentistry. The ore is scooped up from between 
enormous toothlike stalks of coral limestone, some of 
which are 25 m high. These barren pinnacles of limestone 
will be all that is left of 80 percent of the island when the 
deposits are exhausted. Furthermore, silt runoff from the 
mining operation has damaged the offshore coral reefs 
that once provided abundant fishing resources. 

To provide a future for the island and the islanders, 
the majority of the mining royalties are now placed in 
the Phosphate Royalties Trust. The money is intended to 
give the islanders a long-term benefit. This may involve 
the importation of millions of tonnes of soil to resurface 
the island. Alternatively, some planners envisage the pur¬ 
chase of some sparsely populated island for relocation 
of the entire population and an abandonment of Nauru. 
Whatever the future, phosphate mining has changed the 
lives of these islanders forever. 
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As to the other products, the carbon dioxide is then reduced back to carbon 
monoxide by the coke: 


C0 2 (g) + C(s)^2C0(g) 


Some of the gas is reused, but the remainder escapes from the furnace. The 
calcium oxide reacts with silicon dioxide (sand) to give calcium silicate (slag): 

CaO(s) + Si0 2 (s) CaSiO 3 (Z) 

The escaping carbon monoxide is burned and the heat is used to dry the three 
raw materials: 


2 CO(g) + 0 2 (g) —» 2 C0 2 (g) 


There are two common impurities in the phosphate ore. First, there are 
traces of fluorapatite, Ca 5 (P0 4 ) 3 F, that react at the high temperatures to produce 
toxic and corrosive silicon tetrafluoride. This contaminant is removed from the 
effluent gases by treating them with sodium carbonate solution. The process 
produces sodium hexafluorosilicate, Na 2 SiF 6 , which is a commercially useful 
product. The second impurity is iron(III) oxide, which reacts with the tet- 
raphosphorus to form ferrophosphorus (mainly Fe 2 P, one of the several inter¬ 
stitial iron phosphides), a dense liquid that can be tapped from the bottom of 
the furnace below the liquid slag layer. Ferrophosphorus can be used in specialty 
steel products such as railroad brake shoes. The other by-product from the 
process, calcium silicate (slag), has little value apart from road fill. The cost of 
this whole process is staggering, not only for its energy consumption but also 
for the total mass of materials. These are listed in Table 15.5. 

The major pollutants from the process are dusts, flue gases, phosphorus- 
containing sludge, and process water from the cooling towers. Older plants had 
very bad environmental records. In fact, the technology has changed to such an 
extent that it is now more economical to abandon an old plant and build a new 
one that will produce as little pollution as is possible using modern technology. 
However, the abandoned plant may become a severe environmental problem 
for the community in which it is located as a result of leaching from the waste 
material dumps. 

The need for pure phosphorus is in decline because the energy costs of 
its production are too high to make it an economical source for most phos¬ 
phorus compounds. Furthermore, demand for phosphate-based detergents has 



Materials consumed and produced in the extraction of 1 tonne of 
phosphorus 


Required 


Produced 


10 tonnes calcium phosphate 
(phosphate rock) 

3 tonnes silicon dioxide (sand) 
l\ tonnes carbon (coke) 

14 MWh electrical energy 


1 tonne white phosphorus 
8 tonnes calcium silicate (slag) 

4 tonne iron phosphides 
0.1 tonne filter dust 
2500 m 3 flue gas 
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dropped because of ecological concerns. Nevertheless, elemental phosphorus 
is still the preferred route for the preparation of high-purity phosphorus com¬ 
pounds, such as phosphorus-based insecticides and match materials. 

15.14 Phosphine 

The analog of ammonia—phosphine, PH 3 —is a colorless, highly poisonous gas. 
The two hydrides differ substantially because the P—H bond is much less polar 
than the N—H bond. Thus, phosphine is a very weak base, and it does not form 
hydrogen bonds. In fact, the phosphonium ion, PH 4 + , the equivalent of the am¬ 
monium ion, is difficult to prepare. Phosphine itself can be prepared by mixing 
a phosphide of a very electropositive metal with water: 

Ca 3 P 2 (s) + 6 H 2 0(s) —» 2 PH 3 (g) + 3 Ca(OH) 2 (^) 

In phosphine, the H—P—H bond angle is only 93° rather than 107°, the 
angle of the H—N—H bond in ammonia. The phosphine angle suggests that 
the phosphorus atom is using p orbitals rather than sp 3 hybrids for bonding. 

Although phosphine itself has few uses, substituted phosphines are impor¬ 
tant reagents in organometallic chemistry, as we will see in Chapter 22, Section 
22.10. The most common of the substituted phosphines is triphenylphosphine, 
P(C 6 H 5 ) 3 , often abbreviated to PPh 3 . 


15.15 Phosphorus Oxides 


Phosphorus forms two oxides: tetraphosphorus hexaoxide, P 4 0 6 , and tetra- 
phosphorus decaoxide, P 4 O 10 .They are both white solids at room temperature. 
Tetraphosphorus hexaoxide is formed when white phosphorus burns in an 
environment with a shortage of oxygen: 

P 4 (^) + 3 0 2 (g) ->P 4 0 6 (s) 

Conversely, tetraphosphorus decaoxide, the more common and more important 
oxide, is formed when white phosphorus burns in the presence of an excess of 
oxygen: 

P 4 0) + 5 0 2 (g) ->P 4 O 10 (.s) 

Tetraphosphorus decaoxide can be used as a dehydrating agent because it re¬ 
acts vigorously with water in a number of steps to give, ultimately, phosphoric acid: 


P 4 O 10 (s) + 6H 2 0(/)-+4H 3 P0 4 (/) 

Many compounds are dehydrated by tetraphosphorus decaoxide; for example, 
nitric acid is dehydrated to dinitrogen pentoxide and organic amides, RCONH 2 
to nitriles, RCN. 

The structure of both these oxides is based on the tetrahedron of white 
phosphorus (tetraphosphorus) itself. In tetraphosphorus hexaoxide, oxygen 
atoms have inserted themselves in all the phosphorus-phosphorus bonds 
(Figure 15.25). In tetraphosphorus decaoxide, four additional oxygen atoms 
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FIGURE 15.25 The 

tetraphosphorus hexaoxide 
molecule. 
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FIGURE 15.26 The 

tetraphosphorus decaoxide 
molecule. 


form coordinate covalent bonds to the phosphorus atoms, extending out 
from the corners of the tetrahedron (Figure 15.26). These bonds are stronger 
than single P—O bonds, and so they must have some form of multiple bond 
character. 

15.16 Phosphorus Chlorides 


In parallel with the oxides, there are two chlorides: phosphorus trichloride, 
PC1 3 , a colorless liquid, and phosphorus pentachloride, PC1 5 , a white solid. 
Phosphorus trichloride is produced when chlorine gas reacts with an excess of 
phosphorus: 

P 4 (s) + 6Cl 2 (g)^4PCl 3 (/) 

An excess of chlorine results in phosphorus pentachloride: 

F 4 (s) + 10 Cl 2 (g) —>4 PCl 5 (s) 

Phosphorus trichloride reacts with water to give phosphonic acid, H 3 P0 3 
(commonly called phosphorous acid), and hydrogen chloride gas (Figure 15.27): 

PCI 3 (Z) + 3 H 2 0(/) —> H 3 P0 3 (/) + 3 HCl(g) 


FIGURE 15.27 The proposed 
mechanism for the first step in 
the reaction between phosphorus 
trichloride and water. 
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This behavior contrasts with that of nitrogen trichloride, which, as mentioned in 
Section 15.9, hydrolyzes to give ammonia and hypochlorous acid (Figure 15.28): 

NC1 3 (Z) + 3 H 2 0(/) —» NH 3 (g) + 3 HCIO(^) 


FIGURE 15.28 The proposed 
mechanism for the first step in 
the reaction between nitrogen 
trichloride and water. 
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Trigonal phosphorus trichloride (Figure 15.29) is an important reagent in 
organic chemistry, and its worldwide production amounts to about 250 000 
tonnes. For example, it can be used to convert alcohols to chloro compounds. 
Thus, 1-propanol is converted to 1-chloropropane by phosphorus trichloride: 


FIGURE 15.29 The phosphorus 
trichloride molecule. 


PC1 3 (Z) + 3 C 3 H 7 OH(/) ^3 C 3 H 7 Cl(g) + H 3 PQ 3 (/) 
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The structure of phosphorus pentachloride is interesting because it is different 
in the solid phase at room temperature from that in the gas phase at high tem¬ 
peratures. In the gas phase, phosphorus pentachloride is a trigonal bipyramidal 
covalent molecule (Figure 15.30), but in the solid phase, phosphorus penta¬ 
chloride adopts the ionic structure (PC1 4 ) + (PC1 6 )“ (Figure 15.31). 

Phosphorus pentachloride is also used as an organic reagent, but it is less 
important, annual production being only about 20 000 tonnes worldwide. Like 
phosphorus trichloride, it reacts with water, but in a two-step process, the 
first step yielding phosphoryl chloride, POCl 3 , also known as phosphorus 
oxychloride: 

PC1 5 (j) + H 2 0(/)->P0Cl 3 (/) + 2 HCl(g) 

POCl 3 (/) + 3 H 2 0(/) ^H 3 P0 4 (/) + 3 HCl(g) 

Phosphoryl chloride is one of the most important industrial phosphorus 
compounds. This dense toxic liquid, which fumes in moist air, is produced in¬ 
dustrially by the catalytic oxidation of phosphorus trichloride: 

2 PC1 3 (/) + 0 2 (g) —» 2 POCl 3 (/) 

An extensive range of chemicals is made from phosphoryl chloride. Tri-/?-butyl 
phosphate, (C 5 H n O) 3 PO, commonly abbreviated to TBP, is a useful selective 
solvent, such as for separating uranium and plutonium compounds. Similar 
compounds are crucial to our lives as fire retardants that are sprayed on chil¬ 
dren’s clothing, aircraft and train seats, curtain materials, and many more items 
that we encounter in our everyday lives. 
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FIGURE 15.30 The shape of 
the phosphorus pentachloride 
molecule in liquid and gas phases. 
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FIGURE 15.31 The two ions 
present in solid-phase phosphorus 
pentachloride. 


15.17 Phosphorus Oxo-Acids and Phosphates 

There are three oxyacids of phosphorus that we will mention here: phosphoric 
acid, H 3 P0 4 ; phosphonic acid, H 3 P0 3 (commonly called phosphorous acid); 
and phosphinic acid, H 3 P0 2 (commonly called hypophosphorous acid). The 
first, phosphoric acid, is really the only oxyacid of phosphorus that is impor¬ 
tant. However, the other two acids are useful for making a point about the 
character of oxyacids. 

In an oxyacid, for the hydrogen to be sig¬ 
nificantly acidic, it must be attached to an 
oxygen atom—and this is normally the case. 

In general, as we progress through a series of 
oxyacids—for example, nitric acid, (HO)N0 2 , H 
and nitrous acid, (HO)NO—it is one of the 
terminal oxygen atoms that is lost as the 
oxidation state of the central element is reduced. 

Phosphorus is almost unique in that the oxygens linking a hydrogen to the 
phosphorus are the ones that are lost. Thus, phosphoric acid possesses three 
ionizable hydrogen atoms; phosphonic acid, two; and phosphinic acid, only 
one (Figure 15.32). 
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FIGURE 15.32 The bonding 
in the three common oxyacids of 
phosphorus: (a) phosphoric acid, 
(ib) phosphonic acid, (c) phosphinic 
acid. 
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Phosphoric Acid 

Pure (ortho)phosphoric acid is a colorless solid, melting at 42°C. A concentrated 
aqueous solution of the acid (85 percent by mass and having a concentration of 
14.7 mol*L _1 ) is called “syrupy” phosphoric acid, its viscous nature being caused by 
extensive hydrogen bonding. As discussed earlier, the acid is essentially nonoxidiz¬ 
ing. In solution, phosphoric acid is a weak acid, undergoing three ionization steps: 

H 3 PO 4 M + H 2 0(Z) ^ H s O + (^) + H 2 P0 4 “(^) 
h 2 po 4 “M + H 2 0(Z) ^ h 3 o + (^) + hpo 4 2_ (^) 
hpo 4 2_ (^) + H 2 O(0 ^ h 3 o + (^) + P0 4 3 “(^) 

The pure acid is prepared by burning white phosphorus to give tetraphos- 
phorus decaoxide, then treating the oxide with water: 

P a(s) + 5O 2 (g)^P 4 O 10 (s) 

P 4 0 10 (s) + 6 H 2 0(/) —> 4 H 3 P0 4 (/) 

Such high purity is not required for most purposes, so where trace impurities 
can be tolerated, it is much more energy efficient to treat calcium phosphate 
with sulfuric acid to give a solution of phosphoric acid and a precipitate of calcium 
sulfate: 

Ca 3 (P0 4 ) 2 (s) + 3 H 2 S0 4 (aq) —» 3 CaS0 4 (s) + 2 H 3 P0 4 (ag) 

The only problem associated with this process (known as the “wet” process) 
is the disposal of the calcium sulfate. Some of this product is used in the build¬ 
ing industry, but production of calcium sulfate exceeds the uses; hence, most 
of it must be dumped. Furthermore, when the phosphoric acid is concentrated 
at the end of the process, many of the impurities precipitate out. This “slime” 
must be disposed of in an environmentally safe manner. 

Heating phosphoric acid causes a stepwise loss of water; in other words, the 
phosphoric acid molecules undergo condensation. The first product is pyrophos- 
phoric acid, H 4 P 2 0 7 . As in phosphoric acid, each phosphorus atom is tetrahedrally 
coordinated (Figure 15.33). The next product is tripolyphosphoric acid, H 5 P 3 O 10 : 

2 h 3 po 4 (/) h 4 p 2 o 7 (/) + H 2 O(0 

3H 4 P 2 0 7 (/) 2H 5 P 3 O 10 (/) + H 2 0(/) 

Subsequent condensations give products with even greater degrees of poly¬ 
merization. 

Most of the phosphoric acid is used for fertilizer production. Phosphoric 
acid also is a common additive to soft drinks, its weak acidity preventing 
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bacterial growth in the bottled solutions. It often serves a second purpose 
in metal containers. Metal ions may be leached from the container walls, but 
the phosphate ions will react with the metal ions to give an inert phosphate 
compound, thus preventing any potential metal poisoning. Phosphoric acid is 
also used on steel surfaces as a rust remover, both in industry and for home 
automobile repairs. 


Phosphates 

With high lattice energies resulting from the high anion charge, most phosphates 
are insoluble. The alkali metals and ammonium phosphates are the only com¬ 
mon exceptions to this rule. There are three series of phosphate salts: the phos¬ 
phates, containing the P0 4 3- ion; the hydrogen phosphates, containing the 
HP0 4 2_ ion; and the dihydrogen phosphates, containing the H 2 P0 4 ~ ion. In 
solution, there is an equilibrium between the three species and phosphoric acid 
itself. For example, a solution of phosphate ion will hydrolyze: 

P0 4 3 “(^) + H 2 O(0 ^ HP0 4 2 “(^) + OH ~{aq) 

HPO 4 2 ~(aq) + H 2 0(/) H 2 P0 4 “(^) + OH ~(aq) 

H 2 PO 4 ~(aq) + H 2 0(/) H 3 P0 4 (ag) + OH ~(aq) 


Each successive equilibrium lies more and more to the left. Thus, the concen¬ 
tration of actual phosphoric acid is minuscule. A solution of sodium phosphate, 
then, will be quite basic, almost entirely as a result of the first equilibrium. It is 
this basicity (good for reaction with greases) and the complexing ability of the 
phosphate ion that make a solution of sodium phosphate a common kitchen 
cleaning solution (known as TSP, trisodium phosphate). 

Figure 15.34 shows how the proportions of the phosphate species depend 
on pH. A solution of sodium hydrogen phosphate, Na 2 (HP0 4 ), will be basic as 
a result of the second step of the preceding sequence: 

HPO l~(aq) + H 2 0(/) ^ H 2 PO j{aq) + OH ~{aq) 




pH 


FIGURE 15.34 The relative 
concentrations of phosphate 
species at different values of pH. 
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A solution of sodium dihydrogen phosphate, Na(H 2 P0 4 ), however, is slightly 
acidic as a result of the following reaction predominating: 

H 2 P0 4 “(a<?) + H z O(/) — H 3 0 + («<?) + HP0 4 2 “(a<?) 

Solid hydrogen phosphates and dihydrogen phosphates are only known for 
most of the monopositive cations (the alkali metals ions and the ammonium 
ion) and a few of the dipositive cations, such as calcium ion. As we have seen 
before, to stabilize a large low-charge anion, a low-charge-density cation is re¬ 
quired. For most dipositive and all tripositive metal ions, the metal ion precipi¬ 
tates the small proportion of phosphate ion from a solution of one of the acid 
ions. The Le Chatelier principle then drives the equilibria to produce more 
phosphate ion, causing additional metal phosphate to precipitate. 

The phosphates have a tremendous range of uses. As mentioned earlier, triso¬ 
dium phosphate is used as a household cleaner. Other sodium phosphates, such 
as sodium pyrophosphate, Na 4 P 2 0 7 , and sodium tripolyphosphate, Na 5 P 3 O 10 , 
are often added to detergents, because they react with calcium and magne¬ 
sium ions in the tap water to form soluble compounds, preventing the deposi¬ 
tion of scum in the washing. However, when the phosphate-rich wastewater 
reaches lakes, it can cause a rapid growth of algae and other simple plant life. 
This formation of green, murky lakes is called eutrophication . Phosphates 
are also added to detergents as fillers. Fillers are required because we are 
used to pouring cupfuls of solid detergent into a washing machine. However, 
only small volumes of cleaning agents are actually needed, so most of the 
detergent is simply inert materials. In more frugal societies, such as Japan, 
people are used to adding spoonfuls of detergent—hence, less wasteful filler 
is required. 

Disodium hydrogen phosphate is used in the preparation of pasteurized 
processed cheese, although even today, the reason why this ion aids in the 
cheese-making process is not well understood. The ammonium salts, diam¬ 
monium hydrogen phosphate and ammonium dihydrogen phosphate, are use¬ 
ful nitrogen-phosphorus combination fertilizers. Ammonium phosphates also 
make excellent flame retardants for drapes, theater scenery, and disposable 
paper clothing and costumes. 

The calcium phosphates are used in many circumstances. For example, 
“combination baking powder” relies on the reaction between calcium dihydro¬ 
gen phosphate and sodium hydrogen carbonate to produce the carbon dioxide 
gas so essential for baking. The reaction can be simplistically represented as 

Ca(H 2 P0 4 ) 2 (ag) + NaHC0 3 (ag) 

CaHPO 4 {aq) + Na 2 HP0 4 (^) + C0 2 (g) + H 2 0(/) 

Other calcium phosphates are used as mild abrasives and polishing agents in 
toothpaste. 

Finally, calcium dihydrogen phosphate is used as a fertilizer. The calcium 
phosphate rock is too insoluble to provide phosphate for plant growth, so it is 
treated with sulfuric acid to produce calcium dihydrogen phosphate: 

Ca 3 (P0 4 ) 2 (s) + 2 H 2 S0 4 (aq) Ca(H 2 P0 4 ) 2 (s) + 2 CaS0 4 (s) 


This compound is only slightly soluble in water but soluble enough to release 
a steady flow of phosphate ions into the surrounding soil, where they can be 
absorbed by plant roots. 

15.18 The Pnictides 


Although the term pnictogen is used for all the members of Group 15, the cor¬ 
responding anion term .pnictides, excludes nitrides. The reason for the exclusion 
is that phosphides, arsentides, antimonides, and bismuthides share behavior that 
is quite different from the behavior of nitrides. Many of these three-element 
pnictides, such as LaSiP 3 , Eu 2 Ga 2 P6, and K 6 Bi 2 Sn 23 , inhabit an ill-defined bonding 
area somewhere between ionic and covalent. 

Such compounds are not just laboratory curiosities; many exhibit rare or 
unique properties. For example, passage of an electric current through a block 
of module containing Mo 3 Sb 5 Te 2 , a thermoelectric material, causes heat trans¬ 
fer, and so this compound has refrigeration potential. Mixed-metal pnictides 
exhibit other valuable properties; as another example, the iron pnictides, such 
as SmFeAsO 0 .s 2 F 0 .i 85 are high-temperature superconductors. 

15.19 Biological Aspects 

Nitrogen: Inert but Essential 

Just as there is a carbon cycle, there is also a nitrogen cycle, for all plant life 
requires nitrogen for growth and survival. Between 10 8 and 10 9 tonnes of nitrogen 
is cycled between the atmosphere and the lithosphere in a one-year period. 
The dinitrogen in the atmosphere is converted by bacteria to compounds of 
nitrogen. Some of the bacteria exist free in the soil, but members of the most 
important group, the Rhizobium, form nodules on the roots of pea, bean, alder, 
and clover plants. This is a symbiotic relationship, with the bacteria providing 
the nitrogen compounds to the plants and the plants providing a stream of 
nutrients to the bacteria. To do this at a high rate at normal soil temperatures, 
the bacteria use enzymes such as nitrogenase. 

Nitrogenase has two components: a large protein containing two metals, 
iron and molybdenum, and a smaller one containing iron. The bioinorganic 
chemistry involved in this process is still not well understood, but it is believed 
that one of the crucial steps involves the formation of a molybdenum bond with 
the dinitrogen molecule. It is hoped that an understanding of the route used by 
bacteria will enable us to produce ammonia for fertilizers by a room-temperature 
process rather than the energy-intensive Haber-Bosch procedure. 

Phosphorus: The Phosphorus Cycle 

Phosphorus is another element essential for life. For example, the free hydrogen 
phosphate and dihydrogen phosphate ions are involved in the blood buffer¬ 
ing system. More important, phosphate is the linking unit in the sugar esters 
of DNA and RNA, and phosphate units make up part of ATP, the essential 
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energy storage unit in living organisms. Finally, bone is a phosphate mineral, 
calcium hydroxide phosphate, Ca 5 (0H)(P0 4 ) 3 , commonly called apatite. 

Just as there are carbon and nitrogen cycles, there is an active phosphorus 
cycle. Phosphorus is an essential element for plant growth, although its soil con¬ 
centration is usually quite low—between 1 mg‘17 1 and 0.001 mg*L _1 . One major 
difference from the carbon and nitrogen cycles is that phosphorus has no major 
gas-phase compound; thus, cycling is almost totally between aqueous and solid 
phases involving the phosphate ion. Organic phosphates are the most soluble 
in soils. These are phosphates covalently bound as phospholipids, nucleic acids, 
and inositol phosphates, where inositol is a sugar-like molecule, C 6 H 6 (OH) 6 . 

At the normal pH range of soils, inorganic phosphate is present as the 
hydrogen phosphate and dihydrogen phosphate ions. However, the equilibrium 
is shifted by the presence of high-charge metal ions that force the equilibria 
toward insoluble, and hence unavailable, compounds. Of particular importance, 
calcium ion forms insoluble calcium phosphate. As the pH increases, so the 
equilibrium favors formation of the insoluble compound: 

3Ca 2+ {aq) + 2HPO 4 2 “(a<?) ^ Ca 3 (P0 4 ) 2 (s) + 2H + (aq) 

Solution availability of phosphate is also limited at the acid end of the scale. As 
we mentioned in Chapter 13, Section 13.6, aluminum ion becomes more soluble 
as the pH decreases. The solubilized aluminum ion species will then react with the 
phosphate species to give insoluble aluminophosphate compounds. For example: 

[Al(OH 2 ) 4 (OH) 2 ] + (aq) + H 2 PC \~{aq) ^ Al(0H) 2 H 2 P0 4 (.v) + 2H 2 0(/) 

As a result of these two reaction types, the level of inorganic phosphate in soils 
is very low except in a narrow window from pH 6 to pH 7. 

Arsenic: The Water Poisoner 

Amazing as it may seem, arsenic also is an element essential to life. But we only 
need trace amounts of this element, whose role is still unknown. Anything more 
than a tiny amount of an inorganic compound of arsenic causes acute poisoning. 
In part, poisoning is believed to occur by the reaction of the soft-acid arsenic(III) 
with the soft-base sulfide of thio-amino acids, blocking the sulfur atoms from 
cross-linking to form disulfide bridges. In fact, one of the treatments for arsenic 
poisoning is the administration of thiol compounds to “mop up” the arsenite ions. 

Many people believe that well water is, by definition, “pure” water. In fact, 
the composition of well water reflects the soluble (and possibly toxic) com¬ 
ponents of the water-laden strata. It is always important to check rural well- 
water supplies for trace elements such as arsenic. Arsenic poisoning from well 
water is now a serious health problem in the Asian country of Bangladesh. In 
rural Bangladesh, villagers had traditionally relied on disease-carrying surface 
ponds for their water supply. The government, together with many interna¬ 
tional aid agencies, carried out a highly successful campaign of drilling over 
18 000 wells to provide safe, deep well water. 

However, in their enthusiasm for nonsurface water, they did not check on 
the underlying geological strata. These happened to be high in leachable arsenic 
compounds. As a result, in many places illness from waterborne diseases was 
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Paul Erhlich and His "Magic Bullet" 


A rsenic has also been used as a lifesaver. In the nine¬ 
teenth century, physicians had no means of combat¬ 
ing infections, and patients usually died. The whole nature 
of medicine changed in 1863 when a French scientist, 
Antoine Bechamps, noticed that an arsenic compound 
was toxic to some microorganisms. A German, Paul 
Erhlich, decided to synthesize new arsenic compounds, 
testing each one for its organism-killing ability. In 1909, 
with his 606th compound of arsenic, he found a substance 
that selectively killed the syphilis organism. At the time, 
syphilis was a feared and widespread disease for which 


there was no cure, only suffering, dementia, and death. 
Erhlich’s arsenic compound, what he dubbed a “magic 
bullet,” provided miraculous cures, and a search for other 
chemical compounds that could be used in the treatment 
of disease was launched. The story is recounted in the 
classic movie Dr Erhlich’s Magic Bullet, released in 1940. 

This field, chemotherapy, has produced one of the 
most effective tools of controlling bacterial infections 
and those of many other microorganisms. Chemotherapy 
also provides one of the lines of attack against cancerous 
tissues. And it all started with an arsenic compound. 


replaced by illness and death from arsenic poisoning and arsenic-induced tumors. 
The immediate task was to identify which of the 18 000 wells exceeded the limit 
of 0.05 ppm. In a developed country such as the United States, the test samples 
would be rushed to a laboratory with state-of-the-art instrumentation. This is 
not an option for a poor country such as Bangladesh. Instead, a low-cost kit was 
developed by a Japanese company using the traditional Marsh test for arsenic. 
This kit could be carried by community health workers from village to village 
and used by relatively unskilled personnel. With the identification of the most 
hazardous wells, the next step is to find a low-cost method of arsenic removal. 
This solution has to be found very rapidly as each day results in more deaths. 

The most famous case of arsenic poisoning may have been that of Napoleon. 
Modern chemical analysis has shown very high levels of arsenic in Napoleon’s 
hair. Some have argued that his British captors (or perhaps French rivals) poisoned 
him to prevent him from escaping a second time. However, chemical research 
has turned up an alternative explanation: that he was poisoned by his wallpaper. 
At that time, copper(II) hydrogen arsenite, CuHAs0 3 , was used as a pigment 
to give a beautiful green color in wallpapers. In a dry climate, this pigment was 
quite safe, but in the chronically damp house in which Napoleon was held on the 
island of St. Helena, molds grew on the walls. Many of these molds metabolize 
arsenic compounds to trimethylarsenic, (CH 3 ) 3 As, a gas. Amazingly, a sample of 
his bedroom wallpaper has survived, and it does indeed use the arsenite pigment. 
Thus, Napoleon quite possibly inhaled this toxic gas while in bed, and the sicker 
he became, the more time he spent in his bedroom, thus hastening his death from 
this toxic element. 

Bismuth: The Medicinal Element 

Although bismuth is not known to serve any essential role in biological sys¬ 
tems, bismuth compounds have been used in the treatment of bacteria-related 
illnesses in Western medicine for over 250 years. Bismuth compounds are to 
be found in traditional Chinese medicine and in some medicinal plants (herbal 
remedies) that are bismuth accumulators. 

Bismuth compounds are used in the treatment of syphilis and certain types 
of tumors; the major use of bismuth-containing compounds is in the treatment 




402 CHAPTER 15 • The Group 15 Elements: The Pnictogens 

of gastrointestinal (stomach) disorders. Commercial preparations include Pepto- 
Bismol, which contains bismuth sub-salicylate (BSS), and De-Nol, which con¬ 
tains colloidal bismuth subcitrate (CBS).These compounds are antimicrobial but 
also appear to fortify the gastric mucus and stimulate cytoprotective processes. 
Both BSS and CBS are effective against the bacterium Helicobacter pylori, now 
known to be a causative factor of most types of gastroduodenal ulcers, and BSS 
is also effective against traveler’s diarrhea. In fact, Canadian health authorities 
advise visitors to regions of the world where bacterial food and water levels are 
high to take one or two BSS tablets before each meal as a preventative measure. 
(Although it doesn’t constitute a scientifically meaningful sample, one of the co¬ 
authors of this text has found this advice to be very effective.) 

The efficacy of bismuth as a bacterial killer must relate to some unique aspect 
of its chemistry, which is defined by bismuth’s weakly metallic properties. The 
predominant oxidation state of bismuth is +3, but the free cation does not 
exist and covalent behavior predominates. The only common ionic species of 
bismuth is BiO + , known as the bismuthyl ion; its compounds are called basic, 
oxy-, or sub- salts. In fact, the aqueous chemistry of bismuth is dominated by 
the formation of clusters containing six bismuth and eight oxygen atoms, such 
as [Bi 6 0 4 (0H) 4 ] 6+ . Because of the complexity of its solution chemistry, even 
the stoichiometry of compounds such as BSS and CBS is variable, depending 
on the precise conditions of synthesis. Much research still is needed to discover 
how bismuth compounds function as bactericides. 


15.20 Element Reaction Flowcharts 


Flowcharts are shown for both nitrogen and phosphorus, the two key elements 
in Group 15. 
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KEY IDEAS 


• Several aspects of nitrogen chemistry are unique to that 
element. 

• There are a large number of oxides of nitrogen. 


• Phosphorus is a very reactive element. 

• Phosphates and phosphoric acid are the most common 
compounds of phosphorus. 


EXERCISES 

15.1 Write balanced chemical equations for the following 
chemical reactions: 

(a) arsenic trichloride with water 

(b) magnesium with dinitrogen 

(c) ammonia with excess chlorine 

(d) methane with steam 

(e) hydrazine and oxygen 

(f) heating a solution of ammonium nitrate 

(g) sodium hydroxide solution with dinitrogen 
trioxide 

(h) heating sodium nitrate 

(i) heating tetraphosphorus decaoxide with carbon 

15.2 Write balanced chemical equations for the following 
chemical reactions: 

(a) heating a solution of ammonium nitrite 

(b) solutions of ammonium sulfate with sodium 
hydroxide 

(c) ammonia with phosphoric acid 

(d) decomposition of sodium azide 

(e) nitrogen monoxide and nitrogen dioxide 

(f) heating solid lead nitrate 

(g) tetraphosphorus with an excess of dioxygen 

(h) calcium phosphide with water 

(i) hydrazine solution and dilute hydrochloric 
acid 

15.3 Why is it hard to categorize arsenic as either a metal 
or a nonmetal? 

15.4 What are the factors that distinguish the chemistry 
of nitrogen from that of the other members of Group 15? 


15.5 Contrast the behavior of nitrogen and carbon by 
comparing the properties of: (a) methane and ammonia; 
(b) ethene and hydrazine. 

15.6 Contrast the bonding to oxygen in the two com¬ 
pounds NF 3 0 and PF 3 0. 

15.7 (a) Why is dinitrogen very stable? (b) Yet why is 
dinitrogen not always the product during redox reactions 
involving nitrogen compounds? 

15.8 When ammonia is dissolved in water, the solution 
is often referred to as “ammonium hydroxide.” Discuss 
whether this terminology is appropriate. 

15.9 In the Haber process for ammonia synthesis, the recy¬ 
cled gases contain increasing proportions of argon gas. Where 
does the argon come from? Suggest how it might be removed. 

15.10 Why is it surprising that high pressure is used in the 
steam re-forming process during ammonia synthesis? 

15.11 Discuss the differences between the ammonium ion 
and the alkali metal ions. 

15.12 Using bond energies, calculate the heat released 
when gaseous hydrazine burns in air (oxygen) to give water 
vapor and nitrogen gas. 

15.13 Construct a possible electron-dot structure for the 
azide ion. Identify the location of the formal charges. 

15.14 Construct three possible electron-dot structures for 
the theoretical molecule N—O—N. By assignment of formal 
charges, suggest why the actual dinitrogen oxide molecule 
has its asymmetrical structure. 
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15.15 Taking into account the nitrogen gas produced in 
both steps of the air bag reaction, calculate the mass of 
sodium azide needed to fill a 70-L air bag with dinitrogen at 
298 K and 100 kPa pressure. 

15.16 Nitrogen monoxide can form a cation, NO + , and 
an anion, NO - . Calculate the bond order in each of these 
species. 

15.17 Nitrogen trifluoride boils at — 129°C, whereas am¬ 
monia boils at -33°C. Account for the difference in these 
values. 

15.18 Draw the shape of each of the following molecules: 

(a) dinitrogen trioxide; (b) dinitrogen pentoxide (solid and 
gas phases); (c) phosphorus pentafluoride. 

15.19 Draw the shape of each of the following molecules: 

(a) dinitrogen oxide; (b) dinitrogen tetroxide; (c) phosphorus 
trifluoride; (d) phosphonic acid. 

15.20 Describe the physical properties of: (a) nitric acid; 

(b) ammonia. 

15.21 Explain why, in the synthesis of nitric acid, the reac¬ 
tion of nitrogen monoxide with dioxygen is performed at 
high pressure and with cooling. 

15.22 Write balanced equations for the following reac¬ 
tions: (a) the reduction of nitric acid to the ammonium ion 
by zinc metal; (b) the reaction of solid silver sulfide with 
nitric acid to give silver ion solution, elemental sulfur, and 
nitrogen monoxide. 

15.23 Contrast the properties of the two common allo- 
tropes of phosphorus. 

15.24 Contrast the properties of ammonia and phosphine. 

15.25 Phosphine, PH 3 , dissolves in liquid ammonia to give 
(NH 4 ) + (PH 2 ) - . What does this tell you about the relative 
acid-base strengths of the two Group 15 hydrides? 

15.26 In the “strike-anywhere” match, assume that the 
potassium chlorate is reduced to potassium chloride and 
the tetraphosphorus trisulfide is oxidized to tetraphospho- 
rus decaoxide and sulfur dioxide. Write a balanced chemical 
equation for the process and identify the oxidation number 
changes that have occurred. 

15.27 A compound is known to have the formula NOC1 
(nitrosyl chloride). 

(a) Construct an electron-dot diagram for the 
molecule and identify the oxidation number of 
nitrogen. 

(b) What is the anticipated nitrogen-oxygen bond 
order? 


(c) From the A Hf value for this compound of 
+52.6 kJ-mol -1 and appropriate bond energy data 
from Appendix 3, calculate the N—O bond energy 
in this compound. Compare it with values for N—O 
single and double bonds. 

15.28 (a) Construct an electron-dot structure for POCl 3 
(assume it to be similar to PF 3 0) and draw its mo¬ 
lecular shape. 

(b) According to the hybridization concept, what 
is the likely hybridization of the central phosphorus 
atom? 

(c) The phosphorus-oxygen distance is very short. 
How would you explain this? 

15.29 Another compound of phosphorus and chlorine is 
P 2 C1 4 . Construct an electron-dot structure for this com¬ 
pound and then draw its molecular shape. 

15.30 When gaseous dinitrogen tetroxide is bubbled into 
liquid nitric acid solvent, the N 2 0 4 ionizes to form a con¬ 
ducting solution. Suggest the identity of the products on the 
basis of known positive and negative ions containing only 
nitrogen and oxygen. Write a balanced equation for the 
reaction. 

15.31 In the solid phase, PC1 5 forms (PC1 4 ) + (PC1 6 ) - . 
However, PBr 5 forms (PBr 4 ) + Br - . Suggest a reason why 
the bromine compound has a different structure. 

15.32 The experimentally determined bond angles for 
arsine (AsH 3 ), arsenic trifluoride, and arsenic trichloride 
are 92°, 96°, and 98|°, respectively. Offer explanations for 
the trends in the values. 

15.33 Figure 15.6 depicts the nitrogen-nitrogen bond or¬ 
ders in hydrogen azide, while Figure 15.7 shows the contrib¬ 
uting resonance structures. How does the bonding differ in 
the azide ion, N 3 - ? 

15.34 Write the formula of two ions that are isoelectronic 
with the dinitrogen molecule. 

15.35 Hydroxylamine, NH 2 OH, can be oxidized to nitrate 
ion by bromate ion, Br0 3 - , which is itself reduced to bromide 
ion. Write a balanced chemical equation for the reaction. 

15.36 Suggest why acidification promotes the decomposi¬ 
tion of ammonium nitrate to dinitrogen oxide and water. 
Hint: Consult Figure 15.3. 

15.37 Gaseous NOF reacts with liquid SbF 5 to give an 
electrically conducting solution. Write a balanced chemical 
equation for the reaction. 

15.38 A solution of the hydrogen phosphate ion is basic, 
whereas the dihydrogen phosphate ion is acidic. Write 


Beyond the Basics 


405 


chemical equilibria for the predominant reactions that 
account for this difference in behavior. 

15.39 In Section 15.18, we mentioned pyrophosphoric 
acid, H 4 P 2 0 7 . What are the formulas of the equivalent iso- 
electronic acids of sulfur and silicon? 

15.40 There is an oxyanion of a transition metal that is 
isostructural with the pyrophosphate ion, P 2 0 7 4- . Write 


the formula of the corresponding ion and explain your 
reasoning. 

15.41 Explain the terms (a) eutrophication; (b) symbiotic 
relationship; (c) chemotherapy; (d) apatite. 

15.42 Write balanced chemical equations corresponding 
to each transformation in the element reaction flowcharts 
for nitrogen and phosphorus (pages 402-403). 


BEYOND THE BASICS 

15.43 When gaseous phosphine is bubbled into liquid 
hydrogen chloride, a conducting solution is formed. The 
product reacts with boron trichloride to give another ionic 
compound. Suggest the identity of each product. Write a 
balanced equation for each reaction and identify each reactant 
as a Lewis acid or base. 

15.44 A possible mechanism for the formation of ammonia 
is 

N 2 (g) + H 2 (g)^N 2 H 2 (g) 

N 2 H 2 (g) + H 2 (g) —» N 2 H 4 (g) 

N 2 H 4 (g) + H 2 (g)^2NH 3 (g) 

Use bond energy calculations to determine A H for each 
step. Then suggest the major weakness with this possible 
route. Suggest another possible mechanism that would 
account for the slowness of the reaction. Determine the A H 
value for the replacement step in the mechanism and show 
that it is indeed feasible. 

15.45 Deduce the shape of the nitrate radical. Suggest 
approximate values for the bond angles. What would be the 
expected average value of the N—O bond order? 

15.46 When phosphorus oxychloride fumes in moist air, 
what is the likely chemical reaction? 

15.47 Suggest a structure for the compound P 4 0 6 S 4 . 

15.48 An alternative route for the synthesis of phosphorus 
oxychloride involves the reaction of phosphorus pentachlo- 
ride with tetraphosphorus decaoxide: 

6 PCl 5 (,s) + P 4 O 10 (s) -> 10 POCl 3 (/) 

However, the reaction is usually performed by bubbling 
chlorine gas though a mixture of phosphorus trichloride and 
tetraphosphorus decaoxide. Suggest the reason for this. 

15.49 Suggest why sodium azide is comparatively stable 
while heavy metal azides, such as copper(II) azide, are 
much more likely to explode. 


15.50 The nitrite ion is an ambidentate ion, bonding 
through oxygen or nitrogen. Which category of base (hard, 
borderline, soft) would you expect it to be in each of the 
two bonding types? 

15.51 The equilibrium constant, K , for a reaction can be 
found from the expression AG 0 = -RTlnK, where R is the 
ideal gas constant (8.31 J-mol _1 *K _1 ). 

(a) Determine the equilibrium constant for the 
formation of ammonia from its elements at 298 K. 

(b) Assuming A H° and S e are temperature inde¬ 
pendent, calculate the equilibrium constant at 775 K. 

(c) 775 K is a common operating temperature for 
the dinitrogen-dihydrogen reaction in an ammonia 
synthesis plant. In view of your answers to (a) and 
(b), why would such a high temperature be used for 
the reaction? 

15.52 The potentials of most nitrogen redox reactions 
cannot be measured directly. Instead, the values are 
obtained from free energy values. If AG 0 (NH 3 (aq)) is 
-26.5 kJ-mol _1 , what is the standard potential for the 
N 2 (g)/NH 3 (aq) half-reaction in basic solution? 

15.53 Determine the N—N bond energy in the dinitrogen 
tetroxide molecule from appropriate thermodynamic data. 
Assume that the bonding within the N0 2 units is the same 
as that in the nitrogen dioxide molecule itself. 

15.54 The energy needed to break a particular bond type dif¬ 
fers from compound to compound. For example, the breaking 
of a nitrogen-chlorine bond requires much more energy for 

NCl 3 (g) —»NCl 2 (g) + Cl(g) 
than for 

NOCl(g) —» NO(g) + Cl(g) 

Suggest an explanation for this. 

15.55 Combinations of hydrogen phosphate and dihydrogen 
phosphate ions are often used as buffer mixtures. To prepare 
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1.0 L of a pH 6.80 buffer mixture, what masses of Na 2 HP0 4 
and NaH 2 P0 4 would be needed to give a total buffer concen¬ 
tration of 0.10-moFL -1 ? The p7C a2 (H 3 P0 4 ) is 7.21. 

15.56 Liquid phosphorus oxychloride is a useful nonaqueous 
solvent. Suggest the formulas of the cation and anion that 
would form on self-ionization. Identify which one would be 
the solvent’s acid and which one the conjugate base. 

15.57 On warming, phosphorus pentachloride dissoci¬ 
ates into phosphorus trichloride and dichlorine; however, 
phosphorus pentafluoride does not dissociate. Use bond 
energy arguments to explain the different behavior of the 
two pentahalides. 

15.58 One mole of phosphinic acid, H 3 P0 2 , requires 
2 moles of diiodine to be oxidized to phosphoric acid, the 
diiodine being reduced to iodide. Determine the formal 
oxidation number of phosphorus in phosphinic acid. By 
comparison, what would be the oxidation number of phos¬ 
phorus in phosphonic acid, H 3 P0 3 ? 

15.59 In this chapter, we mention that nitrogen only forms 
a trifluoride, whereas phosphorus forms both a trifluoride 
and a pentafluoride. However, nitrogen does form a com¬ 
pound of empirical formula NF 5 . Suggest a possible struc¬ 
ture for this compound. 

15.60 When nitrogen monoxide and air are mixed, dinitro¬ 
gen tetroxide and nitrogen dioxide are formed. However, 
nitrogen monoxide produced in automobile exhausts at 
parts per million concentration only reacts very slowly with 
the dioxygen in the atmosphere. Suggest a possible mecha¬ 
nism for the reaction and explain why the reaction at low 
nitrogen monoxide concentrations is so slow. 

15.61 A red substance (A), when heated in the absence of 
air, vaporized and recondensed to give a yellow waxy sub¬ 
stance (B). (A) did not react with air at room temperature, 
but (B) burned spontaneously to give clouds of a white 
solid (C). (C) dissolved exothermically in water to give a 
solution containing a triprotic acid (D). (B) reacted with a 
limited amount of chlorine to give a colorless fuming liquid 
(E), which in turn reacted further with chlorine to give a 
white solid (F). (F) gave a mixture of (D) and hydrochloric 
acid when treated with water. When water was added to 
(E), a diprotic acid (G) and hydrochloric acid were produced. 
Identify substances (A) to (G) and write equations for all 
reactions. 

15.62 When magnesium metal is heated in nitrogen gas, a 
pale gray compound (A) is formed. Reaction of (A) with 
water gives a precipitate of (B) and a gas (C). Gas (C) 
reacts with hypochlorite ion to form a colorless liquid (D) 


of empirical formula NH 2 . Liquid (D) reacts in a 1:1 ratio 
with sulfuric acid to produce the ionic compound (E) of 
empirical formula N 2 H 6 S0 4 . An aqueous solution of (E) 
reacts with nitrous acid to give a solution that, after neutral¬ 
ization with ammonia, produces a salt (F), with empirical 
formula NH. The compound (F) contains one cation and 
one anion per formula unit. The gas (C) reacts with heated 
sodium metal to give a solid (G) and hydrogen gas. When 
the solid (G) is heated with dinitrogen oxide in a 1:1 mole 
ratio, a solid (H) and water are produced. The anion in (H) 
is the same as that in (F). Identify substances (A) to (H). 

15.63 An alternative to the Haber process for the synthe¬ 
sis of ammonia is the reaction between lithium nitride and 
water. Write a balanced equation for this reaction and sug¬ 
gest why it is not commercially viable. 

15.64 Hydrogen azide reacts with diiodine in a 2:1 mole ratio. 
Deduce the products using a balanced chemical equation. 

15.65 There are numerous analogs between water and 
ammonia chemistry; for example, the base K + (NH 2 )“ in the 
ammonia system parallels K + (OH)“ in the water system. 
Deduce the ammonia-system analog for each of the follow¬ 
ing compounds: H 2 0 2 , HN0 3 , H 2 C0 3 . Hint: Not all oxygen 
atoms need be replaced. 

15.66 Nitrogen forms two compounds with hydrogen 
and oxygen that are superficially similar: hydroxylamine, 
NH 2 OH, and ammonium hydroxide, NH 4 OH. However, 
the former is purely covalently bonded, while the latter 
consists of two separate ions. Use your knowledge of bond¬ 
ing to draw the shapes of each of these compounds. 

15.67 Nitrogen trichloride is an explosive compound. 
Write a balanced chemical equation for its decomposition 
to its constituent elements and use bond energy data from 
Appendix 3 to explain the exothermicity of the reaction. 

15.68 When methylammonium chloride, (CH 3 NH 3 ) + C1“, 
is dissolved in heavy water, D 2 0, only half of the hydrogen 
atoms in the compound are replaced by deuterium. Explain 
why this happens. 

15.69 When phosphinic acid, H 3 P0 2 , is dissolved in heavy 
water, D 2 0, HD 2 P0 2 is formed. Suggest an explanation. 

15.70 If a strip of magnesium is ignited and placed in a 
container of dinitrogen oxide, it continues to burn brightly. 
Write a balanced chemical equation for the reaction. If 
the products are as you predict, how does this confirm the 
structure of the dinitrogen oxide molecule? 

15.71 The azide ion, N 3 “, is isoelectronic with carbon 
dioxide, C0 2 . Deduce the formulas of two other nitrogen- 
containing ions that are isoelectronic with them. 
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15.72 Hyponitrous acid and nitroamide (nitramide) have 
the same formulas of N 2 0 2 H 2 . Draw structures of these two 
compounds and contrast their acid-base behavior. 

15.73 The pentanitrogen hexafluoroarsenate(V) salt, 
(N 5 ) + [AsF 6 ]“, is only marginally stable at room tempera¬ 
ture. Suggest how a more stable salt of this cation might be 
synthesized. 

15.74 Phosphorus and nitrogen form a polyatomic ion, 
(P 4 N 10 ) n_ . Deduce the charge, n—, on this ion. 

15.75 The azide ion can be considered as a pseudo-halide 
ion. Identify 

(a) an aqueous cation that would give a precipitate 
on addition to azide ion solution; 

(b) the reaction of azide ion with water; 

(c) a way in which azide ion does not resemble a 
halide ion. 


15.76 The pentanitrogen ion, N 5 + , is V shaped. Construct 
the electron-dot diagram and determine the bond order for 
each bond in the ion. 

15.77 Write a balanced chemical equation for the reaction 
of the explosive ADN, (NH 4 ) + [N(N0 2 ) 2 ] _ , with aluminum 
powder. Explain the three main reasons why you would ex¬ 
pect this reaction to be highly exothermic. What other aspect 
of the reaction would make it a good rocket propellant? 

15.78 An isomer of hydrazoic acid, HN 3 , called cyclo- 
triazine contains a triangle of nitrogen atoms. Draw an 
electron-dot diagram for cyclotriazine. Do you expect all 
three nitrogen-nitrogen bond lengths to be equivalent? 
Give your reasoning. 

15.79 Research the traditional Marsh test used for arsenic. 
Write balanced chemical equations for each step in the 
procedure. 


ADDITIONAL RESOURCES 


For answers to odd-numbered questions: www.whfreeman.com/descriptive5e 




For accompanying video clips: www.whfreeman.com/descriptive5e 
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Again, the first two members of the group have the most significant chemistry: 
oxygen and sulfur. The differences between the first and second members that 
we saw for the Group 15 elements (nitrogen and phosphorus) are repeated 
in this group, except oxygen is the more reactive. Selenium and tellurium 
both possess some semimetallic behavior, and only the radioactive element, 
polonium, can be said to exhibit metallic character. 


I t is a common fallacy to link a particular discovery with a specific 
name. Our modern perception of the progress of science shows that 
discoveries usually involve the work of many individuals. For example, 
the discovery of oxygen is credited to the eighteenth-century chemist 
Joseph Priestley, when, in fact, it was a long-forgotten Dutch inventor, 
Cornelius Drebble, who first reported the preparation of the gas about 
150 years earlier. 

Nevertheless, Priestley does deserve the bulk of the credit, for he 
made extensive studies of pure oxygen gas and, very bravely, breathed 
this gas, then known as “dephlogisticated air.” Priestley performed 
these experiments in Birmingham, England, where he was a Noncon¬ 
formist minister. He was known for his “leftist” views on politics and 
religion—for example, he supported the French and American revo¬ 
lutions. A mob burned his church, home, and library. He fled to the 
United States, where he dedicated one of his books to Vice President 
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John Adams, noting, “It is happy that, in this country, religion has no connection 
with civil power.” 

The discovery of oxygen marked the end of the phlogiston theory of com¬ 
bustion. According to that theory, burning involved the loss of phlogiston. 
However, the French scientist Guyton de Morveau (see the introduction to 
Chapter 8) showed that burning a metal gave a product that had a greater 
weight. His colleague Antoine Lavoisier realized that something had to be 
added in the combustion process. It was oxygen. But revolutionary concepts 
are often slow to be accepted in science, and this was true of the idea that com¬ 
bustion is linked to the addition of oxygen. In fact, many chemists of the time, 
including Joseph Priestley, never did accept this idea. 

16.1 Group Trends 

This group is sometimes called the chalcogens. The common properties of 
these elements are shown in Table 16.1. Oxygen and sulfur are most definitely 
nonmetals, whereas polonium is a metal. Selenium and tellurium fall into an 
ambiguous area, just like arsenic in Group 15. The only crystalline form of 
tellurium consists of a network of spiral chains of atoms. The element has semi¬ 
conductor properties and exhibits amphoteric behavior. Thus, a designation of 
semimetal is probably the most appropriate for tellurium. Selenium illustrates 
the difficulty of artificial categorizations in that it has several allotropes. All but 


TABLE 16.1 

Properties of the Group 16 elements 




Electrical 

Acid-base 



resistivity 

properties of 

Element 

Appearance at SATP 

(piTcm) 

oxides 

Oxygen 

Colorless gas 

— 

— 

Sulfur 

White, waxy solid 

2 X 10 23 

Acidic 

Selenium 

Red or gray 

10 6 

Acidic 

Tellurium 

Lustrous silvery solid 

4 X 10 6 

Amphoteric 

Polonium 

Silvery metallic solid 

43 

Basic 


one are red, consisting of ring structures like those we will discuss for sulfur. 
The different allotrope has a structure similar to that of tellurium, and it is a 
semiconductor. However, selenium has acidic oxides only. For these reasons, 
it is probably safest to classify selenium as a third nonmetal member of the 
group. The melting and boiling points show the rising trend characteristic of 
nonmetals followed by the drop at metallic polonium (Table 16.2). 

Except for oxygen, there are patterns in the oxidation states of the Group 16 
elements. We find all of the even-numbered oxidation states from +6, through 
+4 and +2, to -2. The stability of the -2 and +6 oxidation states decreases 
down the group, whereas that of the +4 state increases. As happens in many 
groups, the trends are not as regular as we would like. For example, the acids 
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TABLE 16.2 1 

Melting and boiling points of the Group 16 elements 

Element 

Melting point (°C) 

Boiling point (°C) 

o 2 

-219 

-183 

S 8 

119 

445 

Se 8 

221 

685 

Te 

452 

987 

Po 

254 

962 


containing atoms in the +6 oxidation state are sulfuric acid, which we can rep¬ 
resent as (H0) 2 S0 2 to indicate the bonding, and selenic acid, (H0) 2 Se0 2 , but 
telluric acid has the formula (HO) 6 Te or H 6 Te0 6 . 


16.2 Contrasts in the Chemistry of Oxygen and Sulfur 

The contrast between the second period member and the third (and subse 
quent) period member found for the Group 15 elements (see Chapter 15, 
Section 15.2) is also found for the Group 16 elements.Thus, oxygen, like nitrogen, 
is limited to a maximum of four covalent bonds, whereas sulfur, like phosphorus, 
forms up to six covalent bonds. For example, oxygen forms only one normal 
oxide with fluorine, OF 2 , whereas sulfur forms several compounds with fluorine, 
including SF 6 . 

Like nitrogen, the oxygen-oxygen double bond is much stronger than the 
oxygen-oxygen single bond. This is in contrast to sulfur and the other members 
of the group, where the energy of two single bonds is greater than that of one 
double bond (Table 16.3). For this reason, multiple bonding is only common 
for oxygen. 


TABLE 16.3 

A comparison of approximate oxygen and sulfur bond energies 

Bond energy 

Oxygen bonds (kJ*mol _1 ) 

Bond energy 

Sulfur bonds (kJ-mol -1 ) 

0—0 142 

0=0 494 

S—S 268 

S=S 425 


In fact, compounds containing two oxygen atoms singly bonded together 
are usually strong oxidizing agents, and compounds containing three or more 
oxygen atoms bonded together are rare and tend to be highly explosive. Such 
behavior can be explained by the weakness of the oxygen-oxygen single 
bond compared to its bonds to other elements (Table 16.4). Thus, oxygen 
will endeavor to bond to other elements rather than to itself. In particular, 
the covalent bond to hydrogen is very strong, and so the thermodynamically 
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TABLE 16.4 1 

A comparison of approximate oxygen and sulfur bond energies 
with other elements 

Oxygen bonds 

Bond energy 
(kJmol 1 ) 

Sulfur bonds 

Bond energy 
(kJmol -1 ) 

o—o 

142 

s—S 

268 

o—Cl 

218 

s—Cl 

271 

o—H 

459 

s—H 

363 


preferred outcome of a reaction involving oxygen is often water. Conversely, 
the sulfur-sulfur single-bond energy is only slightly lower than the energy 
of sulfur’s bonds to other elements, thereby stabilizing catenation in sulfur 
compounds. 


16.3 Oxygen 


Oxygen exists in two allotropic forms: the common dioxygen and the less common 
trioxygen, commonly called ozone. 

Dioxygen 

Dioxygen is a colorless, odorless gas that condenses to a pale blue liquid. 
Because it has a low molar mass and forms a nonpolar molecule, it has very 
low melting and boiling points. The gas does not burn, but it does support 
combustion. In fact, almost all elements will react with oxygen at room tem¬ 
perature or when heated. The main exceptions are the “noble” metals, such 
as platinum, and the noble gases. For a reaction to occur, the state of division 


sm 

* 

m * 


ImSSSl 


Oxygen Isotopes in Geology 


A lthough we usually consider oxygen atoms to have 
eight neutrons (oxygen-16), there are in fact two 
other stable isotopes of the element. The isotopes and 
their abundances are 


Isotope 


Abundance (%) 


Oxygen-16 
Oxygen-17 
Oxygen-18 


99.763 

0.037 

0.200 


Thus, one oxygen atom in every 500 has a mass that is 
12 percent greater than the other 499. This “heavy” oxygen 
will have slightly different physical properties, both as 
the element and in its compounds. In particular, H 2 ls O 


has a vapor pressure significantly lower than that of 
H 2 16 0. Hence, in an equilibrium between liquid and gas¬ 
eous water, the gas phase will be deficient in oxygen-18. 
Because the most evaporation occurs in tropical waters, 
those waters will have a higher concentration of oxygen-18. 
This increased proportion of oxygen-18 will be found in 
all the marine equilibria that involve oxygen. 

We can use the ratio of the two isotopes of oxygen 
to determine the temperature of the seas in which shells 
were formed millions of years ago simply by determining 
the oxygen isotopic ratio in the calcium carbonate of the 
shells. When the proportion of oxygen-18 is higher, the 
ancient seas were warmer. 
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of the reactant is often important. For example, very finely powdered metals 
such as iron, zinc, and even lead will catch fire in air at room temperature. 
These finely divided forms of metals are sometimes called pyrophoric, a term 
reflecting their ability to catch fire. For example, zinc dust will inflame to give 
white zinc oxide: 

2 Zn(» + 0 2 (g) ^2 ZnO(» 

Making up 21 percent of Earth’s atmosphere, oxygen, an oxidizing gas, does 
not naturally occur in planetary atmospheres. The “normal” atmosphere of a 
planet is reducing, containing hydrogen, methane, ammonia, and carbon dioxide. 
It was the process of photosynthesis that started to convert the carbon dioxide 
component of Earth’s early atmosphere to dioxygen about 2.5 X 10 9 years ago; 
its present oxygen-rich state was attained about 5 X 10 8 years ago. Thus, we can 
look for signs of life similar to our own on planets around other stars just by 
sending dioxygen detectors. 

Dioxygen is not very soluble in water, about 2 X 10 -5 mole fraction at 25°C, 
compared to 6 X 1CT 4 for carbon dioxide. Nevertheless, the concentration of 
oxygen in natural waters is high enough to support marine organisms. The 
solubility of dioxygen decreases with increasing temperature; hence, it is the 
cold waters, such as the Labrador and Humboldt currents, that are capable of 
supporting the largest fish stocks—and have been the focus of the most severe 
overfishing. Even though the solubility of dioxygen is low, it is twice that of 
dinitrogen. Hence, the gas mixture released by heating air-saturated water will 
actually be enriched in dioxygen. 

The measurement of dissolved oxygen (sometimes called DO) is one of the 
crucial determinants of the health of a river or lake. Low levels of dissolved 
oxygen can be caused by eutrophication (excessive algae and plant growth) or 
an input of high-temperature water from an industrial cooling system. As a tem¬ 
porary expedient, air-bubbling river barges can be used to increase dissolved 
dioxygen levels. This has been done in London, England, to help bring back 
game fish to the River Thames. Almost the opposite of DO is BOD—biological 
oxygen demand—this measure indexes the potential for oxygen consumption 
by aquatic organisms. Thus, a high BOD can indicate potential problems in a 
lake or river. 

Dioxygen is a major industrial reagent; about 10 9 tonnes are used world¬ 
wide every year, most in the steel industry. Dioxygen is also employed in the 
synthesis of nitric acid from ammonia (see Chapter 15, Section 15.11). Almost 
all the oxygen is obtained by fractional distillation of liquid air. Dioxygen is 
consumed in large quantities by hospital facilities. In that context, it is mostly 
used to raise the dioxygen partial pressure in gas mixtures given to people 
with respiratory problems, making absorption of oxygen gas easier for poorly 
functioning lungs. 

In the laboratory, there are a number of ways of making dioxygen gas. For 
example, strong heating of potassium chlorate in the presence of manganese(IV) 
oxide gives potassium chloride and oxygen gas: 

2 KC10 3 (/) Mn ° 2 - > 2 KCl(s) + 3 0 2 (g) 


The catalytic decomposition 
of potassium chlorate is the 
source of emergency oxygen in 
commercial aircraft. This is a much 
more compact source of oxygen 
than high-pressure cylinders of 
oxygen gas. 



414 


CHAPTER 16 • The Group 16 Elements: The Chalcogens 


FIGURE 16.1 Molecular orbital 
energy level diagram showing 
the combination of the 2 p atomic 
orbitals in the dioxygen molecule. 
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However, a much safer route in the laboratory is the catalytic decomposition 
of aqueous hydrogen peroxide. Again, manganese(IV) oxide can be used as 
the catalyst: 

2H z O 2 (aq) —2H 2 0(/) + 0 2 (g) 

As discussed in Chapter 3, Section 3.4, the molecular orbital model is the 
only representation of the bonding in dioxygen that fits with experimental evi¬ 
dence. Figure 16.1 indicates that the net bond order is 2 (six bonding electrons 
and two antibonding electrons), with the two antibonding electrons having 
parallel spins. The molecule, therefore, is paramagnetic. 

However, an energy input of only 95 kJ-mol _1 is required to cause one of 
the antibonding electrons to “flip” and pair with the other antibonding elec¬ 
tron (Figure 16.2). This spin-paired (diamagnetic) form of dioxygen reverts 
to the paramagnetic form in seconds or minutes, depending on both the con¬ 
centration and the environment of the molecule. The diamagnetic form can be 
prepared by the reaction of hydrogen peroxide with sodium hypochlorite: 

U 2 0 2 (aq) + CIO“ (aq) —> 0 2 (g)[diamagnetic] + H 2 0(/) + Cl ~{aq) 

or, alternatively, by shining ultraviolet radiation on paramagnetic oxygen in 
the presence of a sensitizing dye. 


FIGURE 16.2 Molecular orbital 
energy level diagram showing 
the combination of the 2 p atomic 
orbitals in the more common of 
the two diamagnetic forms of the 
dioxygen molecule. 
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FIGURE 16.3 Molecular orbital 
energy level diagram showing 
the combination of the 2 p atomic 
orbitals in the less common of 
the two diamagnetic forms of the 
dioxygen molecule. 


Diamagnetic dioxygen is an important reagent in organic chemistry and 
gives products different from those of the paramagnetic form. Furthermore, 
diamagnetic oxygen, which is very reactive and formed by ultraviolet radia¬ 
tion, has been implicated in skin cancer induction. Diamagnetic oxygen is 
often referred to as singlet oxygen, and the paramagnetic form is called triplet 
oxygen. 

It requires 95 kJ*mol _1 to pair up the electrons in the antibonding orbital. 
There is a second singlet form of dioxygen in which the spin of one electron 
is simply flipped over, so the resulting unpaired electrons have opposite spins 
(Figure 16.3). Surprisingly, this arrangement requires much more energy to 
attain, about 158 kJ*mol _1 . As a result, this other singlet form is of little labora¬ 
tory importance. In Chapter 3, Section 3.14, we showed that most of the absorp¬ 
tion features in the infrared spectrum of the atmosphere could be explained in 
terms of vibrations of the water and carbon dioxide molecules. However, there 
was an absorption at the precise wavelength of 0.76 fxm that we did not explain 
(Figure 16.4). This wavelength, in fact, represents the electronic absorption of 
energy corresponding to the production of the higher energy singlet form of 
dioxygen from the normal triplet oxygen. The absorption corresponding to the 
formation of the lower energy singlet form is hidden under a massive carbon 
dioxide absorption at 1.27 pirn. 



Wavelength (|jim) 


FIGURE 16.4 The infrared, 
visible, and ultraviolet portions of 
the electromagnetic spectrum of 
the atmosphere. 
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Trioxygen (Ozone) 

This thermodynamically unstable allotrope of oxygen is a diamagnetic gas with 
a strong odor. In fact, the “metallic” smell of ozone can be detected in concen¬ 
trations as low as 0.01 ppm. The gas is extremely toxic; the maximum permitted 
concentration for extended exposure is 0.1 ppm. The gas is produced in regions 
of high voltages; thus, photocopiers and laser printers have been responsible 
for high levels of ozone in many office environments. The ozone generated 
may well have been one cause of headaches and other complaints by office 
workers. Some machines have carbon filters on the air exhaust to minimize the 
trioxygen emissions, and these need to be replaced periodically according to 
the manufacturer’s recommendations. However, technological advances have 
made possible the development of copiers and printers that produce very low 
levels of trioxygen. 

A convenient way to generate trioxygen is to pass a stream of dioxygen 
through a 10- to 20-kV electric field. This field provides the energy necessary 
for the reaction 

3 02 (g) -+ 2 0 3 (g) A Hf= +143 kJ-mol -1 

At equilibrium, the concentration of trioxygen is about 10 percent. The trioxygen 
slowly decomposes to dioxygen, although the rate of conversion depends on 
the phase (gas or aqueous solution). 

Trioxygen is a very powerful oxidizing agent, much more powerful than 
dioxygen, as can be seen from a comparison of reduction potentials in acid 
solution: 

0 3 (g) + 2 H + (aq) + 2e _ + 0 2 (g) + H 2 0(/) E 9 = +2.07 V 

Ch(g) + 4 H + (aq) + 4e _ + 2H 2 0(/) E e = +1.23 V 

In fact, in acid solution, fluorine and the perxenate ion, Xe0 6 4- , are the 
only common oxidizing agents that are stronger than trioxygen. Its range of 
oxidizing ability is illustrated by the following reactions, one in the gas phase, 
one in aqueous solution, and the third with a solid: 

2 N0 2 (g) + 0 3 (g) N 2 0 5 (g) + 0 2 (g) 

CN -(aq) + 0 3 (g) OCN ~{aq) + 0 2 (g) 

PbS(j) + 4 0 3 (g) PbS0 4 (s) + 4 0 2 (g) 

It is the strongly oxidizing nature of trioxygen that enables it to be used as 
a bactericide. For example, it is used to kill bacteria in bottled waters, and in 
France, particularly, it is used to kill organisms in municipal water supplies and 
public swimming pools. However, experts in North America have preferred the 
use of chlorine gas for water purification. There are advantages and disadvan¬ 
tages of both bactericides. Ozone changes to dioxygen over a fairly short period; 
thus, its bactericidal action is not long lasting. However, ozone is chemically 
innocuous in water supplies. Dichlorine remains in the water supply to ensure 
bactericidal action, but it reacts with any organic contaminants in the water to 
form hazardous organochlorine compounds (see Chapter 17, Section 17.12). 


16.3 Oxygen 
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On the surface of the Earth, ozone is a dangerous compound, a major atmo¬ 
spheric pollutant in urban areas. In addition to its damaging effect on lung tissue 
and even on exposed skin surfaces, ozone reacts with the rubber of tires, causing 
them to become brittle and crack. The ozone is produced by the photolysis of 
nitrogen dioxide, itself formed mainly from internal combustion engines: 

N0 2 (g)^N0(s) + 0(g) 
o(g) + o 2 (g)^o 3 (g) 

However, as most people now know, it is a different story in the upper 
atmosphere, where the ozone in the stratosphere provides a vital protective layer 
for life on Earth. The absorption region that results from atmospheric ozone 
absorption is shown in Figure 16.4. 

The process is quite complex, but the main steps are as follows. First, the 
shorter wavelength ultraviolet radiation reacts with dioxygen to produce atomic 
oxygen: 

0 2 (g)^4 2 0(g) 

The atomic oxygen reacts with dioxygen to give trioxygen: 
o(g) + o 2 (g)^o 3 (g) 

The trioxygen absorbs longer wavelength ultraviolet radiation and decom¬ 
poses back to dioxygen: 

0 3 (g)^4 0 2 (g) + 0(g) 

0 3 (g) + 0(g)^2 0 2 (g) 

Chemistry is rarely this simple, and the chemistry of the stratosphere is no 
exception. There are alternative routes for the destruction of ozone that involve 
trace components of the stratosphere, including hydrogen atoms, the hydroxyl 
radical, nitrogen monoxide, and chlorine atoms. These species, represented here 
by X, undergo a catalytic cycle for the decomposition of ozone without ultraviolet 
ray absorption: 

X(g) + 0 3 (g) —> XO(g) + 0 2 (g) 

XO(g) + O(g) —» X(g) + 0 2 (g) 
to give the net reaction 

O(g) + 0 3 (g) —» 2 0 2 (g) 

There is a particular reason why these four species act in this role—apart 
from the fact that they are known trace constituents of the upper atmosphere. 
Because there are equal numbers of gas molecules, entropy cannot be a sig¬ 
nificant driving factor for either reaction step; both steps must be exothermic. 
This places limits on X. Thus, for the first step, the X—O bond energy must 
be greater than the difference between the 0 3 and 0 2 enthalpies of formation 
(107 kJ*mol _1 ). For the second step, the X—O bond energy must be less than 
the dioxygen bond energy (498 kFrnol -1 ). And these conditions hold when X 
is H, OH, NO, or Cl. 
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FIGURE 16.5 The ozone 
molecule. 
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FIGURE 16.6 The bonding of 
trioxygen can be interpreted as 
the mean of these two resonance 
structures. 


Trioxygen is a V-shaped molecule with a bond angle of 117°. Its oxygen- 
oxygen bonds are of equal length and have a bond order of about l\ (Figure 16.5). 
The bond angles and bond lengths of trioxygen are very similar to those of the 
isoelectronic nitrite ion. 

We can use resonance structures to account for the bond order (Figure 16.6). 
The bond order matches the experimental bond information. Ozone forms 
compounds with the alkali and alkaline earth metals. These compounds contain 
the trioxide(l-) ion, 0 3 ~. As we would expect from lattice stability arguments, 
it is the larger cations, such as cesium, that form the most stable trioxides. It 
has been shown that the trioxide(l-) is also V shaped. Because the oxygen- 
oxygen bond length is 135 pm in the trioxide (1 —) ion, slightly longer than the 
128 pm bond in trioxygen itself, we can assume the additional electron is in an 
antibonding orbital. 


16.4 Bonding in Covalent Oxygen Compounds 

An oxygen atom will usually form two single covalent bonds or one multiple 
bond, ordinarily a double bond. When two single bonds are formed, the angle 
between the bonds can be significantly different from the 109^° tetrahedral 
angle. The traditional explanation for the bond angle of 104^° in water asserts 
that the lone pairs occupy more space than bonding pairs, thus “squashing” the 
bond angle in the water molecule. 

However, when we compare the two halogen-oxygen compounds—oxygen 
difluoride, OF 2 (with a bond angle of 103°), and dichlorine oxide, C1 2 0 (with 
a bond angle of 111°)—we have to look for a different explanation. The best 
explanation relates to the degree of orbital mixing. In Chapter 3, Section 3.10, 
we considered the hybridization model of bonding, where orbital characters 
mixed. At the time, we considered integral values of mixing—for example, one 
s orbital with three p orbitals to form four sp 3 hybrid orbitals. However, there is 
no reason why the mixing cannot be fractional. Thus, some covalent bonds can 
have more s character and others, more p character. Also, beyond Period 2, we 
have to keep in mind that d orbitals might be mixed in as well. This approach 
of partial orbital mixing is, in fact, moving toward the more realistic molecular 
orbital representation of bonding. 

It was Henry A. Bent who proposed an empirical rule—the Bent rule —to 
explain, among other things, the variation in bond angles of oxygen compounds. 
The rule states: More electronegative substituents “prefer” hybrid orbitals with 
less s character, and more electropositive substituents “prefer” hybrid orbitals 
with more s character. Thus, with fluorine (more electronegative), the bond 
angle tends toward the 90° angle of two “pure”/? orbitals on the oxygen atom. 
Conversely, the angle for chlorine (less electronegative) is greater than that 
for an sp 3 hybrid orbital, somewhere between the 109^° angle of sp 3 hybridiza¬ 
tion and the 120° angle of sp 2 hybridization. An alternative explanation for 
the larger angle in dichlorine oxide is simply that there is a steric repulsion 
between the two large chlorine atoms, thus increasing the angle. 
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Oxygen can form coordinate covalent bonds, either as a Lewis acid or as 
a Lewis base. The former is very rare; the compound NF 3 0 (mentioned in 
Chapter 15, Section 15.2) is one such case. However, oxygen readily acts as a 
Lewis base, for example, in the bonding of water molecules to transition metal 
ions through a lone pair on the oxygen. There are also numerous examples of 
double-bonded oxygen, such as that in PF 3 0. 

There are other bonding modes of oxygen. In particular, oxygen can form 
three equivalent covalent bonds. The classic example is the hydronium ion, 
in which each bond angle is close to that of the tetrahedral value of 109^° 
(Figure 16.7). However, such oxygen-containing molecules are not always 
tetrahedral. In the unusual cation [0(HgCl) 3 ] + , the atoms are all coplanar 
and the Hg—O—Hg bond angle is 120° (Figure 16.8). To explain this, we 
must assume that the lone pair on the oxygen atom is not in its usual sp 3 
hybrid orbital but in a p orbital, where it can form a rr bond with empty 
6p orbitals of the mercury atom. 

Oxygen often “brings out” a higher oxidation state than does fluorine. This 
may be a result of the ability of oxygen to form a tt bond, using one of its own 
full p orbitals and an empty orbital on the other element, or it may simply be 
steric grounds. For example, osmium can fit four oxygen atoms to form 0s0 4 
but not eight fluorine atoms to form OsF 8 (Table 16.5). 
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FIGURE 16.7 The hydronium 
ion. 
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FIGURE 16.8 The [0(HgCI) 3 ] + 


TABLE 16.5 

Highest stable oxidation states of oxides and 
fluorides of three elements 

Element 

Highest oxide 

Highest fluoride 

Chromium 

Cr0 3 (+6) 

CrF 5 (+5) 

Xenon 

Xe0 4 (+8) 

XeF 6 (+6) 

Osmium 

0s0 4 (+8) 

OsF 7 (+7) 


16.5 Trends in Oxide Properties 


The properties of an oxide depend on the oxidation number of the other ele¬ 
ment. For metal oxides, we find there is a transition in bonding types, as dis¬ 
cussed in Chapter 9, Section 9.2. For example, chromium(III) oxide, Cr 2 0 3 , 
has a melting point of 2266°C, a value typical of ionic compounds, while 
chromium(VI) oxide, Cr0 3 , has a melting point of 196°C, a value typical of 
covalent compounds. This shift from ionic to covalent behavior can be linked 
to the increase in charge density of the metal ion. 

This change in bonding type can be used to explain the difference in acid- 
base behavior among metal oxides. If the metal is in a low oxidation state, 
typically +2, the oxide is basic (and sometimes reducing); for example, ionic 
manganese(II) oxide reacts with acid to give the aqueous manganese(II) ion: 

MnO(s) + 2 H + (aq) Un 2+ (aq) + H 2 0(/) 
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If the metal is in the 3+ oxidation state, the metal oxide is often amphoteric. 
Chromium(III) oxide, for example, reacts with acids to give the chromium(III) 
ion and with a strong base to give the chromite anion, Cr0 2 _ . The oxide of 
a high-oxidation-state metal is often acidic and oxidizing. Thus, covalently 
bonded chromium(VI) oxide reacts with water to give chromic acid: 

CrO 3 0) + H 2 0(/) H 2 CrO 4 (aq) 

The typical properties of metal oxides are shown in Table 16.6. 


TABLE 16.6 1 

An approximate relationship between oxidation state and 
acid-base properties for metal oxides 

Oxidation state 

Properties 

Examples 

+ 1 

Very basic 

Na 2 0 

+2 

Basic 

CaO, MnO 

+3, +4, +5 

Amphoteric 

A1 2 0 3 , Cr 2 0 3 (not Fe 2 0 3 ), Sn0 2 , V 2 0 5 

+6, +7 

Acidic 

Cr0 3 , Mn 2 0 7 


The oxides of nonmetals are always covalently bonded. Those with the 
element in a low oxidation state tend to be neutral, whereas those with the ele¬ 
ment in the higher oxidation states tend to be acidic. For example, dinitrogen 
oxide, N 2 0, is neutral, whereas dinitrogen pentoxide dissolves in water to give 
nitric acid: 

N 2 0 5 (g) + H 2 0(/) —> 2 HN0 3 (Z) 

The higher the oxidation state of the other element, the more acidic the 
properties. For example, sulfur dioxide is weakly acidic, while sulfur trioxide 
is a strongly acidic oxide. The typical properties of nonmetal oxides are shown 
in Table 16.7. 


An approximate relationship between oxidation state and 
acid-base properties for nonmetal oxides 

+ 1,+2 Neutral N 2 0, CO 

+3, +4 Acidic N 2 O s , N0 2 , C0 2 , S0 2 

+5, +6, +7 Strongly acidic N 2 0 5 , S0 3 , C1 2 0 7 


TABLE 16.7 


It is always necessary to be cautious when assigning oxidation states in oxygen 
compounds, for, as we have seen, there are oxygen ions in which oxygen itself 
has an abnormal oxidation state. These include the dioxide(2-) ion, 0 2 2- ; the 
dioxide(l-) ion, 0 2 _ ; and the trioxide(l-) ion, 0 3 “.These exist only in solid- 
phase compounds, specifically those in which the metal cation has a charge 
density low enough to stabilize these large, low-charge anions. 
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Compounds in which the other element appears to have an abnormally 
high oxidation number usually contain the peroxide —O—O— linkage, in which 
each oxygen atom has the oxidation number of — 1. Recalculating the oxidation 
numbers in such cases gives the other element a normal oxidation number. For 
example, in K 2 0 2 , the oxygen has the peroxide oxidation number of -1 rather 
than the oxide oxidation number of -2, not potassium having an abnormal 
value of +2. 


16.6 Mixed-Metal Oxides 


In Chapter 13, Section 13.9, we discussed a family of mixed-metal oxides, the 
spinels. These compounds have empirical formulas of AB 2 X 4 , where A is usu¬ 
ally a dipositive metal ion; B, usually a tripositive metal ion; and X, a dinegative 
anion, usually oxygen. The crystal lattice consists of a framework of oxide ions 
with metal ions in octahedral and tetrahedral sites. This is not the only possible 
structure of mixed-metal oxides: there are many more, one of which is the 
perovskite structure, and, like the spinels, perovskites are of great interest to 
materials scientists. 

Perovskites have the general formula AB0 3 , where A is usually a large 
dipositive metal ion and B is generally a small tetrapositive metal ion. It is 
important to distinguish these mixed-metal oxides from the oxyanion salts that 
we generally study in inorganic chemistry. The metal salts of oxyanions can 
have a formula parallel to that of a perovskite: AX0 3 , involving a metal (A), 
a nonmetal (X), and oxygen. In these compounds, the X0 3 consists of a cova¬ 
lently bonded polyatomic ion. For example, sodium nitrate consists of the Na + 
and N0 3 _ ions arrayed in a sodium chloride structure, in which each nitrate ion 
occupies the site equivalent to the chloride ion site. However, in perovskites, 
such as the parent compound calcium titanate, CaTi0 3 , there is no such thing 
as a “titanate ion.” Instead, the crystal lattice consists of independent Ca 2+ , 
Ti 4+ , and 0 2 ~ ions. 

The packing in the perovskite unit cell is shown in Figure 16.9. The large 
calcium ion occupies the center of the cube; it is surrounded by 12 oxide ions. 
Eight titanium(IV) ions are located at the cube corners; each has six oxide 
neighbors (three being in adjacent unit cells). Many perovskites are ferro¬ 
electric materials (although they contain no iron). Such compounds can con¬ 
vert a mechanical pulse into an electrical signal (and vice versa), a property 
that is important for many electronic devices. In Chapter 14, Section 14.19, 
another perovskite, CaPb0 3 , was mentioned as a rust-resistant coating for 
metal surfaces. 

On this planet, the most important perovskite is the mixed magnesium iron 
silicate (Mg,Fe)Si0 3 . It is the major component of the lower mantle, the layer of 
the Earth between a depth of 670 and 2900 km. This compound consists of Mg 2+ 
and Fe 2+ ions alternating in the M 2+ sites at the center of the unit cubes, Si 4+ “ions” 
at the corners, and O 2- ions occupying the anion sites. (In the silicate perovskites, 
the silicon-oxygen bonds probably have significant covalent character.) 



O Ca 2+ O Ti 4+ O ° 2 “ 


FIGURE 16.9 The perovskite 
unit cell. 
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New Pigments through Perovskites 


I norganic compounds are the mainstay of the pig¬ 
ment industry. Whenever permanent colors are 
required, inorganic compounds are preferred over 
organic ones for their long-term stability. Traditionally, 
lead(II) carbonate was used for white; yellow to red is 
provided by cadmium sulfide; green, by chromium(III) 
oxide; brown, by iron(III) oxide; and blue, by complex 
copper(II) compounds. A replacement for lead(II) car¬ 
bonate has been titanium(IV) oxide. Cadmium sulfide 
has been particularly useful because the compound is 
very insoluble and extremely light-stable. By altering 
the particle size, it is possible to produce any color 
between yellow and red. However, a replacement for 
cadmium sulfide would remove one more toxic com¬ 
pound from the artist’s palette and from the commercial 
paint industry. 

To find a brilliant and pure color, it is necessary to 
find a compound in which there is a very sharp electronic 
transition. For gases, we can get very pure transitions, 
but the atoms and ions in solids usually give very “fuzzy” 


absorptions; that is, because of the atomic vibrations in 
the solid, there is a range of ground and excited states. As 
a result, very broad absorption spectra are obtained. The 
solution has been found in a series of perovskites. This 
series has calcium (Ca 2+ ) and lanthanum(III) (La 3+ ) as 
the large low-charge cations, tantalum(V) (Ta 5+ ) as the 
small cation, and oxide (O 2- ) and nitride (N 3_ ) as the 
anions. The generic structure is 

(Ca 2+ ) (1 - x) (La 3+ ) x (Ta 5+ )(0 2_ ) (2 _ x) (N 3 ~) (1 + x) 

As the ratio of the 2+ calcium and the 3+ lanthanum 
changes, so the ratio of the 2- oxide and the 3- nitride 
must change in step to maintain electrical neutrality. By 
varying the proportion of the cations and anions, it is 
possible to synthesize pure colors ranging from a bright 
yellow, where x = 0.15, to an intense red, where x = 0.90. 
This is a great advance in color chemistry, for it is now 
possible to produce a very precise color just by adjusting 
the element ratio. 


16.7 Water 


Water is formed when hydrogen gas and oxygen gas are mixed and a spark 
provided: 

2 H 2 (g) + 0 2 (g) —¥■ 2 H 2 0(/) 

It is also one of the products when organic compounds, such as hydrocarbon fuels, 
are burned. For example, methane burns to give carbon dioxide and water: 

CH 4 (g) + 2 O 2 (g) C0 2 (g) + 2 H 2 0(/) 

Water is the ubiquitous liquid on Earth. In most ways it controls the chemistry 
of our planet. Liquid water has formed and re-formed Earth’s surface over geologic 
time. It has been able to do this because it can dissolve ionic substances, particularly 
the alkali and alkaline earth metals and the common anions such as chloride and 
sulfate. Thus, the composition of seawater reflects the leaching of ions from miner¬ 
als since the time that Earth cooled enough to form liquid water. The current com¬ 
position of the oceans, which make up 97 percent of the water on Earth, is shown 
in Table 16.8. 

Many of the Earth’s mineral deposits were formed by aqueous processes. 
The massive deposits of the alkali and alkaline earth minerals were formed 
by deposition from ancient seas and lakes. Less obvious is the mechanism of 
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TABLE 16.8 

Ion proportions of the principal ionic constituents in seawater 

Cation 

Cone. (mol-L *) 

Anion 

Cone. (mol-L *) 

Na + 

0.469 

cr 

0.546 

Mg 2+ 

0.053 

so 4 2- 

0.028 

Ca 2+ 

0.010 

hco 3 /co 3 2- 

0.002 

K + 

0.010 

Br 

0.001 


formation of heavy metal sulfide deposits, such as lead(II) sulfide. In fact, they 
are also the result of aqueous solution processes. Even though these minerals 
are extremely insoluble at common temperatures and pressures, this is not the 
case under the extremely high pressures and very high temperatures that exist 
deep under the Earth’s surface. Under those conditions, many ions dissolve 
and are transported near to the surface, where reductions in temperature and 
pressure cause precipitation to occur. 

In addition to ionic minerals, water can dissolve many polar covalent com¬ 
pounds. The ability of water to function as such a wide-ranging solvent results 
mostly from the high polarity of the O—H bond, as we discussed in Chapter 7, 
Section 7.1, and Chapter 10, Section 10.4. 

As we discussed in Chapter 7, water controls our acid-base chemistry 
through its autoionizing to give the hydronium ion and hydroxide ion, the 
strongest acid and base respectively in our aqueous world: 

2 H 2 0(/) ^ ¥L 3 0 + (aq) + OH ~{aq) 

In Chapter 8, Section 8.11, we showed that water also controls the redox 
limits in aqueous solution. No aqueous redox reaction can happen outside the 
boundaries of the oxidation of water to oxygen or its reduction to hydrogen: 

H 2 O(0 \ O 2 (g) + 2 H + (aq) + 2e~ 

2 H 2 0(/) + 2 e" H 2 (g) + 2 OH'(^) 

The oxygen atom in water is an electron-pair donor; that is, water can act as 
a Lewis base. This is believed to be the case for the hydrated ions of transition 
metals, such as the hexaaquanickel(II) ion, [Ni(:OH 2 ) 6 ] 2+ (^^), where the bonding 
seems to be much stronger than that of a simple ion-dipole interaction. Thus, it 
is true to say that the chemistry on this planet is largely defined by the properties 
of water. 

Although most people are concerned about dehydration, an increasing 
number of athletes (marathon runners, triathletes, and even hikers) are severely 
diluting their blood by drinking too much water or too many sports drinks. In 
the 2002 Boston Marathon, 13 percent of the runners developed hyponatremia, 
abnormally low blood sodium levels, as a result of excessive water consumption. 
Typical symptoms are nausea, grogginess, and a lack of coherence. Death can 
ensue and has happened in several cases. 






424 


CHAPTER 16 • The Group 16 Elements: The Chalcogens 


16.8 Hydrogen Peroxide 



FIGURE 16.10 The hydrogen 
peroxide molecule. 


There is a second combination of hydrogen and oxygen: hydrogen peroxide. 
Pure hydrogen peroxide is an almost colorless (slightly bluish), viscous liquid; 
its high viscosity is a result of the high degree of hydrogen bonding. It is an 
extremely corrosive substance that should always be handled with great care. 
A solution of hydrogen peroxide can be prepared in the laboratory by the 
reaction of sodium peroxide with water: 

Na 2 0 2 (s) + 2 H 2 0(/) -► 2 NaOH(^) + H 2 0 2 (Z) 

The shape of the molecule is unexpected; the H—O—O bond angle in the gas 
phase is only 94^° (about 10° less than the H—O—H bond angle in water), and the 
two H—O units form a dihedral angle of 111° with each other (Figure 16.10). 

Hydrogen peroxide is thermodynamically very unstable with respect to dis¬ 
proportionation: 

H 2 O 2 (0 -+ H 2 O(0 + \ 0 2 (g) AG e = -119.2 kJ-mol -1 

However, when pure, it is slow to decompose because of kinetic factors. 
(The reaction pathway must have a high activation energy.) Almost anything— 
transition metal ions, metals, blood, dust—will catalyze the decomposition. 

It is advisable to handle even dilute solutions of hydrogen peroxide with 
gloves and eye protection, because it attacks the skin. Hydrogen peroxide can 
act as an oxidizing or reducing agent in both acidic and basic solutions. Oxida¬ 
tions are usually performed in acidic solution; reductions, in basic solution: 

H 2 0 2 (aq) + 2 H + (aq) + 2 e" -+ 2 H 2 0(/) £ e = +1.77 V 

HO 2 ~(aq) + OH ~(aq) -+ 0 2 (g) + H 2 0(/) + 2 e“ £ e = +0.08 V 


Hydrogen peroxide will oxidize iodide ion to iodine and reduce permanganate 
ion in acid solution to manganese(II) ion. Hydrogen peroxide has an important 
^ application to the restoration of antique paintings. One of the favored white 
pigments was white lead, a mixed carbonate-hydroxide, Pb 3 (0H) 2 (C0 3 ) 2 . 
Traces of hydrogen sulfide cause the conversion of this white compound to 
black lead(II) sulfide, which discolors the painting. Application of hydrogen 
peroxide oxidizes the lead(II) sulfide to white lead(II) sulfate, thereby restor¬ 
ing the correct color of the painting: 

PbS(j) + 4 H 2 0 2 {aq) -> PbS0 4 (s) + 4 H 2 0(Z) 

Hydrogen peroxide is a major industrial chemical; about 10 6 tonnes are 
produced worldwide every year. Its uses are highly varied, from paper bleach¬ 
ing to household products, particularly hair bleaches. Hydrogen peroxide is 
also used as an industrial reagent, for example, in the synthesis of sodium 
peroxoborate (see Chapter 13, Section 13.2). 


16.9 Hydroxides 


Almost every metallic element forms a hydroxide. The colorless hydroxide 
ion is the strongest base in aqueous solution. It is very hazardous, because it 
reacts with the proteins of the skin, producing a white opaque layer. For this 
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reason, it is especially hazardous to the eyes. Despite its dangerous nature, 
many household products, particularly oven and drain cleaners, utilize solid or 
concentrated solutions of sodium hydroxide. Sodium hydroxide is prepared by 
electrolysis of aqueous brine (see Chapter 11, Section 11.8). 

It is also important to realize that, through hydrolysis, very high levels of 
hydroxide ion are present in products that do not appear to contain them. For 
example, the phosphate ion, used in sodium phosphate-containing cleansers, 
reacts with water to give hydroxide ion and the hydrogen phosphate ion: 

P0 4 3 “(a<?) + H 2 0(/) ^HP0 4 2_ (a<7) + OH (aq) 

Solutions of the soluble hydroxides (the alkali metals, barium, and ammonium) 
react with the acidic oxide carbon dioxide present in the air to give the metal 
carbonate. For example, sodium hydroxide reacts with carbon dioxide to give 
sodium carbonate solution: 

2 NaOH(ag) + C0 2 (g) ^Na 2 C0 3 (a<?) + H 2 0(/) 

For this reason, solutions of hydroxides should be kept sealed except while being 
used. It is also one of the reasons why sodium hydroxide contained in glass 
bottles should be sealed with a rubber stopper rather than with a glass stopper. 
Some of the solution in the neck of the bottle will react to form crystals of sodium 
carbonate—enough to effectively “glue” the glass stopper into the neck of the 
bottle. 

Calcium hydroxide is obtained by heating calcium carbonate to give calcium 
oxide, which is then mixed with water to give calcium hydroxide: 

CaC0 3 (s) —^ CaO(.s) + C0 2 (g) 

CaO(s) + H 2 0(/) -> Ca(OH) 2 (s) 

Calcium hydroxide is actually somewhat soluble in water—soluble enough to 
give a significantly basic solution. A mixture of the saturated solution with a 
suspension of excess solid calcium hydroxide was referred to as “whitewash,” 
and it was used as a low-cost white coating for household painting. 

Alkali and alkaline earth metal hydroxides react with carbon dioxide, 
even when they are in the solid phase. In fact, “whitewashing” involves the 
penetration of the partially soluble calcium hydroxide into the wood or plaster 
surface. (Often the hydroxide ion acts additionally as a degreasing agent.) 
Over the following hours and days, it reacts with the carbon dioxide in the air 
to give microcrystalline, very insoluble, intensely white calcium carbonate: 

Ca(OH ) 2 {aq) + C0 2 (g) -> CaC0 3 (s) + H 2 0(/) 

This process, performed by many of our ancestors, involved some very practi¬ 
cal chemistry! 

Many metal hydroxides can be prepared by adding a metal ion solution 
to a hydroxide ion solution. Thus, green-blue copper(II) hydroxide can be 
prepared by mixing solutions of copper(II) chloride with sodium hydroxide: 

C\xC\ 2 {aq) + 2 NaOH(a^) —» Cu(OFI) 2 (s) + 2 NaCl(ag) 

Most of the insoluble hydroxides precipitate out of solution as gelatinous 
(jellylike) solids, making them difficult to filter. The amphoteric hydroxides 
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redissolve on addition of excess hydroxide ion. For example, zinc hydroxide 
redissolves to form the tetrahydroxozincate ion, [Zn(OH) 4 ] 2_ : 

Zn(OH) 2 (s) + 2 OH ~(aq) — [Zn(OH ) 4 f~(aq) 

A few metal hydroxides are unstable; they lose water to form the oxide, which, 
with its higher charge, forms a more stable lattice. For example, even gentle 
warming of the green-blue copper(II) hydroxide gel produces the black solid 
copper(II) oxide: 

Cu(OH) 2 (Y) CuO(^) + H 2 0(/) 

16.10 The Hydroxyl Radical 


In Chapter 15, Section 15.8, we saw that the chemical reactions of the troposphere 
are dominated at night by the nitrate radical. In the daytime, the hydroxyl radical, 
OH, is the most important reactive species. 

The hydroxyl radical is present during the day at concentrations of between 
10 5 and 10 6 molecules*cm -3 . It is most commonly formed by the photodisso¬ 
ciation of ozone by light of wavelengths less than 319 nm to give atomic and 
molecular oxygen (oxygen and dioxygen). The two species produced are in 
excited states, the atomic oxygen having two of its p electrons paired instead 
of the ground-state condition of all the p electrons being unpaired. The excited 
state can be indicated by an asterisk, *, following the relevant chemical formula. 
Thus, the reaction is represented as 

03 (g) o*(g) + 0 2 *(g) 

About 20 percent of the excited oxygen atoms collide with water molecules to 
form two hydroxyl radicals: 

0*(g) + H 2 0(g) OH(g) + OH(g) 

These hydroxyl radicals are potent oxidizing agents. On the whole, this is 
good, for they oxidize, fragment, and destroy gas-phase organic molecules. For 
example, methane is oxidized to methyl hydroperoxide, CH 3 OOH, then to 
methanal, HCHO, and finally to carbon dioxide. Hydroxyl radicals oxidize atmo¬ 
spheric nitrogen dioxide to nitric acid and hydrogen sulfide to sulfur dioxide. 

There is now concern about hydroxyl radical concentrations in indoor air. 
These radicals are produced in part by the ozone emissions of such equipment 
as photocopiers and laser printers. The hydroxyl radicals react with the “cock¬ 
tail” of organic compounds that we find in poorly ventilated indoor air such as 
exhaled breath, deodorants, perfumes, and gas emissions from room furniture 
to produce a wide range of toxic oxidized fragments. 


16.11 Overview of Sulfur Chemistry 


Sulfur (the other nonmetal in Group 16) has a range of even oxidation states 
from +6 through +4 and +2 to —2. The oxidation-state diagram for sulfur in 
acidic and basic solutions is shown in Figure 16.11. The comparatively low free 
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FIGURE 16.11 Frost diagram 
for sulfur in acidic and basic 
solutions. 


energy of the sulfate ion in acidic solution indicates that the ion is only weakly 
oxidizing. In basic solution, the sulfate ion is completely nonoxidizing, and it is 
the most thermodynamically stable sulfur species, although on a convex curve, 
the +4 oxidation state is actually quite kinetically stable. The Frost diagram 
does show that in acidic solution the +4 state tends to be reduced, whereas 
in basic solution it tends to be oxidized. The element itself is usually reduced 
in acidic environments but oxidized in base. Figure 16.11 also shows that the 
sulfide ion (basic solution) is a fairly strong reducing agent but that hydrogen 
sulfide is a thermodynamically stable species. 

After carbon, sulfur is the element most prone to catenate. However, there 
are only two available bonds. Thus, the structures are typically chains of sulfur 
atoms with some other element or group of elements at each end: dihydrogen 
polysulfides have the formula HS—S w —SH and the polysulfur dichlorides, 
CIS—S w —SCI, where n can have any value between 0 and 20. 


16.12 Sulfur 


Although elemental sulfur has been known from the earliest times, only in 
the last 20 years has the allotropy of sulfur been clarified. The most common 
naturally occurring allotrope, S 8 , cyc/o-octasulfur, has a zigzag arrangement of 
the atoms around the ring (Figure 16.12). This allotrope crystallizes to form 
needle crystals above 95°C, but below that temperature, “chunky” crystals are 
formed. The crystals, which are referred to as monoclinic and rhombic forms, 
differ simply in the way in which the molecules pack. These two forms are 
polymorphs of each other, not allotropes. Polymorphs are defined as differ¬ 
ent crystal forms in which identical units of the same compound are packed 
differently. 



FIGURE 16.12 The cyc/o- 
octasulfur molecule. 
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FIGURE 16.13 The cyclo - 
hexasulfur and cydo-dodecasulfur 
molecules. 


cydo-Hexasulfur 

In 1891, a sulfur allotrope with a ring size other than 8 was first synthesized. 
This allotrope, S 6 , cyc/o-hexasulfur, was the second of many true allotropes of 
sulfur to be discovered. To distinguish allotropes and polymorphs, we can more 
correctly define allotropes as forms of the same element that contain different 
molecular units. Sulfur allotropes with ring sizes that range from 6 to 20 have 
been definitely synthesized, and there is evidence that allotropes with much 
larger rings exist. The most stable, apart from cyc/o-octasulfur, is S 12 , cyclo- 
dodecasulfur. The structures of cyc/o-hexasulfur and cyclo -dodecasulfur are 
shown in Figure 16.13. 

Cyc/o-hexasulfur can be synthesized by mixing sodium thiosulfate, Na 2 S 2 0 3 , 
and concentrated hydrochloric acid: 

6 Na 2 S 2 O 3 0<7) + 12 HCl(^) -> S 6 (s) + 6 S0 2 (g) + 12 NaCl(^) + 6 H 2 0(/) 


However, there is now a fairly logical synthesis of the even-numbered rings 
(which are more stable than the odd-numbered rings). The method involves 
the reaction of the appropriate hydrogen polysulfide, H 2 S X , with the appropriate 
polysulfur dichloride, S^Cl^ such that (x + y) equals the desired ring size. Thus, 
cyclo -dodecasulfur can be prepared by mixing dihydrogen octasulfide, H 2 S 8 , 
and tetrasulfur dichloride, S 4 C1 2 , in ethoxyethane, (C 2 H 5 ) 2 0, a solvent: 

H 2 S % {eth) + S A C\ 2 (eth) ->S 12 (j) + 2 HCl(g) 


* 

* * 


Cosmochemistry: Io, the Sulfur-Rich Moon 


I n the feature “Is There Life Elsewhere in Our Solar 
System?” (see Chapter 10), we described how Jupiter’s 
moon Europa has an ocean that may support some prim¬ 
itive life-forms. Another moon of Jupiter, Io, may have a 
unique chemistry. Io is about the same size as our own 
Moon, but Io’s surface, unlike the Moon’s dull gray surface, 
is ablaze with color—yellows, reds, and blues. The colors 
are believed to be largely the result of allotropes of 
sulfur and of sulfur compounds. Sulfur volcanoes dot 
the surface of Io, and the fountain-like plumes of the 
erupting sulfur volcanoes are among the most impres¬ 
sive and beautiful sights in the solar system. In fact, the 
eruptions resemble giant sulfur geysers, like fantastic 
yellow “Old Faithful” jets, spewing molten sulfur and 
sulfur compounds over 20 km into space before Io’s 


weak gravity causes the sulfur “snow” to settle slowly 
back to the surface. 

The chemistry of the tenuous atmosphere is also 
unusual, consisting mostly of sulfur dioxide together with 
more exotic species such as sulfur monoxide. Why is Io’s 
chemistry unique? Sulfur is a common element through¬ 
out the solar system, but on planets such as Earth, sulfur 
is found as metal sulfides, particularly iron(II) sulfide. 
The heat that keeps Io’s volcanoes active derives from 
the enormous gravitational attraction of Jupiter (and, to 
a lesser extent, that of Europa). We have very little idea 
what chemical processes occur on this unique body, and 
many sulfur compounds on Io must be unknown to us 
on Earth. A visit to Io would certainly be top priority for 
any cosmochemist! 



cyclo -Octasulfur 

However, cyclo -octasulfur is the allotrope found almost exclusively in nature 
and as the product of almost all chemical reactions, so we will concentrate on 
the properties of this allotrope. At its melting point of 119°C, cyclo -octasulfur 
forms a low-viscosity, straw-colored liquid. But when the liquid is heated, there 
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is an abrupt change in properties at 159°C. The most dramatic transformation 
is a 10 4 -fold increase in viscosity. The liquid also darkens considerably. We can 
explain these changes in terms of a rupture of the rings. The octasulfur chains 
then link one to another to form polymers containing as many as 20 000 sulfur 
atoms. The rise in viscosity, then, is explained by a replacement of the free- 
moving S 8 molecules by these intertwined chains, which have strong dispersion- 
force interactions. 

As the temperature increases toward the boiling point of sulfur (444°C), the 
viscosity slowly drops as the polymer units start to fragment as a result of the 
greater thermal motion. If this liquid is poured into cold water, a brown trans¬ 
parent rubbery solid—plastic sulfur—is formed. This material slowly changes 
to microcrystals of rhombic sulfur. 

Boiling sulfur produces a green gaseous phase, most of which consists of 
cyc/o-octasulfur. Raising the temperature even more causes the rings to frag¬ 
ment, and by 700°C, a violet gas is observed. This gas contains disulfur molecules, 
S 2 , analogous to dioxygen. 

The Industrial Extraction of Sulfur 

Elemental sulfur is found in large underground deposits in both the United 
States and Poland. It is believed they were formed by the action of anaerobic 
bacteria on lake-bottom deposits of sulfate minerals. A discovery causing great 
excitement among planetary scientists is the evidence for large deposits of sulfur 
on Jupiter’s moon Io (see the feature “Cosmochemistry”). 

The method of extraction, the Frasch process, was devised by Canadian sci¬ 
entist Herman Frasch (Figure 16.14). The sulfur deposits are between 150 and 
750 m underground and are typically about 30 m thick. A pipe, 20 cm in diam¬ 
eter, is sunk almost to the bottom of the deposit. Then a 10-cm pipe is inserted 
inside the larger one; this pipe is a little shorter than the outer pipe. Finally, a 
2.5-cm pipe is inserted into the middle pipe but ends about halfway down the 
length of the outer pipes. 
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FIGURE 16.14 The Frasch 
method of extraction of sulfur. 
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Water at 165°C is initially pumped down both outer pipes; this water melts 
the surrounding sulfur. The flow of superheated water down the 10-cm pipe is 
discontinued, and liquid pressure starts to force the dense liquid sulfur up that 
pipe. Compressed air is pumped down the 2.5-cm pipe, producing a low-density 
froth that flows freely up the 10-cm pipe to the surface. At the surface, the sulfur- 
water-air mixture is pumped into gigantic tanks, where it cools and the violet 
sulfur liquid crystallizes to a solid yellow block. The retaining walls of the tank 
are then removed, and dynamite is used to break up the blocks to a size that can 
be transported by railcar. 

As we mentioned previously, the United States and Poland are the only 
countries fortunate enough to have large underground deposits of elemental 
sulfur. For their sulfur needs, other nations must resort to natural gas deposits, 
many of which contain high levels of hydrogen sulfide. Deposits that are low 
in hydrogen sulfide are known as “sweet gas,” and those containing high levels, 
between 15 and 20 percent typically, are known as “sour gas.” Gas producers 
are obviously only too pleased to find a market for this contaminant of the 
hydrocarbon mixtures. 

The production of elemental sulfur from the hydrogen sulfide in natural 
gas is accomplished by using the Claus process. The hydrogen sulfide is first 
extracted from the sour natural gas by bubbling the gas through ethanolamine, 
HOCH 2 CH 2 NH 2 , a basic organic solvent, the hydrogen sulfide acting as a 
Brpnsted-Lowry acid: 

HOCH 2 CH 2 NH 2 (/) + H 2 S(g) —» HOCH 2 CH 2 NH 3 + (so/ve/rt) + HS~ (solvent) 

The solution is removed and warmed, causing the hydrogen sulfide gas to be 
released. The hydrogen sulfide is then mixed with dioxygen in a 2:1 mole ratio 
rather than the 2:3 mole ratio that would be needed to oxidize all the hydrogen 
sulfide to water and sulfur dioxide. One-third of the hydrogen sulfide burns to 
give sulfur dioxide gas: 

2 H 2 S(g) + 3 0 2 (g) 2 S0 2 (g) + 2 H z O(g) 

The sulfur dioxide produced then reacts with the remaining two-thirds of the 
hydrogen sulfide to give elemental sulfur: 

4 H 2 S(g) + 2 S0 2 (g) 6 S (s) + 4 H 2 0(g) 

To meet current emissions standards, the process has been improved; in 
modern plants, 99 percent conversion occurs, an extraction much better than 
the 95 percent conversion achieved in older plants. 

About 53 percent of world sulfur production comes from by-product sulfur 
produced in the Claus (or a related) process; about 23 percent comes from the 
Frasch process; about 18 percent is obtained by heating the mineral iron pyrite, 
FeS 2 (iron(II) disulfide(2-)). Heating this compound in the absence of air decom¬ 
poses the S 2 2 ~ ion (see Section 16.14) to elemental sulfur and iron(II) sulfide: 

FeS 2 (s) FeS(s) + S(g) 

Most of the world’s sulfur production is needed for the synthesis of sulfuric 
acid, a process discussed in Section 16.17. The remainder is used to synthesize 
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sulfur chemicals such as carbon disulfide for the vulcanization (hardening) of 
rubber and for the synthesis of sulfur-containing organic dyes. Some of the elemen¬ 
tal sulfur is added to asphalt mixes to make more frost-resistant highway surfaces. 


16.13 Hydrogen Sulfide 


Most people have heard of the gas that smells like “rotten eggs,” although not 
as many could identify which gas it is. In fact, the obnoxious odor of hydrogen 
sulfide is almost unique. More important, this colorless gas is extremely toxic— 
more toxic than hydrogen cyanide. Because it is much more common, hydrogen 
sulfide presents a much greater hazard. As mentioned earlier, it sometimes is a 
component of the natural gas that issues from the ground; thus, gas leaks from 
natural gas wellheads can be dangerous. 

Hydrogen sulfide is used in enormous quantities in the separation of “heavy 
water” from regular water. There is an equilibrium between water and hydrogen 
sulfide that energetically slightly favors the deuterium isotope in the water 
component: 

HDS(g) + H 2 0(/) ^ H 2 S(g) + HDO(/) 

HDS(g) + HDO(/) ^ H 2 S(g) + D 2 0(/) 

By this means, the deuterium isotope can be concentrated (enriched) from 
0.016 to 15 percent in the water. Fractional distillation to ^th of the volume 
leaves a residue that is 99 percent deuterium oxide (D 2 0 having a slightly 
higher boiling point than H 2 0). Communities near such plants usually have 
quick-response evacuation procedures to minimize the inherent dangers of 
this industry. The odor can be detected at levels as low as 0.02 ppm; headaches 
and nausea occur at about 10 ppm, and death, at 100 ppm. Using smell to 
detect the gas is not completely effective, because it kills by affecting the central 
nervous system, including the sense of smell. 

Hydrogen sulfide is produced naturally by anaerobic bacteria. In fact, this 
process, which occurs in rotting vegetation and bogs and elsewhere, is the 
source of most of the natural-origin sulfur in the atmosphere. The gas can be 
prepared in the laboratory by reacting a metal sulfide with a dilute acid, such 
as iron(II) sulfide with dilute hydrochloric acid: 

FeS(j) + 2 HCl(ag) —» FeCl 2 (ag) + H 2 S(g) 

In solution, it is oxidized to sulfur by almost any oxidizing agent: 

H 2 S(a<?) -+ 2 H + (aq) + S(s) + 2 e" E d = +0.141 V 

Hydrogen sulfide burns in air to give sulfur or sulfur dioxide, depending on 
the gas-to-air ratio: 

2 H 2 S(g) + 0 2 (g) -+ 2 H 2 O(0 + 2 S(.s) 

2 H 2 S(g) + 3 0 2 (g) -+ 2 H 2 0(/) + 2 S0 2 (g) 

The common test for the presence of significant concentrations of hydrogen 
sulfide utilizes lead(II) acetate paper (or a filter paper soaked in any soluble 
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lead(II) salt, such as the nitrate). In the presence of hydrogen sulfide, the colorless 
lead(II) acetate is converted to black lead(II) sulfide: 

Pb(CH 3 C0 2 ) 2 (s) + H 2 S(g) —» PbS(s) + 2 CH 3 C0 2 H(g) 

In an analogous reaction, the blackening of silver tableware is usually attributed 
to the formation of black silver(I) sulfide. 

The hydrogen sulfide molecule has a V-shaped structure, as would be expected 
for an analog of the water molecule. However, as we descend the group, the bond 
angles in their hydrides decrease (Table 16.9). The variation of bond angle can 
be explained in terms of a decreasing use of hybrid orbitals by elements beyond 
Period 2. Hence, it can be argued that the bonding in hydrogen selenide involves 
p orbitals only. This reasoning is the most commonly accepted explanation, 
because it is consistent with observed bond angles in other sets of compounds. 


TABLE 16.9 1 

Bond angles of three Group 16 hydrides 

Hydride 

Bond angle 

h 2 o 

104|° 

h 2 s 

92\° 

H 2 Se 

90° 


16.14 Sulfides 


Only the Groups 1 and 2 metal ions, the ammonium ion, and the aluminum ion 
form soluble sulfides. These readily hydrolyze in water, and, as a result, solu¬ 
tions of sulfides are very basic: 

S 2 ~(aq) + H 2 O(0 ^ HS ~(aq) + OH ~(aq) 

There is enough hydrolysis of the hydrogen sulfide ion, in turn, to give the solution 
a strong odor of hydrogen sulfide: 

¥LS~(aq) + H 2 0(/) ^ H 2 S(g) + OH ~(aq) 




Disulfide Bonds and Hair 


H air consists of amino acid polymers (proteins) cross- 
linked by disulfide units. In about 1930, research¬ 
ers at the Rockefeller Institute showed that these links 
can be broken by sulfides or molecules containing —SH 
groups in slightly basic solution. This discovery proved to 
be the key to the present-day method for “permanently” 
changing the shape of hair, from curly to straight or vice 
versa. 

In the process, a solution of the thioglycollate 
ion, HSCH 2 C0 2 _ , is poured on the hair, reducing the 
—S—S— cross-links to —SH groups: 


2 HSCH 2 C0 2 “(^) + — S—S—(hair) -> 

[SCH 2 C0 2 ~] 2 (ag) + 2 —S—H(hair) 

By using curlers or straighteners, the protein chains can 
then be mechanically shifted with respect to their neigh¬ 
bors. Application of a solution of hydrogen peroxide then 
reoxidizes the —SH groups to re-form new cross-links of 
—S—S—, thus holding the hair in the new orientation: 

2 —S—H(hair) + H 2 0 2 {aq) -> 

—S—S—(hair) + 2 H 2 Q(/) 
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The sodium-sulfur system provides the basis for a high-performance battery. 
In most batteries, the electrodes are solids and the electrolyte a liquid. In this 
battery, however, the two electrodes, sodium and sulfur, are liquids and the 
electrolyte, NaAl u 0 17 , is a solid. The electrode processes are 

Na(/)^Na + (AaA/ 77 <9 77 ) + e" 

n S(/) + 2 e“ -> S n 2 ~(NaAl n 0 17 ) 

The battery is extremely powerful, and it can be recharged readily. It shows 
great promise for industrial use, particularly for commercial electricity-driven 
delivery vehicles. However, adoption of this battery for household purposes is 
unlikely, because it operates at about 300°C. Of course, it has to remain sealed 
to prevent reaction of the sodium and sulfur with the oxygen or water vapor 
in the air. 

Sodium Sulfide 

Today, sodium sulfide is the sulfide in highest demand. Between 10 5 and 10 6 
tonnes are produced every year by the high-temperature reduction of sodium 
sulfate with coke: 

Na 2 SO 4 0) + 2 CO) Na 2 S(/) + 2 C0 2 (g) 

Sodium sulfide is used to remove hair from hides in the tanning of leather. It is 
also used in ore separation by flotation, for the manufacture of sulfur-containing 
dyes, and in the chemical industry, such as the precipitation of toxic metal ions, 
particularly lead. 

Insoluble Sulfides 

All other metal sulfides are very insoluble. Many minerals are sulfide ores; the 
most common of these are listed in Table 16.10. Sulfides tend to be used for 
specialized purposes. The intense black diantimony trisulfide was one of the 
first cosmetics, used as eye shadow from earliest recorded times. 

Other sulfides in commercial use are selenium disulfide, SeS 2 , a common 
additive to antidandruff hair shampoos, and molybdenum(IV) sulfide, MoS 2 , 
an excellent lubricant for metal surfaces, either on its own or suspended in oil. 


TABLE 16.10 1 

Common sulfide minerals 


Common name 

Formula 

Systematic name 

Cinnabar 

HgS 

Mercury(II) sulfide 

Galena 

PbS 

Lead(II) sulfide 

Pyrite 

FeS 2 

Iron(II) disulfide 

Sphalerite 

ZnS 

Zinc sulfide 

Orpiment 

As 2 S3 

Diarsenic trisulfide 

Stibnite 

Sb 2 S 3 

Diantimony trisulfide 

Chalcopyrite 

CuFeS 2 

Copper(II) iron(II) sulfide 
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Metal sulfides tend to be dense, opaque solids, and it is this property that makes 
the bright yellow cadmium sulfide, CdS, a popular pigment for oil painting. 

The formation of insoluble metal sulfides used to be common in inorganic 
qualitative analysis. Hydrogen sulfide is bubbled through an acid solution con¬ 
taining unknown metal ions. The presence of the high hydrogen ion concentra¬ 
tion reduces the sulfide ion concentration to extremely low levels: 

H 2 S (aq) + H 2 0(/) H 3 0 + (aq) + HS"(^) 

HS ~{aq) + H 2 0(/) ^ H 3 0 + (aq) + S 2 ~(aq) 



This very low level of sulfide ion is still enough to precipitate the most in¬ 
soluble metal sulfides, those with a solubility product, K sp , smaller than 10 -30 . 
These metal sulfides are separated by filtration or centrifugation, and the 
pH of the filtrate is increased by adding base. This increase shifts the sulfide 
equilibrium to the right, thereby raising the concentration of sulfide ions to 
the point where those metal sulfides with a solubility product between 1CT 20 
and 1CT 30 (mainly the transition metals of Period 4) precipitate. Specific tests 
can then be used to identify which metal ions are present. More recently, 
thioacetamide, a reagent that hydrolyzes to hydrogen sulfide, has been used 
for such tests. 


Disulfides 

Unfortunately, chemists use the term disulfide for several different species. 
For example, carbon disulfide refers to the double-bonded covalent molecule, 
S=C=S. Also, molybdenum(IV) sulfide, MoS 2 (see Chapter 21, Section 21.6), 
is commonly and incorrectly called molybdenum disulfide. Here we are refer¬ 
ring to solid compounds containing the disulfide ion, S 2 2- , ions analogous to 
and more common than the dioxide(2-) ion, 0 2 2- .Thus, FeS 2 does not contain 
iron in a high oxidation state but the disulfide(2—) ion and iron(II). These 
solid-state structures are found for manganese, iron, cobalt, nickel, ruthenium, 
and osmium. The crystal structure can be described as a distorted NaCl-type 
lattice with the rod-shaped S 2 units occupying the chloride sites and the metal 
ions, the sodium sites. 

The disulfide ion also forms compounds with the alkali and alkaline earth 
metals. These particular disulfides are part of the polysulfide family, contain¬ 
ing the S„ 2 ~ ion, where n has values between 2 and 6. Unlike the heavy metal 
disulfides, these are water-soluble. 


16.15 Sulfur Oxides 


There are two sulfur oxides of importance: the common pollutant sulfur dioxide, 
the acid oxide of sulfurous acid, and the less common but equally important 
sulfur trioxide, the acid oxide of sulfuric acid. The activation energy for the 
oxidation of sulfur dioxide to sulfur trioxide is exceedingly high. This is very 
fortunate—it means we are faced with the weakly acidic dioxide as an atmo¬ 
spheric pollutant rather than the strongly acidic sulfur trioxide. 
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Sulfur Dioxide 

The common oxide of sulfur, sulfur dioxide, is a colorless, dense, toxic gas with an 
acid “taste.” The maximum tolerable levels for humans is about 5 ppm, but plants 
begin to suffer in concentrations as low as 1 ppm. The taste is a result of the reaction 
of sulfur dioxide with water on the tongue to give the weak acid sulfurous acid: 

S0 2 (g) + H 2 0(/) ^ h 2 so 3 (^) 

Sulfur dioxide is very water-soluble, but like ammonia and carbon dioxide, 
almost all the dissolved gas is present as the sulfur dioxide molecule; only a very 
small proportion forms sulfurous acid. To prepare the gas in the laboratory, a dilute 
acid is added to a solution of a sulfite or a hydrogen sulfite: 

SO 3 2 ~(aq) + 2 H + {aq) -*■ H z O(/) + S0 2 (g) 

HSO f(aq) + H + (aq) H 2 0(/) + S0 2 (g) 

Sulfur dioxide is one of the few common gases that is a reducing agent, itself 
being easily oxidized to the sulfate ion: 

SO 2 (aq) + 2 H 2 0(/) -> SO t(aq) + 4 U + (aq ) + 2 e“ 

To test for reducing gases, such as sulfur dioxide, we can use an oxidizing agent oiO n 
that undergoes a color change, the most convenient one being the dichromate ^ \ 

ion. A filter paper soaked in acidified orange dichromate ion will turn green as 
a result of the formation of the chromium(III) ion: 

Cr 2 0 7 2 ~ (aq) + 14 H + {aq) + 6 e" -> 2 Cr 3+ (aq) + 7 H 2 0(Z) 

Since Earth first solidified, sulfur dioxide has been produced by volcanoes in 
large quantities. However, we are now adding additional, enormous quantities 
of this gas to the atmosphere. Combustion of coal is the worst offender, because 
most coals contain significant levels of sulfur compounds. In London, the yellow 
smog of the 1950s caused by home coal fires led to thousands of premature 
deaths. Currently, coal-fired electric power stations are the major sources of 
unnatural sulfur dioxide in the atmosphere. Oil, too, contributes to the atmo¬ 
spheric burden of sulfur dioxide, for the lowest-cost heating oil is sulfur-rich. 

Thus, many schools and hospitals, in their need to conserve finances, become 
the cause of poorer air quality when they choose the lowest-cost oil for their 
heating purposes. Finally, many metals are extracted from sulfide ores, and the 
traditional smelting process involves the oxidation of sulfide to sulfur dioxide, 
thereby providing an additional source of the gas. Copper is one such metal 
that is extracted from sulfide ores (see Chapter 20, Section 20.9). 

In the past, the easiest solution to industrial air pollution problems was to 
provide ever taller smokestacks so that the sulfur dioxide would travel appre¬ 
ciable distances from the source. But during its time in the upper atmosphere, 
the sulfur dioxide is oxidized by the hydroxyl radical and hydrated to give 
droplets of sulfuric acid, a much stronger acid than sulfurous acid: 

S0 2 (g) + OH(g) —» H0S0 2 (g) 

H0S0 2 (g) + 0 2 (g) —> H0 2 (g) + S0 3 (g) 

S0 3 (g) + H 2 0(g)->H 2 S0 4 H) 
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FIGURE 16.15 A possible 
representation of the bonding in 
sulfur dioxide. 


This product precipitates as acid rain, many hundreds or thousands of 
kilometers away, making the problem “someone else’s.” Currently, researchers 
are studying methods to minimize sulfur dioxide emissions. One of these involves 
the conversion of sulfur dioxide to solid calcium sulfate. In a modern coal¬ 
burning power plant, powdered limestone (calcium carbonate) is mixed with 
the powdered coal. The coal burns, producing a flame at about 1000°C, a tem¬ 
perature high enough to decompose the calcium carbonate: 

CaC0 3 (s) —CaO(s) + C0 2 (g) 

Then the calcium oxide reacts with sulfur dioxide and oxygen gas to give 
calcium sulfate: 

2 CaO(s) + 2 S0 2 (g) + 0 2 (g) 2 CaS0 4 (.s) 

Because the second step is about as exothermic as the first step is endothermic, 
no heat is lost in the overall process. The fine dust of calcium sulfate is captured 
by electrostatic precipitators. 

The solid calcium sulfate can be used for fireproof insulation and roadbed 
cement. However, as this process becomes more and more widely used, the supply 
of calcium sulfate will outstrip demand and using it for landfill will become more 
and more common. Thus, we have replaced a gaseous waste by a less harmful 
solid waste, but we have not eliminated the waste problem completely. 

Sulfur dioxide does have some positive uses. It is used as a bleach and as a 
preservative, particularly for fruits. In this latter role, it is very effective at killing 
molds and other fruit-destroying organisms. Unfortunately, some people are 
sensitive to traces of the substance. 

The sulfur dioxide molecule is V shaped, with a S—O bond length of 143 pm 
and an O—S—O bond angle of 119°. The bond length is much shorter than that 
of a sulfur-oxygen single bond (163 pm) and very close to that of a typical sulfur- 
oxygen double bond (140 pm). The bonding and shape are shown in Figure 
16.15. The similarity of the sulfur dioxide bond angle to the trigonal angle of 
120° (sp 2 hybridization) can be explained in terms of a a bond between each 
sulfur-oxygen pair and a lone pair of electrons on the sulfur atom. We might 
expect the tt bond system to resemble that of the nitrite ion, but in addition, we 
could invoke some contribution to multiple bonding by interaction between 
the empty 3d orbitals of sulfur and full p orbitals of the oxygen atoms. 
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FIGURE 16.16 A possible 
representation of the bonding in 
sulfur trioxide. 


Sulfur Trioxide 

Most people have heard of sulfur dioxide, but few have heard of the other 
important oxide, sulfur trioxide, a colorless liquid at room temperature. The 
liquid and gas phases contain a mixture of sulfur trioxide, S0 3 , and trisulfur 
nonaoxide, S 3 0 9 (Figure 16.16). The liquid freezes at 16°C to give crystals of 
the trimer trisulfur nonaoxide. The trimer is isoelectronic and isostructural 
with the polyphosphate ion, (P 3 0 9 ) 3- , and the polysilicate ion, (Si 3 0 9 ) 6- . 

In the presence of moisture, long-chain solid polymers are formed and 
have the structure H0(S0 3 )„0H, where n is about 10 5 . Sulfur trioxide is a very 
acidic, deliquescent oxide, reacting with water to form sulfuric acid: 
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so 3 <» + h 2 o(/) -» h 2 so 4 (/) 

This oxide is so little known because oxidation of sulfur almost always gives 
sulfur dioxide, not sulfur trioxide. Even though the formation of sulfur trioxide is 
even more thermodynamically favored than that of sulfur dioxide (—370 kJ-mol 1 
for sulfur trioxide, —300 kFmoL 1 for sulfur dioxide), the oxidation has a high acti¬ 
vation energy Thus, the pathway from sulfur dioxide to sulfur trioxide is kinetically 
controlled: 

2S0 2 (g) + 0 2 (s)-^>2S0 3 (g) 

When liquid sulfur trioxide boils, the gaseous molecules formed are planar 
S0 3 . Like sulfur dioxide, all the sulfur-oxygen bond lengths are equally short 
(142 pm) and very close to the typical double bond value. 


16.16 Sulfites 


Although sulfurous acid is mostly an aqueous solution of sulfur dioxide, the 
sulfite and hydrogen sulfite ions are real entities. In fact, sodium sulfite is a 
major industrial chemical with annual production of about 10 6 tonnes. It is 
most commonly prepared by bubbling sulfur dioxide into sodium hydroxide 
solution: 

2 NaOH(ag) + S0 2 (g) -► Na 2 S0 3 (a<?) + H 2 0(/) 

In the laboratory and in industry, sodium sulfite is used as a reducing agent, 
itself being oxidized to sodium sulfate: 

SO 3 2 ~(aq) + H 2 O(0 -> SO 4 2 ~(aq) + 2 H + (aq) + 2 e" 

The main use of sodium sulfite is as a bleach in the Kraft process for the 
production of paper. In this process, the sulfite ion attacks the polymeric mate¬ 
rial (lignin) that binds the cellulose fibers together (the loose cellulose fibers 
make up the paper structure). A secondary use, as we will see shortly, is in the 
manufacture of sodium thiosulfate. Like sulfur dioxide, sodium sulfite can be 
added to fruit as a preservative. 

The sulfur-oxygen bond lengths in the sulfite ion are 151 pm, slightly longer 
than the 140 pm S=0 bond. Although it is possible to draw electron-dot struc¬ 
tures with all single bonds, we can use formal charge representations to see 
why multiple bonds are preferred (Figure 16.17). 

In Figure 16.17a, the single bond representation has formal charges on 
each atom, which makes this bonding arrangement unlikely. Figure 16.17c 
shows two double bonds and negative charges on neighboring atoms, again an 
unlikely scenario. It is the structure in Figure 16.11b, with one double bond, 
that has the minimum formal charge arrangement. However, it should be kept 
in mind that formal charge is a very simplistic method of approaching bond¬ 
ing and that a molecular orbital study provides a much more valid picture. If 
we take Figure 16.11b to represent one of three possible resonance structures, 
then each sulfur-oxygen bond can be assigned an average bond order of l\. 
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FIGURE 16.17 Three formal 
charge representations for the 
sulfite ion. 
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16.17 Sulfuric Acid 
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FIGURE 16.18 A possible 
representation of the bonding in 
sulfuric acid. 


Hydrogen sulfate is an oily, dense liquid that freezes at 10°C. Concentrated 
sulfuric acid is a water mixture with an acid concentration of 18 moFL -1 . 
Hydrogen sulfate mixes with water very exothermically. For this reason, it 
should be slowly added to water, not the reverse process, and the mixture 
should be stirred continuously. The molecule contains a tetrahedral arrange¬ 
ment of oxygen atoms around the central sulfur atom (Figure 16.18). The short 
bond lengths and the high bond energies suggest that there must be double 
bond character in the sulfur bonds to each terminal oxygen atom. 

Reactions of Sulfuric Acid 



We usually think of sulfuric acid as just an acid, but in fact it can react in five 
different ways: 

1. Dilute sulfuric acid is used most often as an acid. It is a strong, diprotic 
acid, forming two ions, the hydrogen sulfate ion and the sulfate ion: 

H 2 S0 4 (ag) + H 2 0(/) H 3 0 + (ag) + HS0 4 _ (ag) 

HS0 4 “(a<7) + H 2 0(/) ^ H 3 0 + (a<7) + SO A 2 ~{aq) 

The first equilibrium lies far to the right, but the second one, less so. Thus, the 
predominant species in a solution of sulfuric acid are the hydronium ion and 
the hydrogen sulfate ion. 

2. Sulfuric acid can also act as a dehydrating agent. The concentrated acid will 
remove the elements of water from a number of compounds. For example, sugar 
is converted to carbon and water. This exothermic reaction is spectacular: 

Ci 2 H 22 0 n (s) + H 2 S0 4 (/) 12 C(s) + 11 H 2 0(g) + U 2 S0 4 (aq) 

The acid serves this function in a number of important organic reactions. For 
example, addition of concentrated sulfuric acid to ethanol produces ethene, 
C 2 H 4 , or ethoxyethane, (C 2 H 5 ) 2 0, depending on the reaction conditions: 

C 2 H 5 OH(/) + H 2 SO 4 (0 C 2 H 5 0S0 3 H(^) + H 2 O(0 

C 2 H 5 0S0 3 H(ag) —» C 2 H 4 (g) + YL 2 S0 4 (aq) [excess acid] 

C 2 H 5 0S0 3 H(^) + C 2 H 5 OH(0 -► 

(C 2 H 5 ) 2 0(/) + H 2 S0 4 (aq) [excess ethanol] 

3. Although sulfuric acid is not as strongly oxidizing as nitric acid, if it is hot 
and concentrated, it will function as an oxidizing agent. For example, hot con¬ 
centrated sulfuric acid reacts with copper metal to give the copper(II) ion, and 
the sulfuric acid itself is reduced to sulfur dioxide and water: 

Cxx(s) —> Cu 2+ (aq) + 2 e - 

2 H 2 S0 4 (/) + 2 e~ S0 2 (g) + 2 H 2 0(Z) + SO 4 ~{aq) 

4 . Sulfuric acid can act as a sulfonating agent. The concentrated acid is used 
in organic chemistry to replace a hydrogen atom by the sulfonic acid group 
( S0 3 H): 

H 2 SO 4 (0 + CH 3 C 6 H 5 (/) -► CH 3 C 6 H 4 S0 3 H(s) + H 2 O(0 



16.17 Sulfuric Acid 


5. In special circumstances, sulfuric acid can behave as a base. A Brpnsted- 
Lowry acid can only act as a base if it is added to a stronger proton donor. 
Sulfuric acid is a very strong acid; hence, only extremely strong acids such as 
fluorosulfonic acid (see the feature “Superacids and Superbases” in Chapter 7) 
can cause it to behave as a base: 

H 2 SO 4 (0 + HSO 3 F(0 ^ H 3 S0 4 + (H 2 S0 4 ) + so 3 f ~(h 2 so 4 ) 


The Industrial Synthesis of Sulfuric Acid 

Sulfuric acid is synthesized in larger quantities than any other chemical. In 
the United States alone, production is about 165 kg per person per year! All 
synthetic routes use sulfur dioxide, and in some plants this reactant is obtained 
directly from the flue gases of smelting processes. However, in North America 
most of the sulfur dioxide is produced by burning molten sulfur in dry air: 

s(0 + o 2 (s) so 2 (g) 

It is more difficult to oxidize sulfur further. As we mentioned in Section 16.15, 
there is a kinetic barrier to the formation of sulfur trioxide. Thus, an effective 
catalyst must be used to obtain commercially useful rates of reaction. We also 
need to ensure that the position of equilibrium is to the right side of the equa¬ 
tion. To accomplish this, we invoke the Le Chatelier principle, which predicts 
that an increase in pressure will favor the side of the equation with the fewer 
moles of gas—in this case, the product side. This reaction is also exothermic; thus, 
the choice of temperature must be high enough to produce a reasonable rate of 
reaction, even though these conditions will result in a decreased yield. 

In the contact process ; pure, dry sulfur dioxide and dry air are passed 
through a catalyst of vanadium(V) oxide on an inert support. The gas mixture 
is heated to between 400° and 500°C, which is the optimum temperature for 
conversion to sulfur trioxide with a reasonable yield at an acceptable rate: 

2 S0 2 (g) + 0 2 (g) 2 S0 3 (g) 


Sulfur trioxide reacts violently with water. However, it does react more 
controllably with concentrated sulfuric acid itself to give pyrosulfuric acid, 
H 2 S 2 0 7 (Figure 16.19): 

so 3 (g) + h 2 so 4 (/) —» h 2 s 2 o 7 (/) 

The pyrosulfuric acid is then diluted with water to produce an additional mole 
of sulfuric acid: 

H 2 S 2 O 7 (0 + H 2 O(0 2 H 2 SO 4 (0 
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FIGURE 16.19 A possible 
representation of the bonding 
the pyrosulfuric acid molecule. 


All steps in the process are exothermic. In fact, the entire process of convert¬ 
ing elemental sulfur to sulfuric acid produces 535 kJ^mol -1 of heat. An essential 
feature of any sulfuric acid plant is effective utilization of this waste heat, 
either as direct heating for some other industrial process or in the production 
of electricity. 

This process is associated with two potential pollution problems. First, some 
of the sulfur dioxide escapes. Legislation in most pollution-conscious countries 
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limits emissions to less than 0.5 percent of the processed gas. Second, despite 
use of the pyrosulfate route, some of the sulfuric acid escapes as a fine mist. 
Newer plants have mist eliminators to reduce this problem. 

Use of the sulfuric acid varies from country to country. In the United States, 
the vast majority of acid is employed in the manufacture of fertilizers, such as 
the conversion of the insoluble calcium phosphate to the more soluble calcium 
dihydrogen phosphate: 

Ca 3 (P0 4 ) 2 (s) + 2 H 2 S0 4 (ag) —» Ca(H 2 P0 4 ) 2 (s) + 2 CaS0 4 (s) 

or the production of ammonium sulfate fertilizer: 

2 NH 3 (g) + H 2 SO 4 (aq) (NH 4 ) 2 S0 4 (^) 

In Europe, however, a higher proportion of the acid is used for manufacturing 
other products such as paints, pigments, and sulfonate detergents. 

There is an increasing interest in trying to reclaim waste sulfuric acid. At 
present, the cost of removing contaminants and concentrating the dilute acid is 
greater than the cost of preparing the acid from sulfur. However, recovery is now 
preferred over dumping. If the acid is pure but too dilute, then pyrosulfuric acid 
is added to increase the concentration of acid to usable levels. For contaminated 
acid, high-temperature decomposition produces gaseous sulfur dioxide, which 
can be removed and used to synthesize fresh acid: 

2 H 2 S0 4 («<7) 2 SO 2 (g) + 2 H 2 0<7) + 0 2 (g) 

16.18 Sulfates and Hydrogen Sulfates 

Sulfates 

Sulfates can be prepared by the reaction between a base, such as sodium 
hydroxide, and the stoichiometric quantity of dilute sulfuric acid: 

2 NaOH(ag) + H 2 S0 4 (aq) —> Na 2 S0 4 (ag) + 2 H 2 0(/) 

or by the reaction between an electropositive metal, such as zinc, and dilute 
sulfuric acid: 

Zn(s) + H 2 S0 4 (aq) —» ZnS0 4 (aq) + H 2 (g) 

or by the reaction between a metal carbonate, such as copper(II) carbonate, 
and dilute sulfuric acid: 

CuC0 3 (s) + H 2 S0 4 (aq) —> CuSO 4 (aq) + C0 2 (g) + H 2 0(/) 

The common test for the presence of sulfate ion is the addition of barium ion, 
which reacts with the anion to give a dense white precipitate, barium sulfate: 

Ba 2+ (aq) + S0 4 2 ~ (aq) —> BaS0 4 (s) 

Like the sulfite ion, the sulfate ion has a short sulfur-oxygen bond, a char¬ 
acteristic indicating considerable multiple bond character. In fact, at 149 pm, 
its length is about the same as that in the sulfite ion, within experimental 


error. 
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Sulfates and nitrates are the most commonly encountered metal salts. There 
are several reasons for the use of sulfates: 

1. Most sulfates are water-soluble, making them a useful source of the metal 
cation. Two important exceptions are lead(II) sulfate, which plays an important 
role in the lead-acid battery, and barium sulfate, used in X-rays of soft tissues 
such as the stomach. 

2. The sulfate ion is not oxidizing or reducing. Hence, the sulfate ion can 
form salts with metals in both their higher and their lower common oxidation 
states; for example, iron(II) sulfate and iron(III) sulfate. Furthermore, when 
dissolved in water, the sulfate ion will not initiate a redox reaction with any 
other ion present. 

3. The sulfate ion is the conjugate base of a moderately strong acid (the 
hydrogen sulfate ion), so the anion will not significantly alter the pH of a 
solution. 

4. The sulfates tend to be thermally stable, at least more stable than the 
equivalent nitrate salts. 

Hydrogen Sulfates 

Hydrogen sulfates can be prepared by mixing the stoichiometric quantities of 
sodium hydroxide and sulfuric acid and evaporating the solution: 

NaOH(ag) + H 2 S0 4 (ag) —»NaHS0 4 (ag) + H 2 0(/) 

Like the hydrogen carbonates, only the alkali and alkaline earth metals 
have charge densities low enough to stabilize these large, low-charge anions in 
the solid phase. The value of the second ionization of sulfuric acid is quite large, 
so the hydrogen sulfates give an acidic solution: 

HS0 4 "(a<7) + H 2 0(/) — U 3 0 + (aq) + SO A 2 ~{aq) 

It is the high acidity of the solid sodium hydrogen sulfate that makes it useful 
as a household cleaning agent, such as Sani-Flush. 



16.19 Other Oxy-Sulfur Anions 

In addition to sulfate and sulfite, there are several other oxy-sulfur anions. For 
example, heating solid sodium hydrogen sulfate results in the formation of sodium 
pyrosulfate: 

2 NaHS0 4 (s) Na 2 S 2 0 7 (s) + H 2 0(g) 

The pyrosulfate ion has the oxygen-bridged structure [0 3 S—O—S0 3 ] 2_ .This 
ion is not of great significance, but two others are, the thiosulfate ion, S 2 0 3 2- , 
and the peroxodisulfate ion, S 2 0 8 2- . 

Thiosulfates 

The thiosulfate ion resembles the sulfate ion, except that one oxygen atom has 
been replaced by a sulfur atom ( thio - is a prefix meaning “sulfur”). These two 




442 


CHAPTER 16 • The Group 16 Elements: The Chalcogens 


O 



FIGURE 16.20 A possible 
representation of the bonding in 
the thiosulfate ion. 
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FIGURE 16.21 A possible 
representation of the bonding in 
the tetrathionate ion. 


sulfur atoms are in completely different environments; the additional sulfur 
behaves more like a sulfide ion. In fact, a formal assignment of oxidation numbers 
gives the central sulfur a value of + 5 and the other one, a value of -1, as dis¬ 
cussed in Chapter 8, Section 8.3. The shape of the thiosulfate ion is shown in 
Figure 16.20. Although the ion is depicted as having two double bonds and two 
single bonds, the multiple bond character is actually spread more evenly over 
all the bonds. 

Sodium thiosulfate pentahydrate, commonly called “hypo,” can easily be 
prepared by boiling sulfur in a solution of sodium sulfite: 

SO 3 2 ~(aq) + S (s) -> S 2 0 3 2 ~(aq) 

Gentle warming causes the sodium thiosulfate pentahydrate to lose the water 
of crystallization in a reversible endothermic process: 

Na 2 S 2 O 3 -5H 2 O0) Na 2 S 2 0 3 («<-/) + H 2 0(/) A H° = + 55 kJ-mol -1 

The equilibrium has generated considerable interest as a heat storage system. 
In this process, heat from the Sun is absorbed by solar panels and transferred 
to an underground tank of the hydrated compound. This input of heat causes 
the hydrate to decompose and dissolve in the water produced. Then, in the cool 
of the night, heat released as the compound crystallizes can be used to heat the 
dwelling. 

Heating sodium thiosulfate strongly causes disproportionation into three 
different oxidation states of sulfur: sodium sulfate, sodium sulfide, and sulfur: 

4 Na 2 S 2 0 3 (s) 3 Na 2 S0 4 (.v) + Na 2 S(.v) + 4 S(s) 

When handling solutions of the thiosulfate ion, it is important to avoid the 
presence of acid. The hydrogen (hydronium) ion first reacts to form thiosulfuric 
acid, which decomposes rapidly to give a white suspension of sulfur and the 
characteristic odor-taste of sulfur dioxide. This particular disproportionation 
is further evidence that the two sulfur atoms are in different oxidation states. 
Presumably, it is the central sulfur that provides the higher-oxidation-state sulfur 
in sulfur dioxide: 

S 2 0 3 2 -(aq) + 2 H + (aq) —> H 2 S 2 0 3 (aq) 

H 2 S 2 0 3 (aq) -> H 2 0(/) + S (s) + S0 2 (g) 

Sodium thiosulfate is also used in redox titrations. For example, it is used to 
determine the concentration of iodine in aqueous solutions. During the assay, 
the iodine is reduced to iodide, and the thiosulfate ion of known concentration 
is oxidized to the tetrathionate ion, S 4 0 6 2- : 

2 S 2 0 3 ~{aq) —» S 4 0 6 2 ~ (aq) + 2 e - 

1 2 (aq) + 2 e - —» 2 I ~{aq) 

The tetrathionate ion contains bridging sulfur atoms (Figure 16.21). 

Mixing cold solutions of thiosulfate ion and iron(III) ion gives a character¬ 
istic deep purple complex ion: 

Fe 3+ (ag) + 2 S 2 0 3 2 ~(aq) -> [Fe(S 2 0 3 ) 2 ]“(fl^) 




16.20 Sulfur Halides 


443 


When warmed, this bis(thiosulfato)ferrate(III) ion, [Fe(S 2 0 3 ) 2 ] , undergoes a 
redox reaction to give the iron(II) ion and the tetrathionate ion: 

[Fe(S 2 0 3 ) 2 ] _ (ag) + Fe 3+ (aq) —> 2 Fe 2+ (aq) + S 4 O e 2 ~ (aq) 


Peroxodisulfates 


Although the sulfate ion contains sulfur in its highest possible oxidation state 
of +6, it can be oxidized electrolytically to the peroxodisulfate ion by using 
smooth platinum electrodes, acidic solution, and high current densities. These 
conditions favor oxidations that do not produce gases such as the competing 
oxidation of water to dioxygen: 

2 HS0 4 “(a<7) -h> S 2 0 %~{aq) + 2 U + (aq ) + 2 e“ 


This ion contains a dioxo bridge (Figure 16.22) with an analogous structure to 
that of the tetrathionate ion (see Figure 16.21). Hence, the two sulfur atoms still 
have formal oxidation states of +6, but the bridging oxygen atoms have been 
oxidized from -2 to — l.The terminal S—O bond lengths are all equivalent at 
150 pm; once again, there must be considerable multiple bonding. The parent 
acid, peroxodisulfuric acid, is a white solid, but it is the two salts, potassium 
peroxodisulfate and ammonium peroxodisulfate, that are important as powerful, 
stable oxidizing agents: 

S 2 0+ 2 e~ -> 2 SQ 4 2 ~ (aq) E° = +2.01 V 
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FIGURE 16.22 A possible 
representation of the bonding in 
the peroxodisulfate ion. 


16.20 Sulfur Halides 


The most important halide of sulfur is the unreactive sulfur hexafluoride, SF 6 . 
Sulfur tetrafluoride, SF 4 , by contrast, is chemically reactive. Surprisingly, the 
only stable chloride species are those in low oxidation states, sulfur dichloride, 
SC1 2 , and disulfur dichloride, S 2 C1 2 . 


Sulfur Hexafluoride 


The most important compound of sulfur and fluorine is sulfur hexafluoride, 
SF 6 . This compound is a colorless, odorless, unreactive gas. About 6500 tonnes 
are produced per year by simply burning molten sulfur in fluorine gas: 

S(/) + 3 F 2 (g) —» SF 6 (g) 

As would be expected from simple VSEPR theory, the molecule is octahedral 
(Figure 16.23). 

As a result of its stability, low toxicity, and inertness, sulfur hexafluoride 
is used as an insulating gas in high-voltage electrical systems. At a pressure 
of about 250 kPa, it will prevent a discharge across a 1 MV potential differ¬ 
ence that is separated by only 5 cm. Another major use is to blanket molten 
magnesium during the refining of the metal. There are many other uses, includ¬ 
ing filling noise-insulating double- and triple-glazed windows. 
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FIGURE 16.23 The sulfur 
hexafluoride molecule. 
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FIGURE 16.24 The sulfur 
tetrafluoride molecule. 




FIGURE 16.25 The disulfur 
dichloride molecule. 


The very high molar mass of this gas makes it useful for several scientific 
applications. For example, air pollution can be tracked for thousands of kilometers 
by releasing a small amount of sulfur hexafluoride at the pollution source. The 
extremely high molar mass is so unique that the contaminated air mass can be 
identified days later by its tiny concentration of sulfur hexafluoride molecules. 
Similarly, deep ocean currents are being identified by bubbling sulfur hexafluoride 
into deep-water layers and then tracking the movement of the gas. 

However, the very inertness of sulfur hexafluoride makes it a particular 
problem in the context of climatic impact. The gas absorbs radiation throughout 
much of the otherwise transparent part of the infrared region in the atmosphere. 
As a result, it is an extraordinarily effective greenhouse gas: 1 tonne of sulfur 
hexafluoride is equivalent to 23 900 tonnes of carbon dioxide in terms of infrared 
absorption. Further, there are no destruction pathways for sulfur hexafluoride, 
except above 60 km, where it is destroyed by the intense ultraviolet radiation. 
Thus, the atmospheric lifetime of the gas is estimated as at least 3000 years. Com¬ 
pared to total carbon dioxide emissions, sulfur hexafluoride represents less than 
1 percent of contributions to increased energy absorption. However, with the 
increasing use of this gas, it is imperative that we take all possible steps to ensure 
that as little sulfur hexafluoride as possible escapes into the atmosphere. 

Sulfur Tetrafluoride 

It is interesting that the other common sulfur-fluorine compound, sulfur tetra¬ 
fluoride, is extremely reactive. It decomposes in the presence of moisture to 
hydrogen fluoride and sulfur dioxide: 

SF 4 (g) + 2 H 2 0(/) S0 2 (g) + 4 HF(g) 

Its high reactivity might be due to the “exposed” lone pair site, where reac¬ 
tion can take place. The compound is a convenient reagent for the fluorination of 
organic compounds. For example, it converts ethanol to fluoroethane. As simple 
VSEPR theory predicts, it has a slightly distorted seesaw shape (Figure 16.24). 

Sulfur Chlorides 

Whereas sulfur forms high-oxidation-state compounds with fluorine, it forms 
stable low-oxidation-state compounds with chlorine. Bubbling chlorine through 
molten sulfur produces disulfur dichloride, S 2 C1 2 , a toxic, yellow liquid with a 
revolting odor: 

2 S(/) + Cl 2 (g) —» S 2 C1 2 (/) 

The compound is used in the vulcanization of rubber; that is, the formation of 
disulfur cross-links between the carbon chains that make the rubber stronger. 
The shape of the molecule resembles that of hydrogen peroxide (Figure 16.25). 

Surprisingly, no compound of sulfur and chlorine containing a higher sulfur 
oxidation state than +2 is stable at room temperature. If chlorine is bubbled 
through disulfur dichloride in the presence of catalytic diiodine, sulfur dichloride, 
SC1 2 , is formed: 


S 2 Cl 2 (/) + Cl 2 (g)-^2SCl 2 (/) 
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This foul-smelling red liquid is used in the manufacture of a number of sulfur- 
containing compounds, including the notorious mustard gas, S(CH 2 CH 2 C1) 2 . 
Mustard gas was used in World War I and, more recently, by the former Iraqi 
regime against some of its citizens. Liquid droplets containing this gas cause 
severe blistering of the skin, followed by death. As predicted by VSEPR theory, 
the sulfur dichloride molecule is V shaped (Figure 16.26). 


Cl 



FIGURE 16.26 The sulfur 
dichloride molecule. 


16.21 Sulfur-Nitrogen Compounds 


There are several sulfur-nitrogen compounds. Some of these are of interest 
because their shapes and bond lengths cannot be explained in terms of simple 
bonding theory. The classic example is tetrasulfur tetranitride, S 4 N 4 . Unlike the 
crown structure of octasulfur, tetrasulfur tetranitride has a closed, basket-like 
shape, with multiple bonding around the ring and weak bonds cross-linking the 
pairs of sulfur atoms (Figure 16.27). 

Of much more interest, however, is the polymer (SN)*, commonly called 
polythiazyl. This bronze-colored, metallic-looking compound was first synthe¬ 
sized in 1910, yet it was not until 50 years later that an investigation of its 
properties showed it to be an excellent electrical conductor. In fact, at very low 
temperatures (0.26 K), it becomes a superconductor.There is an intense interest 
in making related nonmetallic compounds that have metallic properties, both 
because of their potential for use in our everyday lives and because they may 
help us develop the theory of metals and superconductivity. 



FIGURE 16.27 The tetrasulfur 
tetranitride molecule. 


16.22 Selenium 


Until the 1960s, the only major use of selenium was as a glass additive. Addi¬ 
tion of cadmium selenide, CdSe, to a glass mixture results in a pure ruby red 
color that is much valued by glass artisans. Cadmium selenide is a semiconduc¬ 
tor compound used in photocells because its electrical conductivity varies as a 
function of the light intensity to which it is exposed. 

It was the invention of xerography (from the Greek xero, “dry,” graphy, 
“writing”) as a means for duplicating documents that turned an element of 
little interest into one that affects everyone’s life. Xerography is made fea¬ 
sible by the unique photoconducting properties of selenium. The heart of a 
photocopier (and a laser printer) is a drum coated with selenium. The sur¬ 
face is charged in an electric field of about 10 5 V‘cm -1 . The areas exposed 
to a high light intensity (the white areas of the image) lose their charge as 
a result of photoconductivity. Toner powder then adheres to the charged 
areas of the drum (corresponding to the black parts of the image). In the 
next step, the toner is transferred to the paper, where a heat source melts 
the particles, bonding them to the paper fibers and producing the photo¬ 
copy. Tellurium is used in color photocopiers to alter the color sensitivity 
of the drum. 
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Ethanethiol, CH 3 CH 2 SH, listed 
in the Guinness Book of World 
Records as the world's most 
evil-smelling substance, is added 
to odorless natural gas supplies 
so that we can detect leaks. 
Concentrations as low as 50 ppb 
are detectable by the human nose. 


CH 3 CH 2 

\ 

c=s=o 

/ 

H 

FIGURE 16.28 The molecule 
responsible for the eye irritation 
that accompanies the task of 
peeling onions. 


16.23 Biological Aspects 

Oxygen: The Most Essential Element 

We can live without food for days, without water for hours or days (depending 
on the temperature), but without dioxygen, life ceases in a very short time. 
We inhale about 10 000 L of air per day, from which we absorb about 500 L of 
oxygen gas. The dioxygen molecule bonds at the lung surface to a hemoglobin 
molecule; in fact, an oxygen molecule covalently bonds to each of the four iron 
atoms in a hemoglobin molecule. The process of uptake is amazing in that once 
the first dioxygen molecule is bonded to an iron atom, the ease of bonding of 
the second dioxygen is increased, as is that of the third and fourth in turn. This 
cooperative effect contrasts strikingly with the normal chemical equilibria, in 
which successive steps are usually less favored. 

The hemoglobin transports the dioxygen to the muscles and other energy¬ 
utilizing tissues, where it is transferred to myoglobin molecules. The myoglobin 
molecule (similar to one of the units in hemoglobin) contains one iron ion, and 
it bonds with the dioxygen molecule even more strongly than the hemoglobin 
molecule does. Once the first dioxygen molecule is removed from the hemoglobin, 
the cooperative effect operates again, this time making it easier and easier to 
remove the remaining dioxygen molecules. The myoglobin molecules store the 
dioxygen until it is needed in the energy-producing redox reaction with sugars 
that provides the energy our bodies require to survive and function. 

Sulfur: The Importance of Oxidation State 

Sulfur resembles nitrogen in that its biologically important oxidation state is the 
negative one. Just as amino acids incorporate —NH 2 (ox. no. N = -3), so they 
incorporate —SH (ox. no. S = -2), the thiol unit in the important amino acid cys¬ 
teine, HSCH 2 (NH 3 + )COCr.The presence of sulfur enables this specific amino 
acid in a protein chain to cross-link to another, as we mentioned earlier in this 
chapter in the feature “Disulfide Bonds and Hair.” Sulfur is also one of the 
most crucial coordination sites in proteins for metal ions. It bonds to the widest 
range of metal ions of any amino acid functional group. The metal ions might 
be expected to be those favoring a soft base, but in fact, the sulfur is a strong 
bonding site for some metals one might think prefer hard bases. The metal ions 
are zinc(II), copper(I), copper(II), iron(II), iron(III), molybdenum(IV)-(VI), 
and nickel(I)-(III). 

Other sulfur-containing biological molecules include vitamin Bx (thiamine) 
and the coenzyme biotin (which, in spite of its name, does not contain tin). 
Furthermore, many of our antibiotics, such as penicillin, cephalosporin, and 
sulfanilamide, are sulfur-containing substances. In the -2 oxidation state, the 
majority of the simple sulfur-containing compounds have obnoxious odors. 
For example, the odorous molecules from onion, garlic, and skunk all contain 
sulfur in this oxidation state. Many of the naturally occurring sulfur-containing 
molecules involve rather bizarre chemical structures. For example, the lach¬ 
rymatory (tear-inducing) factor in onions is the molecule depicted in Figure 
16.28, containing the unusual C—S—O group. 
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FIGURE 16.29 The Pourbaix 
diagram for sulfur. [From W. Kaim 
and B. Schwederski, Bioinorganic 
Chemistry: Inorganic Elements in the 
Chemistry of Life (Chichester, U.K.: 
John Wiley, 1994), p. 324.] 


Just as there are carbon, nitrogen, and phosphorus cycles, so there is a sulfur 
cycle. As indicated by the Pourbaix diagram (Figure 16.29), under the normal 
range of potential and pH, sulfate is the thermodynamically favored species. 

HS ~(aq) + 4 H 2 0(Q SO A 2 ~(aq) + 9 H + (aq) + 8 e" 

A G e = -21.4 kJ-mol 1 

If sulfur(VI) is thermodynamically preferred, an obvious question is how 
sulfur(-II) is such a common oxidation state. Organisms accomplish the re¬ 
duction by coupling it with a strongly thermodynamically favored oxidation to 
give a net negative free energy change. A typical example is the oxidation of a 
carbohydrate to carbon dioxide: 

C 6 YL 12 0 6 (aq) + 3 SO ^~{aq) + 3 H + (aq) —> 

6 CO 2 (g) + 3 HS ~(aq) + 6 H 2 0(7) A G e = -25.6 kJ-mol 1 


Selenium: A Little Does You Good 

Selenium is essential to health. It is utilized in enzymes and in amino acids such 
as selenomethionine. Among other roles, selenium compounds break down 
peroxides that would damage the cytoplasm in cells. Unfortunately, this ele¬ 
ment shows one of the narrowest ranges of tolerance. Clinical deficiency sets in 
below levels of about 0.05 ppm in food intake, but concentrations over 5 ppm 
cause chronic poisoning. (That is why selenium dietary supplements should be 
treated with extreme caution.) Sufferers from selenium poisoning produce the 
garlic-like odor of dimethylselenium, (CH 3 ) 2 Se. In parts of the western-central 
United States selenium levels in the soil are quite high, and animals that graze 
on selenium-accumulating wild plants can suffer from selenium poisoning, 
known as “blind staggers” and “alkali disease.” 
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The active ingredient in one 
type of antidandruff shampoo is 
selenium disulfide, SeS 2 . 


Selenium deficiency is much more prevalent than excess. In the United 
States, the Pacific Northwest, the Northeast, and Florida have soils that are very 
low in selenium. Animals whose diet is low in selenium suffer from muscular 
degeneration, known as “white muscle disease.” For humans, the continent¬ 
wide movement of foodstuffs normally provides an adequate level of selenium 
in a balanced diet. To ensure adequate selenium intake (about 100 mg per year), 
one should ensure having a diet containing selenium-rich foods such as mush¬ 
rooms, garlic, asparagus, fish, and animal liver or kidney. A correlation has been 
shown between higher levels of selenium in water supplies and decreased inci¬ 
dence of breast and colon cancer. 

In parts of China, the soils are almost totally selenium-deficient and major 
human health problems exist. In addition to health problems directly attribu¬ 
table to selenium deficiency, the deficiency results in a lowered resistance to 
viral infection. Kashan disease, fatal and endemic across a broad band of rural 
China, results from inflammation of heart muscles by the family of Coxsackie 
viruses. These viruses are normally harmless but mutate into a virulent form 
in the weakened immune system of a selenium-deficient host. It has been sug¬ 
gested that the Asian origin of most new influenza viruses might have the same 
cause: that they similarly mutate in the selenium-deficient population of the 
region. Perhaps a massive international effort to eradicate selenium deficiency 
in China might have the side benefit to all humanity of reducing the incidence 
of new flu strains. 

Although we talk about a deficiency in selenium, it is important to re¬ 
alize that, in reality, we are referring to compounds of selenium. In the 
typical biological range of E and pH, the most common species are those 
of selenium(IV), specifically the selenate ion, Se0 3 2- , and the hydrogen 
selenate ion, HSe0 3 _ . 


16.24 Element Reaction Flowcharts 


Flowcharts are shown for both oxygen and sulfur, the two key elements in 
Group 16. 


h 2 o 



PbS 

Pb 2+ 


SF 6 H 2 S0 3 HS0 3 " «=* S0 3 2 ~ S 2 0 3 2 “ —^ 


OH 


h 7 o 


h 2 s 


►SO' 


H+ 


a 


►so 3 

h 2 so^ 


’2 v 3 ' 


OH 


h 2 o h + h' 

—*—► H 2 S0 4 ^=vHS0 4 " 


OH 


x h 7 o 


Na 2 S S 2 C1 2 


H 2 s 2 o 7 


oh 


S ? O f 


2^8 


2 - 


Cl 7 


Na 2 S0 4 SC1 2 


*s 4 o 6 2 - 

so 4 2- 

Ba 2+ 

BaS0 4 































Exercises 


449 


KEY IDEAS 

• Oxygen has properties that are quite different from 
those of other members of the group. 

• Dioxygen has important electronically excited states. 

• Trioxygen, ozone, is a strongly oxidizing allotrope of 
oxygen. 

• Oxides range from strongly basic to strongly acidic. 


• Water is a crucial solvent for chemical reactions. 

• Sulfur exists in several allotropes. 

• Sulfides are very insoluble, and many minerals are metal 
sulfides. 

• Sulfuric acid serves many roles in chemistry. 

• Sulfate is a commonly used anion. 


EXERCISES 

16.1 Write balanced chemical equations for the following 
chemical reactions: 

(a) finely divided iron with dioxygen 

(b) solid barium sulfide with trioxygen 

(c) solid barium dioxide (2-) and water 

(d) potassium hydroxide solution with carbon 
dioxide 

(e) sodium sulfide solution with dilute sulfuric acid 

(f) sodium sulfite solution and sulfuric acid 

(g) sodium sulfite solution with cyc/o-octasulfur 

16.2 Write balanced chemical equations for the following 
chemical reactions: 

(a) heating potassium chlorate 

(b) solid iron(II) oxide with dilute hydrochloric 
acid 

(c) iron(II) chloride solution with sodium hydroxide 
solution 

(d) dihydrogen octasulfide with octasulfur dichloride 
in ethoxyethane 

(e) heating sodium sulfate with carbon 

(f) sulfur trioxide gas and liquid sulfuric acid 

(g) peroxodisulfate ion with sulfide ion 

16.3 Why is polonium the only element in this group to 
be classified as a metal? 

16.4 Discuss the essential differences between oxygen 
and the other members of Group 16. 

16.5 Define the following terms: (a) pyrophoric; (b) poly¬ 
morphs; (c) cooperative effect. 

16.6 Define the following terms: (a) mixed metal oxide; 
(b) vulcanization; (c) the Claus process. 

16.7 Why is Earth’s atmosphere so chemically different 
from that of Venus? 

16.8 River and lake waters are commonly used by elec¬ 
trical generating plants for cooling purposes. Why is this a 
potential problem for wildlife? 


16.9 Predict the bond order in the trioxygen cation, 0 3 + . Ex¬ 
plain your reasoning. Is the ion paramagnetic or diamagnetic? 

16.10 As we have seen, dioxygen forms two anions, 0 2 
and 0 2 2_ , with bond lengths of 133 and 149 pm, respec¬ 
tively; the length of the bond in the dioxygen molecule 
itself is 121 pm. In addition, dioxygen can form a cation, 
0 2 + .The bond length in this ion is 112 pm. Use a molecular 
orbital diagram to deduce the bond order and the number 
of unpaired electrons in the dioxygen cation. Is the bond 
order what you would expect for the bond length? 

16.11 Dibromine oxide decomposes above 240°C. Would 
you expect the Br—O—Br bond angle to be larger or 
smaller than the Cl—O—Cl bond angle in dichlorine 
oxide? Explain your reasoning. 

16.12 Osmium forms osmium(VIII) oxide, 0s0 4 , but the 
fluoride with the highest oxidation number of osmium is 
osmium(VII) fluoride, OsF 7 . Suggest an explanation. 

16.13 Suggest a structure for the 0 2 F 2 molecule, explaining 
your reasoning. Determine the oxidation number of oxygen 
in this compound and comment on it. 

16.14 The mineral thortveitite, Sc 2 Si 2 0 7 , contains the 
[0 3 Si—O—Si0 3 ] 6- ion. The Si—O—Si bond angle in this 
ion has the unusual value of 180°. Use hybridization concepts 
to account for this. 

16.15 The compound F 3 C—O—O—O—CF 3 is unusual 
for oxygen chemistry. Explain why. 

16.16 Barium forms a sulfide of formula BaS 2 . Use an 
oxidation number approach to account for the structure of 
this compound. Suggest why this compound exists, but not 
similar compounds with the other alkaline earth metals. 

16.17 Draw structures of the following molecules and ions: 
(a) sulfuric acid; (b) the SF 5 “ ion; (c) sulfur tetrafluoride; 
(d) the SOF 4 molecule. Hint: The oxygen is in the equatorial 
plane. 
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16.18 Draw structures of the following molecules and ions: 
(a) thiosulfate ion; (b) pyrosulfuric acid; (c) peroxodisulfuric 
acid; (d) the S0 2 C1 2 molecule. 

16.19 Suggest a structure for the S 4 (NH) 4 molecule. Explain 
your reasoning. 

16.20 Disulfur difluoride, S 2 F 2 , rapidly converts to thio- 
thionylfluoride, SSF 2 . Construct electron-dot diagrams for 
these two molecules. Use oxidation numbers to explain why 
this rearrangement would occur. 

16.21 The unstable molecule S0 4 contains a three-membered 
ring of the sulfur atom and two oxygen atoms. The other two 
oxygen atoms are doubly bonded to the sulfur atom. Draw 
an electron-dot formula for the compound. Then derive the 
oxidation states of each atom in this molecule and show that 
no abnormal oxidation states are involved. 

16.22 Describe the hazards of (a) trioxygen; (b) hydroxide 
ion; (c) hydrogen sulfide. 

16.23 Describe, using a chemical equation, why “whitewash” 
was such an effective and inexpensive painting material. 

16.24 Although sulfur catenates, it does not have the 
extensive chemistry that is found for carbon. Explain briefly. 

16.25 Describe the changes in cyc/o-octasulfur as it is 
heated. Explain the observations in terms of changes in 
molecular structure. 

16.26 Describe the essential features of the Frasch and the 
Claus processes. 

16.27 The bond angle in hydrogen telluride, H 2 Te, is 89|°; 
that in water is 104|°. Suggest an explanation. 

16.28 Explain why an aqueous solution of sodium sulfide 
has an odor of hydrogen sulfide. 

16.29 Describe the five ways in which sulfuric acid can 
behave in chemical reactions. 

16.30 Why must the formation of sulfur trioxide from sulfur 
dioxide be an exothermic reaction? 

16.31 Which will have the stronger average sulfur-oxygen 
bond energy, sulfur trioxide or the sulfite ion? Use formal 
charges to justify your answer. 


16.32 Suggest two alternative explanations why telluric 
acid has the formula H 6 Te0 6 rather than H 2 Te0 4 , analogous 
to sulfuric and selenic acids. 

16.33 Construct formal charge representations for (a) sulfate 
ion; (b) sulfurous acid. 

16.34 Why is the sulfate anion commonly used in chemistry? 

16.35 What are the chemical tests used to identify 

(a) hydrogen sulfide; (b) sulfate ion? 

16.36 What are the major uses for (a) sulfur hexafluoride; 

(b) sodium thiosulfate? 

16.37 Why is sulfur dioxide rather than sulfur trioxide 
the most common sulfur compound in the oxygen-rich 
atmosphere? 

16.38 What would happen on this planet if hydrogen bonding 
ceased to exist between water molecules? 

16.39 Whereas potassium ozonide, K0 3 , is unstable and 
explosive, tetramethylammonium ozonide, [(CH 3 )N]0 3 , is 
stable up to 75°C. Suggest an explanation. 

16.40 Suggest an explanation why sulfur hexafluoride 
sublimes at -64°C while sulfur tetrafluoride boils at -38°C. 

16.41 Draw the structure of the NS 2 + ion. What neutral 
molecule is isoelectronic and isostructural with it? 

16.42 Given that the S=S bond energy is 425 kJ-moE 1 , 
using data from Appendix 3, calculate the enthalpy of 
reaction for 

2 X(g) —»■ X 2 (g) 

8 X(g) —> X 8 (g) 

where X = oxygen and X = sulfur. Hence, show that the for¬ 
mation of the diatomic molecule is energetically preferable 
for oxygen, while it is the octamer that is favored for sulfur. 

16.43 “Selenium is beneficial and toxic to life.” Discuss 
this statement. 

16.44 Write balanced chemical equations corresponding 
to each transformation in the element reaction flowcharts 
for oxygen and sulfur (page 448). 


BEYOND THE BASICS 

16.45 Calculate the enthalpy of formation of (theoretical) 
gaseous sulfur hexachloride and compare it to the tabu¬ 
lated value for sulfur hexafluoride. Suggest why the values 
are so different. 


16.46 S 2 F 10 is an unusual fluoride of sulfur. It consists of 
two SF 5 units joined by a sulfur-sulfur bond. Calculate the 
oxidation number for the sulfur atoms. This molecule dis- 
proportionates. Suggest the products and write a balanced 



Beyond the Basics 


451 


equation. Use oxidation numbers to explain why the products 
would be those that you have selected. 

16.47 Ammonium thioglycollate is used for hair straightening 
or curling, while calcium thioglycollate is used for hair removal. 
The ammonium glycollate does not act so drastically on the 
hair because the solution is less basic than that of the calcium 
salt. Explain the reason for the difference in solution pH. 

16.48 Use an approximate molecular orbital diagram to 
determine the bond order in the hydroxyl radical. 

16.49 If the daytime hydroxyl radical concentration is 
5 X 10 5 molecules-cm -3 , what concentration does that rep¬ 
resent in ppm or ppb at SATP (25°C and 100 kPa)? The gas 
constant, R, is 8.31 kPa-L-moU^K -1 . 

16.50 (a) Sulfur tetrafluoride reacts with cesium fluoride to 
give an electrically conducting solution of a monatomic 
cation and a polyatomic anion containing the sulfur 
atom. Write a chemical equation for the reaction. 

(b) Sulfur tetrafluoride reacts with boron trifluo¬ 
ride to give an electrically conducting solution in 
which the polyatomic cation contains the sulfur. 
Write a chemical equation for the reaction. 

(c) Suggest an explanation why sulfur tetrafluoride 
behaved differently in the two reactions. 

16.51 Calculate the length of side of the unit cell of the 
perovskite calcium titanate, assuming 

(a) the titanium and oxide ions are in contact or 

(b) the calcium and oxide ions are in contact. 

The radius of the Ti 4+ ion is 74 pm. 

16.52 The crucial reaction in polluted tropospheric air is 
N0 2 (g) ^4 NOG?) + 0(g) 

It is this energy input and the formation of reactive oxygen 
atoms that initiate most of the pollution chemistry cycles. 
Calculate the minimum energy needed for this process and 
hence the longest wavelength of light that could initiate this 
process. Also, show that the parallel reaction 

co 2 (g) -^4 co(g) + o(g) 

is not feasible in terms of the wavelength of light required. 

16.53 Construct two possible electron-dot diagrams for the 
SOCl 2 molecule. Use formal charge principles to deduce 
which is the more likely. Then draw the structural formula 
and mark the approximate bond angles. 

16.54 The bacteria in hydrothermal vents derive their met¬ 
abolic energy from the oxidation of the hydrogen sulfide ion 
to the sulfate ion. Calculate the free energy change for this 
process at 298 K from standard reduction potentials from 
online Appendix 9. 


16.55 Sulfur dioxide is the most important contributor 
to acid rain. It can be removed from coal-burning power 
plants using calcium carbonate. Write a balanced equation 
for the reaction. If a coal contained 3.0 percent sulfur, what 
mass of calcium carbonate would be needed to react with 
the sulfur dioxide produced from 1000 tonnes of coal? 

16.56 When hydrogen peroxide is added to a basic solution 
of potassium chromate, a compound of formula K 3 CrO s is 
formed. Deduce the oxidation state of chromium in this 
compound, explaining your reasoning. 

16.57 Another oxyacid of sulfur is H 2 S0 5 . Calculate the 
apparent oxidation number of sulfur in this compound. Is 
this oxidation number feasible? Suggest a structure of the 
compound that would give a common oxidation number 
for the sulfur atom. Hint : This acid reacts with water to 
form sulfuric acid and another product. 

16.58 Which, dinitrogen trioxide or dinitrogen pentoxide, 
is likely to be the more acidic oxide? Give your reasoning. 

16.59 Write a balanced equation for the reaction of aque¬ 
ous sulfite ion with aqueous peroxodisulfate ion. 

16.60 The half-reaction for the reduction of dioxygen to 
water is 

0 2 (g) + 4 H + (aq) + 4 e" -4 2 H 2 0(/) 

The standard potential provided in online Appendix 9 is 
not relevant to normal atmospheric conditions of p0 2 of 
20 kPa and a pH of about 7.00. Calculate the reduction 
potential under these more realistic conditions. 

16.61 The standard electrode potential for the reduction 
of sulfate under acid conditions is given by 

S0 4 2 “(a<7) + 4H + {aq) + 2e“ 

-> SO 2 (aq) + 2 H 2 0(Z) E e = +0.17 V 

Calculate the potential under basic conditions. 

16.62 Identify each of the following reactants, writing bal¬ 
anced chemical equations for each reaction. 

(a) A metal (A) reacts with water to give a color¬ 
less solution of compound (B) and a colorless gas (C). 
Common dilute diprotic acid (D) is added to (B), 
forming a dense white precipitate (E). 

(b) A solution of (F) slowly decomposes to give a 
liquid (G) and a colorless gas (H). Gas (H) reacts 
with colorless gas (C) to give liquid (G). 

(c) Under certain conditions, colorless acidic gas 
(I) will react with gas (H) to give a white solid (J). 
Addition of (G) to (J) gives a solution of acid (D). 

(d) (A) burns in excess gas (H) to give compound 
(K). Compound (K) dissolves in water to produce a 
solution of (B) and (F). 
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16.63 A gas (A) was bubbled into a solution of a common 
monopositive hydroxide (B) to give a solution of the salt 
(C). The cation of (B) gives a precipitate with the tetra- 
phenylborate ion. Heating yellow solid (D) with a solution 
of (C) and evaporating the water gives crystals containing 
anion (E). Addition of iodine to a solution of anion (E) 
gives iodide ion and a solution of anion (F). Addition of 
hydrogen ion to a solution of anion (E) initially produces 
acid (G), which decomposes to form solid (D) and gas (A). 
Identify (A) through (G), writing balanced equations for 
each step. 

16.64 Write a balanced equation for the reaction of pure 
liquid sulfuric acid with pure liquid perchloric acid (a stron¬ 
ger acid). 

16.65 Construct an electron-dot structure for the NSF 3 
molecule in which the nitrogen-sulfur bond is: (a) double; 
(b) triple. Decide which structure is most likely the major 
contributor to the bonding on the basis of formal charge. 

16.66 S 4 N 4 can be fluorinated to give S 4 N 4 F 4 . Are the fluorine 
atoms bonded to the sulfur or nitrogen atoms of the ring? 
Suggest an answer and explain your reasoning. 

16.67 If you have a solution of sodium hydrogen sulfite 
and allow it to crystallize, you do not obtain that compound 
but sodium metabisulfite instead: 


2 Na + 0<?) + HSO 3 -O 4 ) Na 2 S 2 O 5 0) + H 2 0(/) 

Suggest why this reaction occurs and suggest a cation 
that would probably enable a solid hydrogen sulfite to 
be crystallized. 

16.68 Sulfur forms two unusual compounds with fluorine 
that have identical empirical formulas (structural isomers), 
FSSF and SSF 2 . Draw electron-dot structures for these 
molecules and deduce the oxidation state of sulfur in each 
compound. 

16.69 Sulfur forms two other unusual compounds with 
fluorine that have identical empirical formulas (structural 
isomers), SF 2 and F 3 SSF. Draw electron-dot structures for 
these molecules and deduce the oxidation state of sulfur in 
each compound. 

16.70 It has been proposed that a third allotrope of 
oxygen, 0 4 , could be synthesized. If it has a ring structure, is 
it possible it could be formed by collision of two dioxygen 
molecules? Explain your reasoning using thermodynamic 
principles (including bond energies). 

16.71 There is an alternative structure for the hypothetical 
0 4 molecule. Suggest how this might be formed from ozone. 
Identify two species that would be isostructural with this 
form of 0 4 . 


ADDITIONAL RESOURCES 

For answers to odd-numbered questions: www.whfreeman.com/descriptive5e 
For accompanying video clips: www.whfreeman.com/descriptive5e 



CHAPTER 17 


The Group 17 Elements: 
The Halogens 



We started with the group containing the most reactive metals, and now we 
have reached the group containing the most reactive nonmetals. Whereas 
the reactivity of the alkali metals increases down the group, the most reactive 
halogen is at the top of the group. 


E ach discovery of a new halogen provided a major advance in 
our knowledge of chemistry. For example, in the late 1700s, 
chemists believed that all acids contained oxygen. By this reason¬ 
ing, hydrochloric acid (then known as muriatic acid) had to contain 
oxygen. When Carl Wilhelm Scheele, in 1774, prepared a new green 
gas—dephlogisticated muriatic acid—from hydrochloric acid, it was 
argued by Lavoisier and most chemists that the substance (chlorine 
gas) was simply a new compound, containing more oxygen than the 
muriatic acid itself. This misconception lasted until 1810, when Davy 
showed that the gas was indeed a new element, chlorine, and in the 
process overthrew the definition of an acid. 

The discovery of iodine involved the field of natural products 
chemistry, a most important research area today. It had been known 
for possibly thousands of years that ingestion of burnt sponge was an 
effective treatment for goiter. Physicians at the time wanted to know 
what it was in the sponge that actually provided the cure, particularly 
because ingestion of the entire sponge could also cause the side effect 
of severe stomach cramps. In 1819, the French chemist J. F. Coindet 
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showed that the beneficial ingredient was iodine and that potassium iodide 
would produce the same benefits without the side effects. Even today, we con¬ 
sume “iodized salt” as a goiter preventive. 

Bromine was the next halogen to be discovered, and the significance of this 
discovery lies in the fact that three elements—chlorine, bromine, and iodine— 
were thereby shown to have similar properties. It was one of the first indications 
that there were patterns in the properties of elements. The identification by the 
German chemist Johann Dobereiner between 1817 and 1829 of such groups of 
three elements, or “triads,” was one of the first steps toward the discovery of the 
periodicity of chemical elements. 

Fluorine proved to be the most elusive. Many, many attempts were made 
in the nineteenth century to obtain this reactive element from its compounds. 
Hydrogen fluoride, an incredibly poisonous substance, was often used as the 
starting material. At least two chemists died from inhaling the fumes, and many 
more suffered lifelong pain from damaged lungs. It was the French chemist 
Henri Moissan, together with the laboratory assistance of his spouse, Leonie 
Lugan, who devised an electrolytic apparatus for its synthesis in 1886. Moissan, 
who received the Nobel Prize for his discovery of fluorine, died prematurely, 
himself a victim of hydrogen fluoride poisoning. 

17.1 Group Trends 

The properties of the elements are summarized in Table 17.1. Bromine is the 
only nonmetallic element that is liquid at room temperature. The vapor pres¬ 
sures of bromine and iodine are quite high. Thus, toxic red-brown bromine vapor 
is apparent when a container of bromine is opened, and toxic violet vapors are 
produced when iodine crystals are gently heated. Although iodine looks metallic, 
it behaves like a typical nonmetal in most of its chemistry. 

As before, we will ignore the chemistry of the radioactive member of the 
group, in this case astatine. All of astatine’s isotopes have very short half- 
lives; hence, they emit high-intensity radiation. Nevertheless, the chemistry of 
this element has been shown to follow the trends seen in the other members 
of this group. Astatine is formed as a rare decay product from isotopes of 



Properties of the stable Group 17 elements 


Element 


Appearance at SATP 


Acid-base properties 
of oxides 


Fluorine 

Chlorine 

Bromine 

Iodine 


Pale yellow gas 
Pale green gas 
Oily red-brown liquid 
Lustrous violet-black solid 


Neutral 

Acidic 

Acidic 

Acidic 
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TABLE 17.2 

Melting and boiling points of the Group 17 elements 

Element 

Melting point (°C) 

Boiling point (°C) 

Number of electrons 

F 2 

-219 

-188 

18 

C1 2 

-101 

-34 

34 

Br 2 

-7 

+60 

70 

h 

+ 114 

+ 185 

106 


uranium. Astatine is probably the rarest element on Earth; the top 1 km of 
Earth’s entire crust is estimated to contain no more than 44 mg of astatine. 
Despite this incredibly low concentration, one of the long-overlooked pio¬ 
neers of radiochemistry, the Austrian scientist Berta Karlik, and her student 
Trudy Beinert actually managed to prove the existence of this element in 
nature. 

Table 17.2 shows the smooth increase in the melting and boiling points of 
these nonmetallic elements. Because the diatomic halogens possess only dis¬ 
persion forces between molecules, their melting and boiling points depend on 
the polarizability of the molecules, a property that, in turn, is dependent on the 
total number of electrons. 

All the halogens have odd atomic numbers; hence, as discussed in Chapter 2, 
Section 2.3, they are expected to have few naturally occurring isotopes. In fact, 
fluorine and iodine each have only one isotope, chlorine has two (76 percent 
chlorine-35, 24 percent chlorine-37), and bromine also has two (51 percent 
bromine-79,49 percent bromine-81). 

The formulas of the oxyacids in which the halogen atom is in its highest 
oxidation state parallel those of the Group 16 acids, with the Period 5 member 
(iodine) having a structure different from those of the lighter elements 
of the group. Thus, the structure of perchloric acid can be represented 
as (H0)C10 3 , and perbromic acid as (H0)Br0 3 . Periodic acid, however, has 
the structure of (HO) 5 IO (or H 5 I0 6 ), similar to that of isoelectronic telluric 
acid, H 6 Te0 6 . 


17.2 Contrasts in the Chemistry of Fluorine and Chlorine 


As previously noted for nitrogen and oxygen, the Period 2 members owe 
much of their distinctiveness to their bonding limitations. However, the con¬ 
trast of fluorine and chlorine chemistry is particularly striking, and much of 
the difference can be ascribed to the weakness of the fluorine-fluorine cova¬ 
lent bond. 

The bond energies of the halogens from chlorine to iodine show a systematic 
decrease, but the bond energy of fluorine does not fit the pattern (Table 17.3). To fit 
the trend, we would expect a fluorine-fluorine bond energy of about 300 kJ*mol _1 
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TABLE 17.3 

Bond energies of the Group 17 elements 

Element 

Bond energy (kJ-mol -1 ) 

F—F 

155 

Cl—Cl 

240 

Br—Br 

190 

I—I 

149 


rather than the actual value of 155 kJ*mol“ \ Although a number of reasons have 
been suggested, most chemists believe that the weak fluorine-fluorine bond is a 
result of repulsions between the nonbonded electrons of the two atoms of the 
molecule. It accounts in part for the high reactivity of fluorine gas. 

Ionic Bonding 

For the formation of ionic fluorides, there are two key factors in the Born-Haber 
cycle. The first crucial enthalpy factor is the weak fluorine-fluorine bond that 
is broken; thus, less energy input is required compared with chloride and the 
other halogens. More energy is released with fluorides than with the other 
halides since fluorides have a high lattice energy of formation due to the small, 
high-charge-density fluoride ion. The significant effect of the fluoride ion on 
lattice energies can be seen in a comparison of lattice energies for the sodium 
halides (Table 17.4), all of which adopt the NaCl structure. 


TABLE 17.4 

The lattice energies of sodium halides 

Halide 

Lattice energy (kJ*mol -1 ) 

NaF 

928 

NaCl 

788 

NaBr 

751 

Nal 

700 


Because the fluoride ion is much smaller than the chloride ion, the solu¬ 
bilities of metal fluorides differ from those of the corresponding chlorides. 
For example, silver fluoride is soluble, whereas silver chloride is not. Con¬ 
versely, calcium fluoride is insoluble, whereas calcium chloride is soluble. 
This pattern is a result of the differences in lattice energy between the metal 
fluorides and metal chlorides. Thus, the large silver ion has a relatively low 
lattice energy with the small fluoride ion. Conversely, the lattice energy is 
maximized when the small, high-charge-density calcium ion is matched with 
the small fluoride ion. 
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TABLE 17.5 


A comparison of formulas of the highest-oxidation-state fluorides 
and chlorides of the 3 d transition metal series 


Fluoride 

TiF 4 

vf 5 

CrF 6 

MnF 4 

FeF 3 

CoF 4 

NiF 2 

CuF 2 

Chloride 

TiCl 4 

VC1 4 

CrCl 4 

MnCl 2 

FeCl 3 

CoC1 2 

NiCl 2 

CuC1 2 


Fluorine, being a very strong oxidizing agent, often “brings out” a higher 
oxidation state in a metal than chlorine. Table 17.5 shows a comparison of for¬ 
mulas of the highest-oxidation-state fluorides and chlorides for the 3d transition 
metal series. For four of the eight 3d metals, there is a fluoride in a higher oxida¬ 
tion state than the highest-oxidation-state chloride. As we show in Chapter 21, 
Section 21.1, oxidation states in general are higher for the 4 d and 5 d transition 
metal series than the 3d metals. In addition, there is still the trend that fluorides 
are found in higher oxidation states than chlorides. Table 17.6 shows the pattern 
for the 5 d transition metals (that for the 4 d transition metals is very similar). For 
five of the eight 5 d metals, there is a fluoride in a higher oxidation state than the 
highest-oxidation-state stable chloride. 


TABLE T7.6 


A comparison of formulas of the highest-oxidation-state fluorides 
and chlorides of the 5d transition metal series 


Fluoride 

HfF 4 

TaF 5 

wf 6 

ReF 7 

OsF 7 

IrF 6 

PtF 6 

AuF 5 

Chloride 

HfCl 4 

TaCIs 

WC1 6 

ReCl 6 

OsC1 5 

IrCl 3 

PtCl 4 

AuC1 3 


Covalent Bonding 

Just as fluorine compounds of metals are known with higher oxidation states 
than the corresponding chlorine compound, so a similar situation pertains to 
the compounds with nonmetals. For example, whereas sulfur readily forms sulfur 
hexafluoride, SF 6 , the highest chloride is the dichloride, SC1 2 . 

Fluorine compounds tend to be more thermodynamically stable and chem¬ 
ically unreactive than the parallel chlorine compound. Likewise, the fluorides 
tend to have much lower melting and boiling points than the corresponding 
chloride. For example, nitrogen trifluoride is a very unreactive gas, whereas 
nitrogen trichloride is a dense, volatile, highly explosive liquid. The negative 
enthalpy of formation of covalent fluorides is partially due to the weak fluorine- 
fluorine bond, which is readily broken, and partially to the extremely strong 
element-fluoride bond that is formed. To illustrate, in Table 17.7 the bond ener¬ 
gies of fluorine and chlorine are compared for bonds with themselves and with 
carbon and with hydrogen. 
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TABLE 17.7 1 

A comparison of approximate fluorine and chlorine bond energies 
with other elements 

Fluorine bonds 

Bond energy 
(kJ-moF 1 ) 

Chlorine bonds 

Bond energy 
(kJ-mol -1 ) 

F—F 

155 

Cl—Cl 

240 

C—F 

485 

C—Cl 

327 

H—F 

565 

H—Cl 

428 


17.3 Fluorine 


Difluorine is the most reactive element in the periodic table—in fact, it has 
been called the “Tyrannosaurus rex” of the elements. Fluorine gas is known to 
react with every other element in the periodic table except helium, neon, and 
argon. In the formation of fluorides, it is the enthalpy factor that is usually the 
predominant thermodynamic driving force. 

Fluorine oxidizes water to oxygen gas while simultaneously being reduced 
to fluoride ion: 

F 2 (g) + e“ ->2 F ~{aq) E e = +2.87 V 

2 H 2 0(/)-»4H + (a<7) + 0 2 (g) + 4 e“ E e = -1.23 V 

We can explain the reason for such a high fluorine reduction potential by com¬ 
paring the free energy cycles for the formation of the hydrated fluoride and 
chloride ions from their respective gaseous elements (Figure 17.1). The first 
step is (half of) the bond dissociation free energy, for which chlorine has the 
slightly higher value. In the next step, the energy required is the electron affinity, 
and the value for chlorine is again slightly higher, thus almost canceling out 
the fluorine advantage in the first step. It is the third step, the hydration of the 
respective ions, for which the free energy change of the fluoride ion is very much 
greater than that of the chloride ion. This large free energy change results from 
the strong interactions of the high-charge-density fluoride ion with surround¬ 
ing water molecules to give a network of F • • • H—O hydrogen bonds. Because 


FIGURE 17.1 The free energy 
terms in the reduction of 
difluorine and dichlorine to the 
aqueous fluoride and chloride 
ions, respectively. 
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The Fluoridation of Water 


* r, \ 


A dentist, Frederick McKay, noticed the remarkable 
lack of cavities in the population in the Colorado 
Springs, Colorado, area in 1902. He tracked down the 
apparent cause as the higher-than-average levels of 
fluoride ion in the drinking water. We now know that a 
concentration of about 1 ppm is required to convert the 
softer tooth material hydroxyapatite, Ca 5 (P0 4 ) 3 (0H), to 
the tougher fluoroapatite, Ca 5 (P0 4 ) 3 F. A higher concen¬ 
tration of 2 ppm results in a brown mottling of the teeth, 
and at 50 ppm, toxic health effects occur. As a means of 
minimizing dental decay, health authorities around the 
world, including the American Dental Association, have 
recommended that fluoride levels in drinking water sup¬ 
plies be optimized to a level of about 1 ppm. The first 
city in the world to add a controlled level of fluoride ion 
was Grand Rapids, Michigan, in 1945. Many parts of the 
world have natural fluoride levels in excess of the recom¬ 
mended value. For example, in parts of Texas, the natural 
levels are over 2 ppm, while water sources in parts of Africa 
and Asia have dangerous levels in excess of 20 ppm. 

The major concern of most health experts is not fluo¬ 
ridated water but fluoride toothpaste. The toothpaste 
contains high concentrations of fluoride ion designed 
to surface-coat the tooth with the fluoro compound. 
Unfortunately, young children have a predilection for 
swallowing toothpaste and thus massively exceeding the 
recommended fluoride intake. It is for this reason that 
toothpaste tubes carry such warnings as: “To prevent 


swallowing, children under six years of age should only 
use a pea-size amount and be supervised during brushing” 
and “Warning: Keep [tube] out of reach of children under 
six years of age.” It is commonly recommended that 
fluoride toothpaste not be used with children under two 
years of age since the lower the age, the higher the pro¬ 
portion of toothpaste swallowed. The overconsumption 
of fluoride toothpaste by children is generally believed 
to be responsible for a rise in dental fluorosis, a harmless 
but unsightly mottling of teeth. 

Although many countries supplement the fluoride 
levels in water as a means of reducing dental decay, some 
countries have added fluoride ion to table salt as a simpler 
means of increasing fluoride intake. However, this route 
means that everyone gets supplemental fluoride in addi¬ 
tion to whatever is the natural level in the water supply. 

The traditional compound used for fluoridation was 
sodium fluoride; however, this has largely been replaced 
by fluorosilicic acid, H 2 SiF 6 , or its sodium salt. Fluoro- 
silicic acid, a by-product of the phosphate mining indus¬ 
try, hydrolyzes in very dilute solution to give silicic acid, 
H 4 Si0 4 , hydronium ion, and fluoride ion. It is the level 
of fluoridation that is most questionable. A concentra¬ 
tion of 1 ppm was optimum if that was the only source of 
intake. Now, with other sources such as toothpaste and 
foodstuffs processed in fluoride-supplemented water, a 
lower concentration of about 0.7 ppm is generally con¬ 
sidered preferable. 


AG e = - nFE e , the large free energy of reduction directly translates to a very 
positive standard reduction potential, thus accounting for the great strength of 
difluorine as an oxidizing agent. 


The Industrial Extraction of Fluorine 


Difluorine is still produced by the Moissan electrochemical method, a process 
devised 100 years ago. The cells can be laboratory size, running at currents 
between 10 and 50 A, or industrial size, with currents up to 15 000 A. The cell 
contains a molten mixture of potassium fluoride and hydrogen fluoride in a 1:2 
ratio and operates at about 90°C. The jacket of the apparatus is used to heat 
up the cell initially and then to cool it as the exothermic electrolysis occurs. At 
the central carbon anode, fluoride ion is oxidized to fluorine, and at the steel 
cathode walls of the container, hydrogen gas is produced (Figure 17.2): 



2 F (aq) —» F 2 (g) + 2 e 
2 H + (ag) + 2 e“ —»H 2 (g) 
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FIGURE 17.2 The cell used in 
the production of difluorine. 



Hydrogen fluoride gas must be bubbled into the cell continuously to replace 
that used in the process. Annual production is at least 10 4 tonnes. 


The Industrial Synthesis of Uranium(VI) Fluoride 

A significant proportion of fluorine is used in the synthesis of sulfur hexafluo¬ 
ride (see Chapter 16, Section 16.20). The other major use is the preparation 
of uranium(VI) fluoride. This low-boiling-point uranium(VI) halide is used to 
separate the isotopes of uranium; uranium-235 is used in the manufacture of 
bombs and also in certain types of nuclear reactors. Uranium(VI) fluoride is 
prepared in two steps. Uranium(IV) oxide, U0 2 , reacts with hydrogen fluoride 
to give uranium(IV) fluoride, UF 4 : 

U0 2 (s) + 4 HF(g) ^ UF 4 (s) + 2 H 2 0(g) 

As expected, this lower-oxidation-state fluoride is an ionic compound and thus 
a solid. The uranium(IV) fluoride is then treated with difluorine gas to oxidize 
the uranium to the +6 oxidation state: 


UF 4 (s) + F 2 (g) —> UF 6 (g) 


In such a high oxidation state, even this fluorine compound exhibits covalent 
properties, such as a sublimation temperature of about 60°C. We discuss the 
extraction of uranium in greater detail in Chapter 24, Section 24.4. 
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FIGURE 17.3 Boiling points of 
hydrogen fluoride. 


17.4 Hydrogen Fluoride and Hydrofluoric Acid 


Hydrogen fluoride is a colorless, fuming liquid with a boiling point of 20°C. 
This is much higher than the boiling points of the other hydrogen halides, 
as can be seen from Figure 17.3. The high boiling point of hydrogen fluo¬ 
ride is a result of the very strong hydrogen bonding between neighboring 
hydrogen fluoride molecules. Fluorine has the highest electronegativity of 
all the elements, so the hydrogen bond formed with fluorine is the strongest 
of all. The hydrogen bonds are linear with respect to the hydrogen atoms 
but are oriented at 120° with respect to the fluorine atoms. Thus the molecules 
adopt a zigzag arrangement (Figure 17.4). 
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FIGURE 17.4 Hydrogen 
bonding in hydrogen fluoride. 


Hydrofluoric Acid 

Hydrogen fluoride dissolves in water, a small proportion reacting to form 
hydrofluoric acid: 

HF (aq) + H 2 0(/) ^ H 3 0 + (aq) + F ~{aq) 

It is a weak acid with a p K a of 3.2, unlike the other hydrohalic acids, which are 
very strong, all having negative p K a values. As discussed in Chapter 7, Section 7.2, 
the relative weakness of hydrofluoric acid can be ascribed to the fact that the 
hydrogen-fluorine bond is much stronger than the other hydrogen-halide bonds. 
Thus, the dissociation into ions is less energetically favorable. 

In more concentrated solutions, hydrofluoric acid ionizes to an even 
greater degree, the converse of the behavior of other acids. The cause of this 
behavior is well understood: a second equilibrium step that becomes more 
important at higher hydrogen fluoride concentrations and gives the linear 
hydrogen difluoride ion: 

F ~(aq) + HF(aq) HF 2 ~(aq) 

The hydrogen difluoride ion is so stable that alkali metal salts, such as potassium 
hydrogen difluoride, KHF 2 , can be crystallized from solution. 

This acid ion is unique, for it involves a bridging hydrogen atom. It used 
to be regarded as a hydrogen fluoride molecule with a fluoride ion hydrogen 
bonded to it. However, recent studies have shown that the hydrogen is centrally 
located between the two fluorine atoms. 

Hydrofluoric acid is very corrosive, even though it is a weak acid. It is one 
of the few substances to attack glass, and for this reason hydrofluoric acid is 
always stored in plastic bottles. The reaction with glass produces the hexafluo- 
rosilicate ion, SiF 6 2- : 

Si0 2 (.s) + 6 HF(a^) —>SiF 6 2_ (a<?) + 2H + (aq) + 2 H 2 0(/) 

This property is used in the etching of glass. An object to be etched is dipped 
in molten wax, and the wax is allowed to harden. The required pattern is then 
cut through the wax layer. Dipping the glass in hydrofluoric acid enables the 
hydrofluoric acid to react with only those parts of the glass surface that are 
exposed. After a suitable depth of glass has been dissolved, the object is removed 
from the acid bath, rinsed with water, and the wax melted off, leaving the glass 
with the desired etched pattern. 

Almost all of the hydrofluoric acid produced commercially is used as the 
starting material for the synthesis of other fluorine-containing chemicals. For 
example, sodium fluoride is produced by mixing hydrofluoric acid with sodium 
hydroxide solution: 

NaOH(^) + HF(aq) —»NaF(ag) + H 2 Q(/) 


462 


CHAPTER 17 • The Group 17 Elements: The Halogens 


Evaporation gives sodium fluoride crystals, a compound used for water fluo¬ 
ridation. The reaction between hydrofluoric acid and potassium hydroxide 
solution, in a 2:1 mole ratio, gives the acid salt potassium hydrogen fluoride, 
which is used in the manufacture of fluorine gas: 

KOH(^) + 2 HF(aq) —» KHF 2 (ag) + H 2 0(/) 

The Industrial Synthesis of Hydrofluoric Acid 

About 10 6 tonnes of hydrofluoric acid are produced each year worldwide. 
Hydrogen fluoride is obtained by heating calcium fluoride, the mineral fluorspar, 
with concentrated sulfuric acid: 

CaF 2 (s) + H 2 S0 4 (/) 2 HF(g) + CaS0 4 (s) 

The product is either liquefied by refrigeration or added to water to give hydro¬ 
fluoric acid. To lower the cost of this endothermic reaction, plants have been con¬ 
structed next to sulfuric acid production facilities. The heat from the exothermic 
reactions in the sulfuric acid plant is then used for the hydrogen fluoride process. 

Obviously, in the production of a substance as toxic as hydrofluoric acid, 
the flue gases have to be carefully “scrubbed” to prevent traces of hydrogen 
fluoride from escaping into the environment. The other product in the reaction 
is the ubiquitous calcium sulfate. A simple stoichiometric calculation shows 
that, for every tonne of hydrogen fluoride, nearly 4 tonnes of calcium sulfate 
are produced. As with the other industrial processes that produce this by-product, 
some is utilized, but much of it is used as landfill. 

17.5 Overview of Chlorine Chemistry 

As the oxidation-state diagram in Figure 17.5 shows, the higher the oxidation 
state, the stronger the oxidizing ability. Whatever its positive oxidation state, a 
halogen atom is more oxidizing in an acidic solution than in a basic solution. 


FIGURE 17.5 Frost diagram 
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The chloride ion is the most stable chlorine species, because the dichlorine 
molecule can be reduced to the chloride ion in both acidic and basic solu¬ 
tions. In basic solution, the convex point on which the dichlorine molecule is 
located indicates that it will undergo disproportionation to the chloride and 
hypochlorite ions. 

The highly oxidizing nature of the perchlorate ion makes it very different 
from its isoelectronic neighboring ions phosphate and sulfate. But the oxidiz¬ 
ing ability of the perchlorate ion is similar to that of the permanganate ion, 
providing more evidence for the Group (, n ) and Group (n + 10) similarities 
(see Chapter 9, Section 9.5). 


17.6 Chlorine 


Chlorine gas is very poisonous; a concentration of over 30 ppm is lethal after a 
30-minute exposure. It is the dense, toxic nature of dichlorine that led it to be 
used as the first wartime poison gas. In 1915, as a result of a German chlorine 
gas attack, 20 000 Allied soldiers were incapacitated and 5000 of them died. 

By contrast, the toxicity of low concentrations of chlorine toward microor¬ 
ganisms has saved millions of human lives. It is through chlorination that water¬ 
borne disease-causing organisms have been virtually eradicated from domestic 
water supplies in Western countries. Curiously, there used to be a great enthu¬ 
siasm for the benefits of chlorine gas. President Calvin Coolidge, among others, 
used sojourns in a “chlorine chamber” as a means of alleviating his colds. It is 
probable that many who tried this “cure” finished up with long-term lung damage 
instead. 

Preparation of Chlorine 

Chlorine gas is most easily prepared in the laboratory by adding concentrated 
hydrochloric acid to solid potassium permanganate. The chloride ion is oxidized 
to dichlorine and the permanganate ion is reduced to the manganese(II) ion: 

2 ¥LCl(aq) -^2H + (aq) + Cl 2 (g) + 2e“ 

MnO 4 ~{aq) + 8 ¥L + (aq) + 5 e~ ^Mn 1+ (aq) + 4 H 2 0(Z) 

The industrial preparation of chlorine is accomplished by electrolysis 
of aqueous sodium chloride solution (brine); the other product is sodium 
hydroxide. (This process was discussed in Chapter 11, Section 11.8.) Chlorine is 
produced on a vast scale, about 10 8 tonnes annually worldwide. Most of the 
product is used for the synthesis of organochlorine compounds. Appreciable 
quantities are used in the pulp and paper industry to bleach paper, in water 
treatment, and in the production of titanium(IV) chloride, TiCl 4 , an intermediate 
step in the extraction of titanium from its ores. 

Reactions of Chlorine 

Although not as reactive as fluorine, chlorine reacts with many elements, usu¬ 
ally to give the higher common oxidation state of the element. For example, 
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iron burns to give iron(III) chloride, not iron(II) chloride; phosphorus burns in 
excess chlorine to give phosphorus pentachloride: 

2 Fe(s) + 3 Cl 2 (g) 2 FeCl 3 (s) 

2P(s) + 5Cl 2 (g)^2PCl 5 (s) 

However, as discussed in Section 17.2, the highest oxidation state of an element 
with chlorine is usually much lower than its oxidation state in the equivalent 
fluoride. 

Dichlorine can act as an organic chlorinating agent. For example, mixing ethene, 
C 2 H 4 , with dichlorine gives 1,2-dichloroethane, C 2 H 4 C1 2 : 

CH 2 =CH 2 (g) + Cl 2 (g) —» CH 2 C1 CH 2 Cl(g) 

Dichlorine is also a strong oxidizing agent, having a very positive standard 
reduction potential (although much less than that of difluorine): 

Cl 2 (aq) + 2e~ -+2CT{aq) E e = +1.36 V 

Dichlorine reacts with water to give a mixture of hydrochloric and hypochlo- 
rous acids: 

Cl 2 (aq) + H 2 0(/) ^ ¥L + (aq) + Cl~(aq) + HCIO(^) 

At room temperature, a saturated solution of chlorine in water contains about 
two-thirds hydrated dichlorine molecules and one-third of the acid mixture. It 
is the hypochlorite ion in equilibrium with the hypochlorous acid, rather than 
chlorine itself, that is used as an active oxidizing (bleaching) agent: 

HCIO(^) + H 2 0(/) H 3 0 + {aq) + CIO ~ (aq) 

Before the discovery of the bleaching effect of aqueous chlorine, the only 
way to produce white linen was to leave it in the sun for weeks at a time. The 
cloth was placed over wooden frames in vast arrays, which were known as the 
bleach fields or bleachers—the origin of the name for the bench seats at ball 
games. 


17.7 Hydrochloric Acid 


Hydrogen chloride is extremely soluble in water; in fact, concentrated hydro¬ 
chloric acid contains about 38 percent by mass of hydrogen chloride, a concen¬ 
tration of 12 moFL -1 . This acid is a colorless liquid with a pronounced acidic 
odor, which is due to the equilibrium between gaseous and aqueous hydrogen 
chloride: 

HC1 (aq) ^ HCl(g) 

The technical-grade reagent often has a yellowish color from an iron(III) ion 
impurity. 

In contrast to hydrofluoric acid, hydrochloric acid is a strong acid ( pK a = 
-7), ionizing almost completely: 

HC1 (aq) + H 2 0(/)^H 3 0 + (^) + CV (aq) 
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As the oxidation-state diagram shows (see Figure 17.1), the chloride ion is a very 
stable species. Hence, dilute hydrochloric acid is often the acid of choice over the 
oxidizing nitric acid and, to a lesser extent, sulfuric acid. For example, zinc metal 
will react with hydrochloric acid to give the zinc ion and hydrogen gas: 

Zn (s) + 2 ¥LCl(aq) —> ZnC\ 2 (aq) + H 2 (g) 

When zinc reacts with nitric acid, there is often some reduction of the nitrate 
ion to give nitrogen dioxide. 

Hydrogen chloride is mostly produced industrially as a by-product from 
other industrial processes, such as the synthesis of carbon tetrachloride: 

CH 4 (g) + 4 Cl 2 (g) CC1 4 (/) + 4 HCl(g) 

About 10 7 tonnes of hydrochloric acid are used worldwide every year. It has 
a wide range of uses: as a common acid, for removing rust from steel surfaces 
(a process called “pickling”), in the purification of glucose and corn syrup, in the 
acid treatment of oil and gas wells, and in the manufacture of chlorine-containing 
chemicals. The acid is available in many hardware stores under the archaic name 
of muriatic acid; its main home uses are the cleaning of concrete surfaces and rust 
removal. A very few people are unable to synthesize enough stomach acid, and 
they must ingest capsules of dilute hydrochloric acid with every meal. 


17.8 Halides 


Chlorine has a very different chemical behavior when it is an ionic negative ion 
(chloride) from when it is covalently bonded. 

Ionic Halides 

Most ionic chlorides, bromides, and iodides are soluble in water, dissolving to 
give the metal ion and the halide ion. However, many metal fluorides are insol¬ 
uble. For example, as mentioned earlier, calcium chloride is very water-soluble, 
whereas calcium fluoride is insoluble. We explain these observations in terms 
of the greater lattice energy in crystals containing the small, high-charge-density 
anion and the high-charge-density cation. 

Solutions of soluble fluorides are basic because the fluoride ion is the con¬ 
jugate base of the weak acid hydrofluoric acid: 

F ~{aq) + H 2 0(Z) ^ HF (aq) + OH(aq) 

There are two possible ways to form metal halides: combining metal and 
halogen to give a metal ion with the higher oxidation state and combining metal 
and hydrogen halide to give a metal ion with the lower oxidation state. The 
preparations of iron(III) chloride and iron(II) chloride illustrate this point: 

2 Fe(s) + 3 Cl 2 (g) -» 2 FeCl 3 (s) 

Fe(5) + 2HCl(g)^FeCl 2 (s) + H 2 (g) 

In the first case, dichlorine is acting as a strong oxidizing agent, whereas in the 
second case hydrogen chloride is a weak oxidizing agent. 
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Hydrated metal halides can be prepared from the metal oxide, carbonate, 
or hydroxide and the appropriate hydrohalic acid. For example, magnesium 
chloride hexahydrate can be prepared from magnesium oxide and hydrochloric 
acid, followed by crystallization of the solution: 

MgO (s) + 2HC1 (aq) + 5 H 2 0(/) ^MgCl 2 -6H 2 0(s) 

The anhydrous salt cannot be prepared by heating the hydrate, because decom¬ 
position occurs instead. Thus, magnesium chloride hexahydrate gives magnesium 
hydroxide chloride, Mg(OH)Cl, when heated: 

MgCl 2 -6H 2 0(s) Mg(OH)Cl(.v) + HCl(g) + 5 H 2 0(g) 

To obtain anhydrous magnesium chloride from the hydrate, we have to 
chemically remove the water. This can be done (in a fume hood!) by using 
thionyl chloride, SOCl 2 , the reaction by-products being sulfur dioxide and 
hydrogen chloride gases: 

MgCl 2 *6H 2 0(s) + 6 SOCl 2 (/) —» MgCl 2 (s) + 6 S0 2 (g) + 12 HCl(g) 

This is a common way to dehydrate metal chlorides. 

Not all metal iodides in which the metal ion takes its higher oxidation state 
can be prepared, because the iodide ion itself is a reducing agent. For example, 
iodide ion will reduce copper(II) ion to copper(I): 

2 Cu 2+ (aq) + 4 I ~(aq) —>2 Cul(s) + 1 2 (ag) 

As a result, copper(II) iodide does not exist. 

The common test for distinguishing chloride, bromide, and iodide ions involves 
the addition of silver nitrate solution to give a precipitate. Using X - to represent 
^ the halide ion, we can write a general equation: 

X~(aq) + Ag + (aq) —» AgX(s) 

Silver chloride is white; silver bromide is cream colored; silver iodide is yellow. 
Like most silver compounds, they are light-sensitive, and, over a period of hours, 
the solids change to shades of gray as metallic silver forms. 

To confirm the identity of the halogen, ammonia solution is added to the 
silver halide. A precipitate of silver chloride reacts with dilute ammonia to 
form the soluble diamminesilver(I) ion, [Ag(NH 3 ) 2 ] + : 

AgCl(s) + 2 NH 3 (ag) —> [Ag(NH 3 ) 2 ] + (ag) + C\~(aq) 

The other two silver halides are not attacked. Silver bromide does react with 
concentrated ammonia, but silver iodide remains unreactive even under these 
conditions. 

There also are specific tests for each halide ion. The chloride ion test is 
quite hazardous, because it involves the reaction of the suspected chloride 
with a mixture of potassium dichromate and concentrated sulfuric acid. When 
warmed gently, the volatile, red, toxic compound chromyl chloride, Cr0 2 Cl 2 , is 
produced: 

K 2 Cr 2 0 7 (s) + 4 NaCl(s) + 6 H 2 S0 4 (/) 

2 Cr0 2 Cl 2 (/) + 2 KHS0 4 (s) + 4 NaHS0 4 (s) + 3 H 2 Q(/) 
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The vapor can be bubbled into water, where it forms a yellow solution of chromic 
acid, H 2 Cr0 4 : 

Cr0 2 Cl 2 (g) + 2 H 2 0(/) —> H 2 Cr0 4 (ag) + 2HC1 (aq) 

To test for bromide ion and iodide ion, a solution of dichlorine in water 
(aqueous chlorine) is added to the halide ion solution. The appearance of a 
yellow to brown color suggests the presence of either of these ions: 

Cl 2 (aq) + 2 Br~ (aq) -^Br 2 (aq) + 2 Cl ~(aq) 

Cl 2 (aq) + 2l~(aq) ^l 2 (aq) + 2 Cl ~(aq) 

To distinguish dibromine and diiodine, we rely on the fact that the halogens 
themselves are nonpolar molecules. Thus, they will “prefer” to dissolve in nonpolar 
or low-polarity solvents, such as carbon tetrachloride. If the brownish aqueous 
solution is shaken with such a solvent, the halogen should transfer to the low- 
polarity, nonaqueous layer. If the unknown is dibromine, the color will be brown, 
whereas that of diiodine will be bright purple. 

There is another, very sensitive test for iodine: it reacts with starch to 
give a blue color (blue-black when concentrated solutions are used). In this 
unusual interaction, the starch polymer molecules wrap themselves around 
the iodine molecules. There is no actual chemical bond involved. The equi¬ 
librium is employed qualitatively in starch-iodide paper. When the paper is 
exposed to an oxidizing agent, the iodide is oxidized to iodine. The starch in 
the paper forms the starch-iodine complex, and the blue-black color is readily 
observed. Quantitatively, starch is used as the indicator in redox titrations 
involving the iodide-iodine redox reaction. 

Diiodine, as already mentioned, is a nonpolar molecule. Thus, its solubility 
in water is extremely low. It will, however, “dissolve” in a solution of iodide ion. 
This is, in fact, a chemical reaction producing the triiodide ion, I 3 _ (discussed 
in Section 17.10): 

h(s) + \~(aq) ^ I 3 “(ag) 

The large, low-charge triiodide ion will actually form solid compounds with 
low-charge-density cations such as rubidium, with which it forms rubidium 
triiodide, Rbl 3 . 

Iodide ion will also undergo a redox reaction with iodate ion, I0 3 - , in acid 
solution to give diiodine: 

IO f(aq) + 6 ¥L + (aq) + 5 r(aq)->3I 2 (s) + 3 H 2 0(/) 

This reaction is often used in titrimetric analysis of iodide solutions. The diiodine 
can then be titrated with thiosulfate ion of known concentration: 

I 2 (s) + 2 S 2 0 3 2 ~ (aq) —>2 I~(aq) + S 4 0 6 2 ~ (aq) 

Covalent Halides 

As a result of weak intermolecular forces, most covalent halides are gases or 
liquids with low boiling points. The boiling points of these nonpolar mole¬ 
cules are directly related to the strength of the dispersion forces between the 
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TABLE 17.8 

Boiling points of the boron halides 

Compound 

Boiling point (°C) 

Number of electrons 

bf 3 

-100 

32 

bci 3 

+ 12 

56 

BBr 3 

+91 

110 

bi 3 

+210 

164 


molecules. This intermolecular force, in turn, is dependent on the number of 
electrons in the molecule. A typical series is that of the boron halides (Table 
17.8), which illustrates the relationship between boiling point and number of 
electrons. 

Many covalent halides can be prepared by treating the element with the 
appropriate halogen. When more than one compound can be formed, the 
mole ratio can be altered to favor one product over the other. For example, 
in the presence of excess chlorine, phosphorus forms phosphorus pentachlo- 
ride, whereas in the presence of excess phosphorus, phosphorus trichloride is 
formed: 

2 P(s) + 5 Cl 2 (g) -a- 2 PCl 5 (s) 

2 P(s) + 3 Cl 2 (g) -a-2 PC1 3 (/) 

As we saw in Chapters 13, 14, and 15, most covalent halides react vigor¬ 
ously with water. For example, phosphorus trichloride reacts with water to give 
phosphonic acid and hydrogen chloride: 

PC1 3 (Z) + 3 H 2 0(/) ^H 3 P0 3 (/) + 3 HCl(g) 

However, some covalent halides are kinetically inert, particularly the fluorides, 
such as carbon tetrafluoride and sulfur hexafluoride. 

It is important to remember that metal halides can contain covalent bonds 
even when the metal is in a high oxidation state. For example, tin(IV) chloride 
behaves like a typical covalent halide. It is a liquid at room temperature, and it 
reacts violently with water: 

SnCl 4 (/) + 2 H 2 0(/) -a- Sn0 2 (s) + 4 HCl(g) 

If a nonmetallic element exists in a number of possible oxidation states, 
then the highest oxidation state is usually stabilized by fluorine and the lowest 
by iodine. This pattern reflects the decreasing oxidizing ability of elements 
in Group 17 as the group is descended. However, we must always be careful 
with our application of simplistic arguments. For example, the nonexistence 
of phosphorus pentaiodide, PI 5 , is more likely to be due to the fact that the 
size of the iodine atom limits the number of iodine atoms that will fit around 
the phosphorus atom rather than to the spontaneous reduction of phosphorus 
from the +5 to the +3 oxidation state. 
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17.9 Chlorine Oxides 


Like nitrogen, there are chlorine oxides in which chlorine has every possible 
odd oxidation state. All of these oxides are thermodynamically unstable but 
kinetically stable. As a result of this and a low activation energy of decomposi¬ 
tion, they are very unstable and have a tendency to explode. However, there 
are two oxides of importance, both of which have unpaired electrons; that is, 
they are free radicals. The first of these is chlorine monoxide, which is environ¬ 
mentally important even though it exists only in the upper atmosphere. The 
second is chlorine dioxide. Chlorine dioxide is a strong oxidizing agent, and it 
is becoming increasingly important as a disinfectant. 

Chlorine Monoxide 

Many species that are too unstable to exist in significant concentrations at am¬ 
bient temperature and pressure play important roles in atmospheric chemistry. 
For example, in Chapter 15, Section 15.8, we described how nitrogen trioxide 
acts as a nighttime tropospheric detergent. Another important atmospheric 
molecule is chlorine monoxide, CIO. Chlorine monoxide is a key stratospheric 
species responsible for causing the “ozone hole,” a decrease in UV-filtering 
ozone concentration over the south and, to a lesser extent, north polar regions 
during their respective spring seasons. 

The saga is believed to begin with the buildup of chlorine molecules, predomi¬ 
nantly from the breakdown of CFCs during the dark winter in the isolated air mass 
over the Antarctic. With the arrival of spring, sunlight causes the weakly bonded 
chlorine molecules (bond energy 242 kTmol -1 ) to dissociate into chlorine atoms: 

Cl 2 (g)^4 2Cl(g) 

The chlorine atoms react with ozone (trioxygen) to give chlorine monoxide 
and dioxygen: 

c%) + o 3 (g)^cio( g ) + o 2 ( g ) 

If the reaction terminated here, the damage to the ozone layer would be 
minimal. However, the chlorine monoxide takes part in a reaction cycle that 
regenerates the chlorine atoms, causing this process to be catalytic. That is, the 
chlorine atom acts as a catalyst for the conversion of ozone to dioxygen. The 
first step in this process is the combination of two chlorine monoxide radicals 
to form the ClOOCl dimer molecule. However, dissociation would immedi¬ 
ately occur unless the two radicals simultaneously collide with a third body, M. 
It is the role of the species M to remove the excess energy. The identity of M is 
any molecule that can remove the energy—usually dinitrogen, N 2 , or dioxygen, 0 2 , 
as these are the most common atmospheric molecules. 

2C10(g) + M(g) —> Cl 2 0 2 (g) + M*(g) 

Sunlight again becomes involved, this time to fission the C1 2 0 2 molecule 
asymmetrically: 


Cl 2 0 2 (g)^4C100(g) + Cl(g) 
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. O:: Cl :: O. 

FIGURE 17.6 A possible 
electron-dot representation of the 
bonding in chlorine dioxide. 


The ClOO species is very unstable and rapidly breaks down to give a chlorine 
atom and a dioxygen molecule: 

ClOO(g) —> Cl(g) + o 2 (g) 

Then the chlorine atoms are again available to react with ozone molecules. It is 
this catalytic cycle that results in the severe polar ozone depletion. 

Chlorine Dioxide 

Chlorine dioxide, C10 2 , is a yellow gas that condenses to a deep red liquid 
at 11°C. The compound is quite soluble in water, giving a fairly stable, green 
solution. Being a free radical species, chlorine dioxide is paramagnetic, like 
nitrogen dioxide. Yet unlike nitrogen dioxide, it shows no tendency to dimerize. 
The chlorine-oxygen bond length is only 140 pm, much shorter than the 170 pm 
that is typical for a single bond length, and it is very close to that of a typical 
chlorine-oxygen double bond. A possible electron-dot structure reflecting this 
bond order is shown in Figure 17.6 (this is not the same species as the transient 
ClOO radical formed in the upper atmosphere). 

Chlorine dioxide, usually diluted with dinitrogen or carbon dioxide for 
safety, is a very powerful oxidizing agent. For example, to bleach flour to make 
white bread, chlorine dioxide is 30 times more effective than dichlorine. Large 
quantities of chlorine dioxide also are used as dilute aqueous solutions for 
bleaching wood pulp to make white paper. In this role, it is preferred over 
dichlorine, because chlorine dioxide bleaches without significant formation of 
hazardous chlorinated wastes. Another advantage of chlorine dioxide is that, 
unlike dichlorine, it does not attack the cellulose structure, so it preserves the 
mechanical strength of paper. Similarly, chlorine dioxide is being used increas¬ 
ingly for domestic water treatment, because, in this context too, it does not 
chlorinate hydrocarbon pollutants that are present in the water to any mea¬ 
surable extent. Hence, use of this reagent avoids the environmental problems 
discussed earlier. Chlorine dioxide was used to destroy any anthrax spores 
contaminating congressional offices during the anthrax-letter scare in 2001. 

Thus, even though pure chlorine dioxide is explosive, it is of major indus¬ 
trial importance. About 10 6 tonnes are produced every year worldwide. It is dif¬ 
ficult to determine the exact production total, because the gas is so hazardous 
that it is generally produced in comparatively small quantities at the sites where 
it is to be used. The synthetic reaction involves the reduction of chlorine in the 
+5 (C10 3 _ ) oxidation state by chlorine in the -1 (CL) oxidation state in very 
acid conditions to give chlorine in the +4 (C10 2 ) and 0 (Cl 2 ) oxidation states: 

2 C10 3 ~ (aq) + 4 H + (aq) + 2 Cl“ (aq) -► 2 C10 2 (g) + Cl 2 (g) + 2 H 2 0(/) 

In North America, sulfur dioxide is added to reduce (and remove) the di¬ 
chlorine gas to chloride ion, the sulfur dioxide being simultaneously oxidized 
to sulfate: 

Cl 2 (g) + 2 e - —>2 Cl~(aq) 

SO 2 (g) + 2 H 2 0(/)->SO/~(aq) + 4H + (aq) + 2e“ 
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However, this process generates sodium sulfate waste. A German process sep¬ 
arates the dichlorine from the chlorine dioxide, then reacts the dichlorine with 
hydrogen gas to produce hydrochloric acid. The acid can then be reused in the 
synthesis. 


17.10 Chlorine Oxyacids and Oxyanions 


Chlorine forms a series of oxyacids and oxyanions for each of its positive odd 
oxidation states from +1 to +7. The shapes of the ions (and related acids) are 
based on a tetrahedral arrangement around the chlorine atom (Figure 17.7). 
The short chlorine-oxygen bonds in each of the ions indicate that multiple 
bonding must be present, possibly involving some contribution to the tt bond¬ 
ing by the full p orbitals on the oxygen atoms and empty d orbitals on the 
chlorine atom. 
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As discussed in Chapter 7, Section 7.4, acid strength increases as the num¬ 
ber of oxygen atoms increases. Thus, hypochlorous acid is very weak; chlorous 
acid, weak; chloric acid, strong; and perchloric acid, very strong. The relative 
acid strengths can best be seen from the pH predominance diagram for the 
chlorine oxyacids (Figure 17.8). 
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FIGURE 17.7 A possible 
representation of the bonding in 

(a) hypochlorous acid, 

(b) chlorous acid, (c) chloric acid, 
and (d) perchloric acid. 


FIGURE 17.8 The pH 

predominance diagram for the 
chlorine oxyacids. 















472 


CHAPTER 17 • The Group 17 Elements: The Halogens 


Hypochlorous Acid and the Hypochlorite Ion 

Hypochlorous acid and hydrochloric acid are formed when dichlorine is 
dissolved in cold water: 


Cl 2 (aq) + H 2 0(/) ^ ¥L + (aq) + Cl~(aq) + HClO(aq) 

Hypochlorous acid is a very weak acid; thus, solutions of hypochlorites are very 
basic as a result of the hydrolysis reaction: 

C1C r(aq) + H 2 0(/) ^ HCIO(^) + OH“(^) 

Hypochlorous acid is a strong oxidizing agent and, in the process, is reduced 
to chlorine gas: 

2 HCIO (aq) + 2 H + {aq) + 2 e“ Cl 2 (g) + 2 H 2 0(Z) E e = + 1.64 V 



The hypochlorite ion, however, is a weaker oxidizing agent that is usually reduced 
to the chloride ion: 

CIO-(aq) + H 2 0(/) + 2e"^Cl" (aq) + 2 OH ~(aq) E e = + 0.89V 



It is this oxidizing (bleaching and bactericidal) power that renders the hypo¬ 
chlorite ion useful. 

The two compounds of industrial importance are sodium hypochlorite and 
calcium hypochlorite. Sodium hypochlorite is only stable in solution, not in the 
solid phase; thus, calcium hypochlorite is used as a solid source of hypochlorite 
ion. Sodium hypochlorite solution is used in commercial bleach solutions, such as 
Clorox and Javex, and for bleaching and decolorization of wood pulp and textiles. 
Both sodium and calcium hypochlorites are used in disinfection. Calcium hypo¬ 
chlorite is also used as a disinfectant in dairies, breweries, food processing, and 
bottling plants and in domestic mildew removers. Although the labels on sodium 
hypochlorite solution containers warn about the hazards of mixing cleansers, 
a knowledge of chemistry is required to understand the problem. Commercial 
sodium hypochlorite solution contains chloride ion. In the presence of hydrogen 
(hydronium) ion such as that in a sodium hydrogen sulfate-based cleanser, the 
hypochlorous acid reacts with the chloride ion to produce chlorine gas: 

ClO~ (aq) + YL + (aq) ~^¥LClO(aq) 

HCIO (aq) + Cl ~(aq) + H + {aq) ^ Cl 2 (aq) + H 2 0(/) 


Several injuries and deaths have been caused by this simple redox reaction. 


The Chlorate Ion 

Although chlorites are of little interest, chlorates have several uses. Sodium 
chlorate can be prepared by bubbling dichlorine into a hot solution of sodium 
hydroxide. The sodium chloride, which is less soluble than sodium chlorate, 
precipitates: 

3 Cl 2 (aq) + 6 NaOH(^) -=4 NaC10 3 (^) + 5 NaCl(s) + 3 H 2 0(/) 

Potassium chlorate is used in large quantities to make matches and fire¬ 
works. Like all chlorates, it is a strong oxidizing agent that can explode unpre- 
dictably when mixed with reducing agents. Considerable amounts of sodium 
chlorate are consumed in the production of chlorine dioxide. 
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Swimming Pool Chemistry 


I n North America, we usually rely on dichlorine- or 
chlorine-based compounds, such as calcium hypo¬ 
chlorite, to destroy the microorganisms in our swimming 
pools. In fact, the most potent disinfectant is hypochlo- 
rous acid. In many public pools, this compound is formed 
when dichlorine reacts with water: 

Cl 2 (aq) + H 2 0(/) ^ H + (aq) + C\~{aq) + HClOfe/) 

To neutralize the hydronium ion, sodium carbonate 
(soda ash) is added: 

CO 3 2 ~{aq) + H + (aq) ->HCOf (aq) 

As a secondary result of this addition, the chlorine equilib¬ 
rium shifts to the right, thus providing more hypochlorous 
acid. 

In smaller pools, the hydrolysis of the hypochlorite 
ion provides the hypochlorous acid: 

CIO ~(aq) + H 2 0(/) ^ HCIO(^) + OH ~{aq) 

Acid must then be added to reduce the pH: 

H + (aq) + OH~(ag) —»H 2 0(/) 

It is important to keep the hypochlorous acid concen¬ 
trations at levels high enough to protect against bacteria 
and other pool organisms. This is a particularly difficult 


task in outdoor pools because hypochlorous acid decom¬ 
poses in bright light and at high temperatures: 

2 HClO(ag) HO(aq) + 0 2 (g) 

The production of stinging eyes in a swimming pool 
is usually blamed on “too much chlorine.” In fact, it is the 
converse problem, for the irritated eyes can be caused by 
the presence of chloramines in the water, such as NH 2 C1. 
These nasty compounds are formed through the reaction 
of hypochlorous acid with ammonia-related compounds, 
such as urea from urine, provided by the bathers: 

NH 3 (<i£) + HClO(aq) —» NH 2 Cl(ag) + H 2 0(Z) 

To destroy them, we need to add more dichlorine, 
a process known as superchlorination. This additional 
dichlorine will react with the chloramines, decomposing 
them to give hydrochloric acid and dinitrogen: 

2NH 2 Cl(aq) + Cl 2 (aq) —> N 2 (g) + 4 HC1 (aq) 

An increasingly popular approach is to use trioxygen 
(ozone) as the primary bactericide. This disinfectant 
causes much less eye irritation. However, because tri¬ 
oxygen slowly decomposes into dioxygen, a low level of 
chlorine-based compounds has to be added to the water 
to maintain safe conditions. 


Chlorates decompose when heated, although in an unusual manner. The 
route for producing potassium chlorate has been studied in the most detail. 
When potassium chlorate is heated to temperatures below 370°C, dispropor¬ 
tionation occurs to give potassium chloride and potassium perchlorate: 

4 KC10 3 (/) KCI(.s) + 3 KCI0 4 (.s) 

This is a synthetic route for the perchlorate. When potassium chlorate is heated 
above 370°C, the perchlorate that is formed by disproportionation decomposes: 

KC10 4 (x) —^ KCl(.v) + 2 0 2 (g) 

The pathway for the slow, uncatalyzed reaction is different from that for the 
reaction catalyzed by manganese(IV) oxide. When catalyzed, the pathway giv¬ 
ing potassium chloride and dioxygen involves potassium permanganate (which 
produces a purple color) and potassium manganate, K 2 Mn0 4 . The mechanism 
is a nice illustration of the chemical participation of a catalyst: 

2 KC10 3 (s) + 2 Mn0 2 (.s) 2 KMn0 4 (s) + Cl 2 (g) + 0 2 (g) 

2 KMn0 4 (s) K 2 Mn0 4 (.s) + Mn0 2 (s) + 0 2 (g) 

K 2 Mn0 4 (s) + Cl 2 (g) 2 KCl(s) + Mn0 2 (s) + 0 2 (g) 
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If these reaction steps are combined, we see that the overall reaction is 
2 KC10 3 (s) MnQz/A > 2 KQ(s) + 3 0 2 (g) 

Thus, the oxygen is oxidized from the oxidation state of -2 to 0, the manganese 
cycles from +4 through +7 and +6 back to +4, and the chlorine is reduced 
from +5 to 0 to -1. Additional evidence for this mechanism is a faint odor of 
dichlorine, which is released during the first step. 

Perchloric Acid and the Perchlorate Ion 

The strongest simple acid of all is perchloric acid. The pure acid is a colorless 
liquid that can explode unpredictably. As a result of its oxidizing nature and 
high oxygen content, contact with organic materials such as wood or paper 
causes an immediate fire. Concentrated perchloric acid, usually a 60 percent 
aqueous solution, is rarely used as an acid but is far more often used as a very 
powerful oxidizing agent, for example, to oxidize metal alloys to the metal ions 
so that they can be analyzed. Special perchloric acid fume hoods should be 
used when these oxidations are performed. Cold dilute solutions of perchloric 
acid are reasonably safe, however. 

The solubility of the alkali metal salt decreases with increasing cation size. 
That is, the increasing size (decreasing charge densities) of the ions will reduce 
the hydration energies to the point that they are exceeded by the lattice energy. 
Thus, potassium perchlorate is only slightly soluble (20 g*L _1 of water). By con¬ 
trast, silver perchlorate is amazingly soluble, to the extent of 5 kg*L _1 of water. 




The Discovery of the Perbromate Ion 


T he perchlorate ion, C10 4 “, and the periodate ion, 
I0 6 5- , have been known since the nineteenth cen¬ 
tury, yet the perbromate ion could never be prepared. 
Many scientists, including Linus Pauling, devised theo¬ 
ries to account for its nonexistence. For example, it was 
argued that the stability of the perchlorate ion was 
due to the strong it bonds that involved the chlorine 
3d orbitals. The claim was made that, for bromine, a 
very poor overlap of the 4 d bromine orbitals with the 
2 p orbitals of the oxygen destabilized the theoretical 
perbromate ion. 

The theories had to be rewritten in 1968 when the 
American chemist E. H. Appelman discovered synthetic 
routes to the elusive perbromate ion. One of the routes 
involved another new discovery, a compound of xenon. 
In this process, xenon difluoride was used as an oxidizing 
agent: 

XeF 2 (aq) + BrO 3 ~(aq) + H 2 0(/) 

Xe(g) + 2 HF (aq) + BrO 4 ~(aq) 


The second route, which is now used to produce the per¬ 
bromate ion on a large scale, involves the use of difluorine 
as the oxidizing agent in basic solution: 

Br0 3 “ (aq) + F 2 (g) + 2 OH ~(aq) —> 

BrO 4 (aq) + 2F ~(aq) + H 2 0(/) 

So why is the ion so elusive even though it is thermo¬ 
dynamically stable? The answer lies in the high potential 
needed to oxidize the bromate ion to the perbromate ion: 


BrO 3 ~(aq) + H 2 0(/) -> 

BrO 4 ~(aq) + 2 ¥L + (aq) + 2 e“ 


= -1.74V 


By contrast, the potential needed to oxidize chlorate 
to perchlorate is -1.23 V and for iodate to periodate, 
-1.64 V. Hence, only extremely strong oxidizing agents 
such as xenon difluoride and difluorine are capable of 
oxidizing bromate to perbromate. Thus, before dismiss¬ 
ing any conjectured compound as impossible to synthe¬ 
size, we must always be sure to explore all the possible 
preparative routes and conditions. 






17.11 Interhalogen Compounds and Polyhalide Ions 475 


The high solubility of silver perchlorate in low-polarity organic solvents as well 
as water suggests that its bonding in the solid phase is essentially covalent rather 
than ionic. That is, only dipole attractions need to be overcome to solubilize the 
compound rather than the much stronger electrostatic attractions in an ionic 
crystal lattice, which can be overcome only by a very polar solvent. 

Potassium perchlorate is used in fireworks and flares, but about half the 
commercially produced perchlorate is used in the manufacture of ammonium 
perchlorate. This compound is used as a component along with the reducing 
agent aluminum in solid booster rockets: 

6 NH 4 CIO 4 OS) + 8 Al(s) —>4 A1 2 0 3 (s) + 3 N 2 (g) + 3 Cl 2 (g) + 12 H 2 0(g) 

Each shuttle launch uses 850 tonnes of the compound, and total U.S. consumption 
is about 30 000 tonnes. Until recently, the only two U.S. plants manufacturing 
ammonium perchlorate were in Henderson, Nevada, a suburb of Las Vegas. 
The attractions of the site were the cheap electricity from the Hoover Dam 
and the very dry climate, which make the handling and storage of the hygro¬ 
scopic ammonium perchlorate much easier. 

There is another major problem with ammonium perchlorate—it decom¬ 
poses when heated above 200°C: 

2 NH 4 C10 4 (s) N 2 (g) + Cl 2 (g) + 2 0 2 (g) + 4 H 2 0(Q 

On May 4,1988, this decomposition occurred on a massive scale at one of the 
manufacturing plants. A series of explosions destroyed half of the nation’s 
ammonium perchlorate production capacity, as well as causing death, injury, 
and extensive property damage. Several issues were raised by the accident, 
such as the feasibility of constructing such plants close to residential areas 
and the dependence of the space and military rocket programs on only two 
manufacturing facilities for the nation’s entire supply of a crucial chemical 
compound. 


17.11 Interhalogen Compounds and Polyhalide Ions 


There is an enormous number of combinations of pairs of halogens forming 
interhalogen compounds and polyhalide ions. The neutral compounds fit the 
formulas XY, XY 3 , XY 5 , and XY 7 , where X is the halogen of higher atomic 
mass and Y, that of lower atomic mass. All permutations are known for XY 
and XY 3 , but XY 5 is only known where Y is fluorine. Thus, once again, it is 
only with fluorine that the highest oxidation states are obtained. The formula 
XY 7 , in which X would have the oxidation state of +7, is found only in IF 7 .The 
common argument for the lack of chlorine and bromine analogs is simply that 
of size: only the iodine atom is large enough to accommodate seven fluorine 
atoms. 

The interhalogen compounds are of particular interest to inorganic chem¬ 
ists because of their geometries. The shapes of the compounds all follow the 
VSEPR rules, even iodine heptafluoride, IF 7 , which has the rare pentagonal 
bipyramidal shape of a seven-coordinate species (Figure 17.9). 


F 



F 

FIGURE 17.9 The iodine 
heptafluoride molecule, which has 
a pentagonal arrangement in the 
horizontal plane. 
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All of the interhalogens can be prepared by combination reactions of the 
constituent elements. For example, heating iodine and fluorine in a 1:7 ratio 
gives iodine heptafluoride, IF 7 : 

I 2 (g) + 7 F 2 (g) —> 2 IF 7 (g) 

Bubbling chlorine gas through an aqueous solution of iodide ion gives a 
brown-black solution of iodine, then dark brown iodine monochloride, and 
finally pale yellow iodine trichloride: 

C\ 2 (aq) + 2 \~(aq) —>2 C\~(aq) + 1 2 ( ac l) 

C\ 2 (aq) + I 2 (aq) —» 2 IC1 (aq) 

Cl 2 (aq) + ICl(aq)->ICl 3 (aq) 

The simple interhalogens such as iodine monochloride have colors intermedi¬ 
ate between those of the constituents. In fact, iodine monochloride can be consid¬ 
ered as a “combo” element (Chapter 9, Section 9.11) analog of bromine. However, 
the melting points and boiling points of the interhalogens are slightly higher than 
the mean values of the constituents because the interhalogen molecules are polar. 
More important, the chemical reactivity of an interhalogen compound is usually 
similar to that of the more reactive parent halogen. To chlorinate an element or 
compound, it is often more convenient to use solid iodine monochloride than chlo¬ 
rine gas, although sometimes the nonhalogen atom in the two products has different 
oxidation states. This outcome can be illustrated for the chlorination of vanadium: 

V(s) + 2 Cl 2 (g) —» VC1 4 (/) 

V(s) + 3 ICl(s) —> VC1 3 (j) + | I 2 (s) 

Ruby red, solid iodine monochloride is used in biochemistry as the Wij 
reagent for the determination of the number of carbon-carbon double bonds in 
an oil or fat. When we add the brown solution of the interhalogen to the unsatu¬ 
rated fat, decolorization occurs as the halogens add across the double bond: 

—CH=CH—f- IC1 —CH—CH— 

I I 

I Cl 

When a permanent brown color remains, the reaction has been completed. The 
results are reported as the iodine number—the volume (milliliters) of a standard 
iodine monochloride solution needed to react with a fixed mass of fat. 

The only interhalogen compound produced on an industrial scale is chlo¬ 
rine trifluoride, a liquid that boils at 11°C. It is a convenient and extremely 
powerful fluorinating agent as a result of its high fluorine content and high 
bond polarity. It is particularly useful in the separation of uranium from most 
of the fission products in used nuclear fuel. At the reaction temperature of 
70°C, uranium forms liquid uranium(VI) fluoride. However, most of the major 
reactor products, such as plutonium, form solid fluorides: 

U (s) + 3 C1F 3 (Z) —> UF 6 (/) + 3 ClF(g) 

Pu(s) + 2 C1F 3 (Z) -^PuF 4 (s) + 2 ClF(g) 

The uranium compound can then be separated from the mixture by distillation. 
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In aqueous solution, interhalogen molecules are hydrolyzed to the hydrohalic 
acid of the more electronegative halogen and the hypohalous acid of the less 
electronegative halogen. For example: 

BrCl(g) + H 2 0(/)^HC1(^) + HBrO(^) 

The halogens also form polyatomic ions. Iodine is the only halogen to readily 
form polyhalide anions by itself. The triiodide ion, I 3 _ , is important because its 
formation (discussed in Section 17.7) provides a means of “dissolving” molecular 
iodine in water by using a solution of the iodide ion: 

I 2 (s) + I ~(aq) ^ I f{aq) 

The ion is linear and has equal iodine-iodine bond lengths of about 293 pm; 
these bonds are slightly longer than the single bond in the diiodine molecule 
(272 pm).There are many other polyiodide ions, including I 5 “ and I 7 ~, but these 
are less stable than the triiodide ion. 

There also are a wide variety of interhalogen cations and anions, for example, 
the dichloroiodine ion, IC1 2 + , and the tetrachloroiodate ion, IC1 4 _ . VSEPR 
theory can be used to predict the shapes of the interhalogen molecules and ions 
(Figure 17.10). 
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FIGURE 17.10 (a) The 

dichloroiodine ion, ICI 2 + ; ( b ) the 
iodine trichloride molecule, 

ICI 3 ; and (c) the tetrachloroiodate 
ion, ICI 4 ”. 


Interhalogens can be used as aprotic solvents. For example, in Chapter 7, 
Section 7.1, we described how bromine trifluoride acts as a solvent by means of 
self-ionization to the difluorobromine cation and tetrafluorobromate anion: 

2 BrF 3 (/) ^ BrF 2 + {BrF 3 ) + BrF 4 “(£rF 3 ) 

17.12 Cyanide Ion as a Pseudo-halide Ion 


In Chapter 11, Section 11.14, we described how the ammonium ion, despite be¬ 
ing a polyatomic ion, behaved much like an alkali metal ion. However, the best 
example of a pseudo-element ion is cyanide. Not only does it behave very much 
like a halide ion but also the parent pseudo-halogen, cyanogen, (CN) 2 , exists. 
The cyanide ion resembles a halide ion in a remarkable number of ways: 

1. Salts of cyanide ion with silver, lead(II), and mercury(I) are insoluble, as 
are those of chloride, bromide, and iodide ions. For example: 

CN~(aq) + Ag + (aq) —> AgCN(s) 

[compared to Cl~(aq) + Ag + (aq) —> AgCl(s)] 
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2. Like silver chloride, silver cyanide reacts with ammonia to give the 
diamminesilver(I) cation. 

AgCN(s) + 2 NH 3 (aq) -h> [Ag(NH 3 ) 2 ] + (aq) + CN ~(aq) 

[compared to AgCl(s) + 2 NH 3 (ag) —>[Ag(NH 3 ) 2 ] + (a^) + C\~(aq)\ 

3. The cyanide ion is the conjugate base of the weak acid hydrocyanic acid, 
HCN, parallel to fluoride ion and hydrofluoric acid: 

UCN(aq) + H 2 0(/) H 3 0 + (aq) + CS~(aq) 

[compared to YLF(aq) + H 2 0(/) ^ ¥L 3 0 + (aq) + F ~(aq)] 

4. The cyanide ion forms numerous complex ions with transition metals, such 
as [Cu(CN) 4 ] 2_ , which is similar to its chloride analog, [CuCl 4 ] 2- . 

5. Cyanide ion can be oxidized to the parent pseudo-halogen, cyanogen, simi¬ 
lar to the oxidation of halides to halogens. The parallel is particularly close 
with iodide ion since they can both be oxidized by very weak oxidizing agents 
such as the copper(II) ion: 

2 Cu 2+ (aq) + 4 CN~(aq) -»2 CuCN(s) + (CN) 2 (g) 

[compared to 2 Cu 2+ (aq) + 4 I ~(aq) —> 2 Cul(s) + I 2 (s)] 

6. Cyanogen reacts with base to give the cyanide and cyanate ions: 

(CS) 2 (aq) + 2 OH~ (aq) —> CN _ (aq) + CNO“(^) + H 2 0(Z) 

[compared to C\ 2 (aq) + 2 0H“(^)->Cr(^) + CIO ~(aq) + H 2 0(/)] 

7. Cyanogen forms pseudo-interhalogen compounds such as ICN in the same 
way that halogens form interhalogen compounds such as iodine monochloride, 
IC1 (see Section 17.11). 


17.13 Biological Aspects 

The halogens are unique in that every stable member of the group has a bio¬ 
logical function. 

Fluorine and Killer Plants 

In several regions of the world, cattle ranchers have a major problem from toxic 
plants. Australia suffers particularly severely since about a thousand plant spe¬ 
cies there are known to be toxic to animals and humans. A significant number 
of these plants produce the fluoroacetate ion, CH 2 FCOO“. Although acetate 
ion is harmless (unless consumed in enormous quantities), the substitution of 
one fluorine for a hydrogen changes the properties of the ion substantially. For 
example, fluoroacetic acid is a strong acid with a p K a of 2.59 compared to a value 
of 4.76 for acetic acid. The fluoroacetate ion acts by blocking the Krebs cycle in 
mammals, causing a buildup of citric acid and resulting in heart failure. 

The plants absorb traces of fluoride ion from the soil and then incorporate 
it into their biochemical pathways. It is thought that these plants produce the 
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fluoroacetate ion as a defense mechanism against predators. Although Australia 
probably has the most fluoroacetate-producing species, South Africa has a plant 
that produces the fluoroacetate ion to a concentration of 1 percent, meaning 
that the ingestion of one leaf of the plant is sufficient to kill a cow. 

Sodium fluoroacetate is used by some in the United States and elsewhere 
as a poison for unwanted mammals such as coyotes. One of Australia’s most 
famous double-murder cases (the Bogle-Chandler case) is believed to have 
been caused by deliberate fluoroacetate poisoning. 

Chlorine: The Challenge of THMs 

The chloride ion has a vital role in the ion balance in our bodies. It does not 
appear to play an active role but simply acts to balance the positive ions of 
sodium and potassium. However, covalently bonded chlorine is far less benign. 
Most of the toxic compounds with which we are currently concerned—for 
example, DDT and PCBs—are chlorine-containing molecules.The argument has 
been made to completely ban the production of chlorine-containing covalently 
bonded compounds. However, this would result in the elimination of many 
useful materials such as polyvinylchloride (PVC). It is important to recognize 
that there are organochloro compounds produced by a variety of organisms; 
thus, banning synthetic chloro compounds would not totally eliminate chloro 
compounds from the planet. 

A group of compounds of particular concern are the trihalomethanes 
(THMs). These are produced when water rich in organic matter is chlorinated 
to disinfect it for human consumption. The organic matter is found in surface 
waters that have dissolved humic and fulvic acids from rotting vegetation. The 
acids themselves are comparatively harmless, though they do cause the water 
to have a brownish tint. It is the chlorination process that results in the frag¬ 
mentation of the complex organic molecules to give small chloro molecules 
such as trichloromethane, CHC1 3 . The existence of THMs in some tap-water 
samples was discovered in the 1970s, and regulations limiting the allowable 
level were introduced in the early 1980s. At that time, a maximum level of 
100 ppb was generally considered safe, but now there is evidence of a weak 
correlation between drinking more than five glasses of water of high THM 
(over 75 ppb) per day and miscarriages. For this reason, there are proposals to 
reduce the permissible THM levels. One way to accomplish this is to use ozone 
(trioxygen; see Chapter 16, Section 16.3) or chlorine dioxide (see Section 17.8) 
as the primary disinfectant of the water supply. These compounds decompose 
the organic acids without significant generation of THMs. However, because 
ozone decomposes within a short time, a small concentration of chlorine needs 
to be added to water supplies to maintain potability because the water travels 
many kilometers through the aging, leaky pipes of most of our cities to its des¬ 
tination in your home. 

Bromine: The Methyl Bromide Problem 

The most contentious bromine-containing compound is bromomethane, more 
commonly called methyl bromide. Methyl bromide, CH 3 Br, is a broad-spectrum 
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Potassium bromide has been used 
in medicine as a sedative and as 
an anticonvulsant in the treatment 
of epilepsy. 


fumigant used in control of pest insects, nematodes, weeds, pathogens, and 
rodents. Apart from its unmatched range, it has a high volatility and hence 
leaves little residue. About 80 000 tonnes are used every year, about 75 percent 
as soil fumigant; 22 percent, postharvest; and 3 percent, structural pest control 
tool. Methyl bromide is important to the agricultural community because it 
controls a wide variety of pests at low cost. In fact, there is no one chemical that 
can currently be found to replace all of its roles. 

Because seawater contains relatively high concentrations of bromide ion, 
it is not surprising that many marine organisms synthesize organobromine 
compounds. The function of most of these unique molecules is unknown at 
present. However, we do know that some of the metabolic pathways result in 
the production of methyl bromide. Thus, a significant proportion of the atmo¬ 
spheric burden of methyl bromide—probably about half—comes from natural 
sources. 

There are two concerns with methyl bromide. First, methyl bromide is 
an efficient ozone-depleting substance (ODS), bromine being 50 times more 
efficient at destroying ozone than chlorine. The first global controls on methyl 
bromide emissions were established in 1995, though the compound is still in 
widespread agricultural use. The second concern is that methyl bromide is 
lethal against nontarget organisms as well. It is a cancer suspect in humans as 
well as being acutely toxic. It can cause central nervous system and respiratory 
system failure. In low doses, headaches and nausea occur; then, in higher doses, 
muscle spasms, coma, convulsions, and death ensue. Thus, farmworkers are at 
risk from handling the compound. 


Iodine: The Thyroid Element 

About 75 percent of the iodine in the human body is found in one location— 
the thyroid gland. Iodine is utilized in the synthesis of the hormones thyroxine 
(Figure 17.11) and triiodothyronine. These hormones are essential for growth, 
for the regulation of neuromuscular functioning, and for the maintenance of 
male and female reproductive functions. Yet goiter, the disease resulting from 
a deficiency of the thyroid hormones, is found throughout the world, includ¬ 
ing a band across the northern United States, much of South America, and 
Southeast Asia; there are localized areas of deficiency in most other countries 
of the world. One common cause of the disease is a lack of iodide ion in the 
diet. To remedy the iodine deficiency, potassium iodide is added to common 
household salt (iodized salt). 


FIGURE 17.11 The thyroxine 
molecule. 
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A symptom of goiter, which can have causes other than simple iodide 
deficiency, is a swollen lower part of the neck. The enlargement is the attempt 
of the thyroid gland to maximize absorption of iodide in iodine-deficient cir¬ 
cumstances. In previous centuries, women with mild goiter were favored as 
marriage partners because their swollen necks enabled them to display their 
expensive and ornate necklaces more effectively. 

Why is iodine essential? Bound to carbon, the iodine cannot take part 
in any redox function, nor is it chemically available for covalent bonding to 
other molecules. Because its electronegativity is close to that of carbon, it 
is unlikely that the iodine atoms make any significant change to the overall 
electronic structure of the molecule and hence the molecular properties. The 
clue seems to be in the very large covalent radius of the iodine atom—133 
pm—about twice the radius of carbon, nitrogen, and oxygen. This corresponds 
to an eightfold greater volume. The iodine atoms of the iodo-organic mole¬ 
cules seem to be designed to fit in certain large cavities in a matching enzyme 
site, holding the enzyme in a unique conformation. Evidence for this role is 
provided by the fact that substituting the large isopropyl unit, (CH 3 ) 2 CH—, 
for iodine results in a molecule with similar hormonal activity. Of course, 
this raises the question as to why a biological system should choose such a 
rare element for an essential pathway. The only obvious answer relates to 
the presumed marine origin of life. The seas are iodine-rich, and, in such an 
environment, incorporation of iodine would have provided a simple pathway 
to addition of a bulky substituent. Land organisms then became stuck with 
a process that necessitated an element much less common in the nonaquatic 
environment. 


17.14 Element Reaction Flowcharts 


Flowcharts are shown for fluorine, chlorine, and iodine. 
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KEY IDEAS 


• Fluorine is the most reactive element in the periodic 
table. 

• Fluorine chemistry is influenced by the weakness of the 
fluorine-fluorine bond. 

• Chlorine oxyacids are strongly oxidizing. 

• Chlorine is an important industrial chemical. 


• Ionic and covalent halides have very different properties. 

• There is a wide range of interhalogen compounds and 
polyhalide ions. 

• Cyanide ion behaves in many ways as a pseudo-halide 
ion. 


EXERCISES 

17.1 Write balanced chemical equations for the following 
chemical reactions: 

(a) uranium(IV) oxide with hydrogen fluoride 

(b) calcium fluoride with concentrated sulfuric acid 

(c) liquid sulfur tetrachloride with water 

(d) aqueous dichlorine and hot sodium hydroxide 
solution 

(e) diiodine with difluorine in a 1:5 mole ratio 

(f) bromine trichloride and water 

17.2 Write balanced chemical equations for the following 
chemical reactions: 

(a) lead metal with excess dichlorine 

(b) magnesium metal with dilute hydrochloric acid 

(c) the hypochlorite ion with sulfur dioxide gas 

(d) mild heating of potassium chlorate 

(e) solid iodine monobromide with water 

(f) phosphorus and iodine monochloride 

17.3 Summarize the unique features of fluorine chemistry. 

17.4 What are the shapes of the following species? 

(a) BrF 2 + ; (b) BrF 3 ; (c) BrF 4 “ 

17.5 Suggest an explanation for why difluorine is so reac¬ 
tive toward other nonmetals. 


17.6 For chlorine, the only two naturally occurring isotopes 
are chlorine-35 and chlorine-37, while for bromine, they are 
bromine-79 and bromine-81. Suggest why chlorine-36 and 
bromine-80 are not stable isotopes. 

17.7 Use the formation of solid iodine heptafluoride to 
indicate why entropy cannot be a driving force in the reac¬ 
tivity of fluorine. 

17.8 Why cannot difluorine be produced electrolytically 
from an aqueous solution of sodium fluoride by a similar 
process to that used to produce dichlorine from sodium 
chloride solution? 

17.9 In the Frost diagram for chlorine, the C1 2 /C1 _ lines 
are identical for acidic and basic solution. Explain why. 

17.10 Why, in the Frost diagram (Figure 17.1), is the acid 
species of chloric acid written as C10 3 “, while that of chlorous 
acid is written HC10 2 ? 

17.11 Suggest a reason why hydrofluoric acid is a weak 
acid, whereas the binary acids of the other halogens are all 
strong acids. 

17.12 Explain why, as the solution becomes more concen¬ 
trated, hydrofluoric acid ionizes to a lesser extent at first, 
then to a greater extent at high concentrations. 
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17.13 If annual hydrogen fluoride production is 1.2 X 10 6 
tonnes per year, calculate the mass of calcium sulfate pro¬ 
duced per annum by this process. 

17.14 Why would you expect the hydrogen difluoride ion 
to form a solid compound with potassium ion? 

17.15 Deduce the oxidation number for oxygen in hypo- 
fluorous acid, HOF. 

17.16 Why is hydrochloric acid used as a common labora¬ 
tory acid in preference to nitric acid? 

17.17 Suggest how you would prepare (a) chromium(III) 
chloride, CrCl 3 ,from chromium metal; and (b) chromium(II) 
chloride, CrCl 2 , from chromium metal. 

17.18 Suggest how you would prepare (a) selenium tetra¬ 
chloride, SeCl 4 , from selenium; and (b) diselenium dichlo¬ 
ride, Se 2 Cl 2 , from selenium. 

17.19 Explain why iron(III) iodide is not a stable compound. 

17.20 Describe the tests used to identify each of the halide 
ions. 

17.21 Calculate the enthalpy of reaction of ammonium 
perchlorate with aluminum metal. Apart from the exother- 
micity of the reaction, what other factors would make it a 
good propellant mixture? 

17.22 Construct an electron-dot formula for the triiodide 
ion. Thus, deduce the shape of the ion. 

17.23 The concentration of hydrogen sulfide in a gas sup¬ 
ply can be measured by passing a measured volume of 
gas over solid diiodine pentoxide. The hydrogen sulfide 
reacts with the diiodine pentoxide to give sulfur dioxide, 
diiodine, and water. The diiodine can then be titrated with 
thiosulfate ion and the hydrogen sulfide concentration 
calculated. Write chemical equations corresponding to the 
two reactions. 

17.24 Carbon tetrachloride has a melting point of -23°C; 
carbon tetrabromide, +92°C; and carbon tetraiodide, 
+ 171°C. Provide an explanation for this trend. Estimate 
the melting point of carbon tetrafluoride. 

17.25 The highest fluoride of sulfur is sulfur hexafluoride. 
Suggest why sulfur hexaiodide does not exist. 

17.26 Construct electron-dot structures of chlorine diox¬ 
ide that have zero, one, and two double bonds (one of each) 
and decide which would be preferred on the basis of formal 
charge assignments. 

17.27 Another compound of chlorine and oxygen, C1 2 0 4 , 
is more accurately represented as chlorine perchlorate, 
CIOCIO 3 . Draw the electron-dot structure of this compound 


and determine the oxidation number of each chlorine in the 
compound. 

17.28 Describe the uses of (a) sodium hypochlorite; 
(b) chlorine dioxide; (c) ammonium perchlorate; (d) iodine 
monochloride. 

17.29 Predict some physical and chemical properties of 
astatine as an element. 

17.30 Explain why the cyanide ion is often considered a 
pseudo-halogen. 

17.31 The thiocyanate ion, SCN~, is linear. Construct 
reasonable electron-dot representations of this ion by as¬ 
signing formal charges. The carbon-nitrogen bond length 
is known to be close to that of a triple bond. What does 
this tell you about the relative importance of each repre¬ 
sentation? 

17.32 How does fluoride ion affect the composition of 
teeth? 

17.33 Write balanced chemical equations corresponding 
to each transformation in the element reaction flowcharts 
for fluorine, chlorine, and iodine (pages 481-482). 

17.34 Iodine forms an oxide, diiodine pentoxide, that re¬ 
sembles dinitrogen pentoxide in structure. Construct the 
electron-dot structure of the iodine compound and contrast 
the bonding with that in N 2 0 5 (see Chapter 15, Section 15.8). 
Explain why the bonding differs. What is the oxidation state 
of each iodine atom, of the bridging oxygen atom, of each 
terminal oxygen atom? 

17.35 Draw the electron-dot structure of the dichlorine 
dioxide, ClOOCl, molecule. Deduce the oxidation state of 
the chlorine atoms and of the oxygen atoms. 

17.36 Explain why ammonium fluoride adopts the wurtzite 
structure, whereas ammonium chloride adopts the sodium 
chloride lattice. 

17.37 Explain why, of the tetraphosphonium halides, 
[PH 4 ]I is the most stable toward decomposition. 

17.38 Tetramethylammonium fluoride, (CH 3 ) 4 NF, re¬ 
acts with iodine heptafluoride, IF 7 , to give an electrically 
conducting solution. Write a chemical equation for the 
reaction. 

17.39 We noted that iodine monochloride can be consid¬ 
ered as a “combo” element analog of bromine. Which other 
halogen pair can be considered as a “combo” element analog 
of another halogen? 

17.40 Give one example of how the cyanide ion resembles 
(a) the fluoride ion; (b) the chloride ion; (c) the iodide ion. 
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17.41 The thiocyanate ion, SCN“, also behaves as a 
pseudo-halide ion. 

(a) Write the formula of the parent pseudo-halogen. 

(b) Deduce an insoluble compound of the thiocya¬ 
nate ion. 

17.42 Deduce an electron-dot structure of the cyanogen, 
(CN) 2 , molecule and draw the molecular shape. Experimental 


measurements of the carbon-carbon bond length show it to 
be shorter than the simple bonding model predicts. Suggest 
an explanation. 

17.43 Phosphorus forms halide and pseudo-halide com¬ 
pounds of the form PX 3 . Write the formula for the compound 
with cyanide. 


BEYOND THE BASICS 

17.44 Iodine pentafluoride undergoes self-ionization. 
Deduce the formulas of the cation and anion formed in the 
equilibrium and write a balanced equation for the equilib¬ 
rium. Construct electron-dot diagrams for the molecule 
and the two ions. Which ion is the Lewis acid, and which is 
the Lewis base? Explain your reasoning. 

17.45 The melting point of ammonium hydrogen difluo¬ 
ride, (NH 4 ) + (HE 2 )“, is only +26°C.This is much lower than 
what one would expect for an ionic lattice. Suggest what 
might be happening. 

17.46 Calculate the enthalpy of formation of the chlo¬ 
rine molecular ion, Cl 2 + , given that the bond energy of 
molecular chlorine is 240 kJ-mol “ \ while the first ionization 
energy of the chlorine atom is 1250 kJ-mol _1 and that of 
the chlorine molecule is 1085 kJ-mol _1 . Comment on the 
bond strength in the molecular ion compared to that in the 
neutral molecule. 

17.47 Construct an approximate molecular-orbital-energy- 
level diagram to depict the bonding in chlorine monofluo¬ 
ride. 

17.48 Use the principle of formal charge to determine the 
average bond order in the phosphate ion and the perchlo¬ 
rate ion. Use these two results to suggest the average bond 
order in the sulfate ion. 

17.49 Which of dichlorine oxide and dichlorine heptaoxide 
is likely to be the more acidic oxide? Give your reasoning. 

17.50 Dichlorine heptaoxide, C1 2 0 7 , is a colorless, oily liquid. 

(a) Calculate the oxidation state of chlorine in the 
compound. 

(b) Draw the probable structure of the compound. 

(c) Write a balanced chemical equation for the 
reaction of this compound with water. 

(d) Write the formula of an analogous compound 
of a metallic element. Give your reasoning. 

(e) Write the formula of two probable isoelectronic 
and isostructural ions. 


17.51 Draw a probable structure of the dichlorine trioxide 
molecule. Will it be completely linear or bent? If bent, sug¬ 
gest an approximate bond angle. 

17.52 As we discussed, there are strong parallels between 
the chemistry of the pseudo-halogens and the halogens. On 
this assumption, write balanced chemical equations for the 
reactions between 

(a) cyanogen, (CN) 2 , and cold sodium hydroxide 
solution; 

(b) thiocyanate ion, NCS“, and acidified perman¬ 
ganate ion solution. 

17.53 Why is ammonium perchlorate an explosive hazard 
while sodium perchlorate is much less hazardous? Use a 
balanced equation to illustrate your argument and identify 
which elements undergo a change in oxidation state. 

17.54 Diiodine reacts with an excess of dichlorine to 
form a compound of formula IC1 X . One mole of IC1 X 
reacts with an excess of iodide ion to produce chlorine 
gas and 2 moles of diiodine. What is the empirical formula 
of IC1 X ? 

17.55 Eluorine, chlorine, and oxygen form a series of poly¬ 
atomic ions: (F 2 C10 2 )", (F 4 C10)", (F 2 C10) + , and (F 2 C10 2 ) + . 
Deduce the molecular shape of each of these ions. 

17.56 Fluorine forms only one oxide, F 2 0. Draw the electron- 
dot structure of the compound and determine the oxidation 
state of fluorine and of oxygen in the compound. Explain 
why the oxidation state of oxygen is unusual. Suggest why 
one would not expect any other fluorine oxides. Use as 
comparisons the compounds C1 2 0 and C1 2 0 7 . 

17.57 Thallium forms an iodide, T1I 3 . Suggest the actual for¬ 
mulation of the compound given the following information: 

T1 i+ {aq) + 2e“ -+T1 + (aq) E e = +1.25V 

I f(aq) + 2e“ -+3 I 2 {aq) E e = +0.55 V 

Why would this formulation be expected? 
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17.58 Refer to the discussion of chlorine monoxide in 
Section 17.8. Sum together the reaction steps for the ozone 
destruction process and write the overall reaction. Identify 
catalytic and intermediate species. 

17.59 The ion I(N 3 )“ is known. 

(a) Why should the existence of this ion be expected? 

(b) Deduce whether the electronegativity of the 
azide unit is higher or lower than that of iodine. 

(c) Deduce the geometry of the azide units about 
the iodine atom. 

(d) Suggest how the ion was stabilized. 

17.60 The standard enthalpy of formation of gaseous 
iodine monochloride is +18 kJ-mol _1 . 

(a) Write a balanced chemical equation for the 
process. 

(b) Using Cl—Cl and I—I bond energy data 
(Appendix 3) and the enthalpy of sublimation of 


diiodine (62 kJ-mol _1 ), calculate the I—Cl bond 
energy. 

(c) If the standard free energy of formation is 
-5 kJ-mol _1 , calculate the entropy change for the 
reaction. Why would you expect the value to have 
the sign that it does (two reasons)? 

17.61 (a) Chlorine trifluoride reacts with boron trifluo¬ 
ride to give an ionic product in which the chlorine is 
in the polyatomic cation. Write a chemical equation 
for the reaction. 

(b) Chlorine trifluoride reacts with potassium fluo¬ 
ride to give an ionic product in which the chlorine is 
in the polyatomic cation. Write a chemical equation 
for the reaction. 

(c) Comment on the difference in reactions. 


ADDITIONAL RESOURCES 

For answers to odd-numbered questions: www.whfreeman.com/descriptive5e 

, <A0Cq 

For accompanying video clips: www.whfreeman.com/descriptive5e 
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CHAPTER 18 


The Group 18 Elements: 
The Noble Gases 



The noble gases make up the least reactive group in the periodic table. In fact, 
xenon is the only noble gas to form a wide range of compounds-and then 
only with highly electronegative elements. It is doubtful that stable chemical 
compounds will ever be made of helium and neon. 
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A lthough as early as 1785 it had been noted that something else 
was in air besides oxygen and nitrogen, it was not until 100 years 
later that Sir William Ramsay showed that this other gas produced a 
previously unknown spectrum when an electric discharge was passed 
through it. Because every element has a unique spectrum, the gas pro¬ 
ducing the new spectrum had to be a new element. He named it argon, 
from the Greek word for “lazy,” because of its unreactive nature, and 
he suggested that it might be the first member of a new group in the 
periodic table. 

In fact, one other element in this group—helium—had already been 
discovered in 1868, but not on Earth. Observations of the spectrum 
of the Sun had shown some lines that did not belong to any element 
known at that time. The new element was named helium, the first part 
of the name indicating that it was first discovered in the Sun (Greek, 
helios) and the ending indicating that it was expected to be a metal. 
The element was first isolated on Earth in 1894 from uranium ores, 
and a few years later, it was realized that helium is produced during the 
radioactive decay of uranium and its daughter elements. In 1926 it was 
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suggested that the name of the element be changed to helion to indicate that it 
was not a metal, but by that time the former name was too well established. 

Every one of the noble gases was first identified by its unique emission 
spectrum. Hence, it was really physical chemists rather than inorganic chemists 
who founded the study of this group of elements. 


18.1 Group Trends 


All the elements in Group 18 are colorless, odorless, monatomic gases at room 
temperature. They neither burn nor support combustion; in fact, they make up 
the least reactive group in the periodic table. The very low melting and boiling 
points of the noble gases indicate that the dispersion forces holding the atoms 
together in the solid and liquid phases are very weak. The trend in the melting 
and boiling points, shown in Table 18.1, corresponds to the increasing number 
of electrons and, hence, greater polarizability. 


TABLE 18.1 

Melting and boiling points of the noble gases 


Noble gas 

Melting point (°C) 

Boiling point (°C) 

Number of electrons 

He 

— 

-269 

2 

Ne 

-249 

-245 

10 

Ar 

-189 

-186 

18 

Kr 

-157 

-152 

36 

Xe 

-112 

-109 

54 

Rn 

-71 

-62 

86 


Because the elements are all monatomic gases, there is a well-behaved 
trend in densities at the same pressure and temperature. The trend is a simple 
reflection of the increase in molar mass (Table 18.2). Air has a density of about 
1.3 g*L _1 ; so, relative to air, helium has an extremely low density. Conversely, 
radon is among the densest of gases at SATP. 


TABLE 18.2 1 

Densities of the noble gases (at SATP) 

Noble gas 

Density (g-L ') 

Molar mass (g-mol *) 

He 

0.2 

4 

Ne 

1.0 

20 

Ar 

1.9 

39 

Kr 

4.1 

84 

Xe 

6.4 

131 

Rn 

10.6 

222 
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As we discussed in Chapter 10, Section 10.6, until 1962, the only known species 
involving the noble gases were the clathrates, in which the noble gas atoms are 
trapped within ice cages. These clathrates have now become of interest again to 
explain why the atmosphere of Saturn’s moon Titan lacks the krypton and xenon 
that should be present from the forming of this large moon. Cosmochemists cur¬ 
rently think that these gases have been trapped within ice clathrates on the moon’s 
surface ever since the solar system formed and the moon’s surface cooled. 

To date, chemical compounds have been isolated at room temperature for 
only the three heaviest members of the group: krypton, xenon, and radon. Few 
compounds of krypton are known, whereas xenon has an extensive chemistry. 
The study of radon chemistry is very difficult because all the isotopes of radon 
are highly radioactive. 

18.2 Unique Features of Flelium 

Helium is still a liquid at the lowest temperatures we can reach. In fact, even at a 
temperature of 1.0 K, a pressure of about 2.5 MPa is required to cause it to solidify. 
However, liquid helium is an amazing substance. At a pressure of 100 kPa, the gas 
condenses at 4.2 K to form an ordinary liquid (referred to as helium I), but when 
cooled below 2.2 K, the properties of the liquid (now helium II) are dramatically 
different. For example, helium II is an incredibly good thermal conductor, 10 6 times 
greater than helium I and much better than even silver, the best metallic conductor 
at room temperature. Even more amazing, its viscosity drops to close to 0. When 
helium II is placed in an open container, it literally “climbs the walls” and runs out 
over the edges. These and many other bizarre phenomena exhibited by helium II 
are best interpreted in terms of quantum behavior in the lowest-possible energy 
states of the element. A full discussion is in the realm of quantum physics. 

18.3 Uses of the Noble Gases 


All the stable noble gases are found in the atmosphere, although only argon is 
present in a high proportion (Table 18.3). Helium is found in high concentrations 
in some underground natural gas deposits, where it has been accumulating from 



Abundance of the noble gases 
in the dry atmosphere 


Noble gas 


Abundance (% by moles) 


He 

Ne 

Ar 

Kr 

Xe 

Rn 


0.000 52 
0.001 5 
0.93 


0.000 11 
0.000 008 7 
Trace 
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the decay of radioactive elements in the Earth’s crust. As a result of the low 
molecular mass and hence high average velocity of the helium molecules, at¬ 
mospheric helium is rapidly lost into space. Gas reservoirs in the southwestern 
United States are among the largest in the world, and the United States is the 
world’s largest producer of helium. In fact, the discovery of the deposits in the 
1920s caused the price of helium gas to drop from $88 per liter (1915) to $0.05 
per liter (1926). 

Because it is the gas with the second-lowest density (dihydrogen having 
the lowest), helium is used to fill balloons. Dihydrogen would provide more 
“lift,” but its flammability is a major disadvantage. Almost everyone has 
heard of the Hindenburg disaster, the burning of a transatlantic airship in 
1937. Yet few are aware that the airship was designed to use helium. When 
the National Socialist Party came to power in Germany in the 1930s, the 
U.S. government placed an embargo on helium shipments to Germany, fear¬ 
ing that the gas would be used for military purposes. Thus, when the airship 
was completed, dihydrogen had to be used. However, there is considerable 
evidence now that hydrogen was not the cause of the disaster and that it 
was, in fact, the aluminum flakes in the varnish of the skin of the airship that 
caught fire. 

Today, the public thinks of airships solely in their advertising role. However, 
they have also been used as long-endurance flying radar posts by the U.S. Coast 
Guard to identify illegal drug-carrying flights. An airship has also been used to 
study the upper canopy of the rain forest in the Amazon basin, a vital task that 
would be very difficult to do by any other means. Using modern technology, 
new designs of airships are being constructed for a variety of tasks, such as 
ecotourism and heavy lifting. 

Helium is used in deep-sea-diving gas mixtures as a replacement for the 
more blood-soluble nitrogen gas in air. The velocity of sound is much greater 
in low-density helium than in air. As many people know, this property gives 
breathers of helium “Mickey Mouse” voices. It should be added that the 
combination of dry helium gas and the higher frequency of vibrations in the 
larynx can cause voice damage to those who frequently indulge in the gas 
for fun. 

Of great scientific importance, liquid helium is commonly used to cool 
scientific apparatus close to 0 K. Many pieces of equipment use supercon¬ 
ducting magnets to obtain very high magnetic fields, but at present the coils 
only become superconducting at extremely low temperatures. 

All the other noble gases are obtained as by-products of the production of 
dioxygen and dinitrogen from air. Some argon also is obtained from industrial 
ammonia synthesis, where it accumulates during the recycling of the unused 
atmospheric gases. Argon production is quite large, approaching 10 6 tonnes 
per year. Its major use is as an inert atmosphere for high-temperature metal¬ 
lurgical processes. Argon and helium are both used as an inert atmosphere in 
welding; neon, argon, krypton, and xenon are used to provide different colors 
in “neon” lights. 


18.4 A Brief History of Noble Gas Compounds 
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The denser noble gases, particularly argon, have been used to fill the air 
space between the glass layers of thermal insulating windows. This use is based 
on the low thermal conductivities of these gases; for example, that of argon 
at 0°C is 0.017 J*s _1 *m _1 *K _1 . Dry air at the same temperature has a thermal 
conductivity of 0.024 J*s _1 *m _1 *K _1 . 

The high abundance of argon in the atmosphere is a result of the radio¬ 
active decay of potassium-40, the naturally occurring radioactive isotope of 
potassium. As mentioned in Chapter 11, Section 11.6, this isotope has two 
decay pathways, one of which involves the capture of a core electron to form 
argon-40: 

40tv- _i_ 0 _.40 a 

19JX -t- _^e —> i8^r 


18.4 A Brief History of Noble Gas Compounds 


The story of the discovery of the noble gas compounds has become part of the 
folklore of inorganic chemistry. Unfortunately, as with most folklore, the “true” 
story has been buried by myth. It was in 1924 that the German chemist Andreas 
von Antropoff made the suggestion that is obvious to us today: because they 
have eight electrons in their valence level, the noble gases could form com¬ 
pounds with up to eight covalent bonds. Following that, in 1933 American 
chemist Linus Pauling predicted the formulas of some possible noble gas com¬ 
pounds, such as oxides and fluorides. Two chemists at Caltech, Don Yost and 
Albert Kaye, set out to make compounds of xenon and fluorine. At the time, 
they thought they had been unsuccessful, but there is evidence that they did, in 
fact, make the first noble gas compound. 

It was only after Yost and Kaye’s admitted failure that the myth of the in¬ 
ertness of the noble gases spread. The “full octet” was claimed to be the reason, 
even though every inorganic chemist knew that many compounds involving 
nonmetals beyond the second period violate this “rule.” So things remained, 
with this dogma being accepted by generation after generation of chemistry 
students, until the upsurge in interest in inorganic chemistry in the 1960s. It 
was Neil Bartlett, working at the University of British Columbia, who then ap¬ 
proached the problem from a different direction in 1962. 

Bartlett had been working with platinum(VI) fluoride, which he found 
was such a strong oxidizing agent that it oxidized dioxygen gas to form the 
compound 0 2 + PtF 6 _ . While teaching a first-year chemistry class, he noticed 
that the first ionization energy of xenon was almost identical to that of the 
dioxygen molecule. Despite the skepticism of his colleagues and students, 
he managed to synthesize an orange-yellow compound that he claimed was 
Xe + PtF 6 _ . This reaction was the first proven formation of a compound of a 
noble gas. However, the compound did not have this simplistic formula, and 
it is now believed to have been a mixture of compounds that contained the 
XeF + ion. 
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Is It Possible to Make Compounds of the Early Noble Gases? 


* SB a 

* ac +* 

W hy are there no chemical compounds of helium, 
neon, or argon? In fact, this statement is not quite 
correct. The gas-phase ion HeH + was first synthesized in 
1925. However, it is true to say that no isolable stable com¬ 
pound of the early noble gases has been synthesized so far. 

The known chemistry of krypton might be a guide to 
the potential chemistry of argon. The only known binary 
compound of krypton is krypton difluoride, formed by 
the reaction of krypton and fluorine in ultraviolet light 
at — 196°C. The compound decomposes at about -20°C. 
Krypton difluoride is an extremely strong oxidizing 
agent. For example, it will oxidize/fluorinate metallic 
gold to give (KrF) + [AuF 6 ]“.The fluorokrypton cation is 
quite stable and will undergo reactions as a Lewis acid. 
Theoretical calculations have shown that the binding en¬ 
ergy of the analogous fluoroargon cation should be similar 
and that (ArF) + [AuF 6 ]“ and similar compounds with 
large hexafluoroanions should be capable of existence. 
The challenge is to find a synthetic route. 


At the time of writing, one argon compound has been 
synthesized and conclusively identified, HArF. It was 
formed by irradiating a mixture of argon and hydrogen 
fluoride at about -255°C. Infrared spectroscopy was used 
to show that H—Ar and Ar—F covalent bonds indeed 
were formed. Unfortunately, the compound decomposes 
above -245°C. Nevertheless, this first step shows that argon 
chemistry may be possible. 

Will stable compounds of helium and neon ever be 
made? Theoretical calculations show that HHeF might 
be more likely to form than HNeF, because the helium 
atom is small enough that a three-center bond might be 
formed over the three atoms. However, the difficulty will 
be in finding a reaction pathway. There is a strong pos¬ 
sibility that room-temperature-stable helium and neon 
compounds wifi never be made. However, in chemistry, 
one should never say never. 


Unknown to Bartlett, Rudolf Hoppe, in Germany, had for some years 
been working with enthalpy cycles, and he had come to the conclusion that, on 
thermodynamic grounds, xenon fluorides should exist. By passing an electric 
discharge through a mixture of xenon and difluorine, he was able to prepare 
xenon difluoride. Unfortunately for Hoppe, this discovery came a few weeks after 
Bartlett’s discovery. Since then, the field of noble gas chemistry has blossomed. 
Xenon is the sole noble gas to form a rich diversity of compounds and then only 
with electronegative elements, such as fluorine, oxygen, and nitrogen. 

18.5 Xenon Fluorides 


Xenon forms three fluorides: 

Xe(g) + F 2 (g)^XeF 2 (v) 

Xe(g) + 2F 2 (g)^XeF 4 (v) 

Xe(g) + 3F 2 (g)^XeF 6 (v) 

The product depends on the mole ratios of the reactants and on the exact reac¬ 
tion conditions of temperature and pressure, although very high partial pressures 
of difluorine are needed to form the xenon hexafluoride. 

All three xenon fluorides are white solids and are stable with respect to 
dissociation into elements at ordinary temperatures; that is, they have nega¬ 
tive free energies of formation at 25°C. As noted earlier, it is not necessary to 
invoke any novel concepts to explain the bonding; in fact, the three compounds 
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TABLE 18.4 

Isoelectronic xenon halides and iodine 
polyfluoride anions 

Number of 
electron pairs 

Xenon 

halides 

Iodine polyfluoride 
anions 

5 

XeF 2 

if 2 - 

6 

XeF 4 

if 4 - 

7 

XeF 6 

IF«- 


are isoelectronic with well-established iodine polyfluoride anions. Table 18.4 
shows the formulas of the compounds and the number of electron pairs around 
the central atom. 

The shapes of xenon difluoride and tetrafluoride are exactly those predicted 
from simple VSEPR theory (Figure 18.1). Xenon hexafluoride, with six bond¬ 
ing pairs and one lone pair around the xenon atom, might be expected to adopt 
some form of pentagonal bipyramid like iodine heptafluoride. As discussed 
in Chapter 3, Section 3.9, there are three possible arrangements: pentagonal 
bipyramid, capped trigonal prism, and capped octahedron. The structural stud¬ 
ies of xenon hexafluoride in the gas phase indicate that it adopts the capped 
octahedral arrangement (Figure 18.2). 

What is the driving force in the formation of the xenon fluorides? Let us take 
xenon tetrafluoride as an example. If we look at the equation for the formation 
of the compound from its elements, we see that the entropy change must be 
negative, considering that 1 mole of solid is being formed from 3 moles of gas: 

Xe(g) + 2F 2 (g)->XeF 4 (5) 


F 



F 


(a) (b) 

FIGURE 18.1 Shape of ( a ) xenon 
difluoride; (b) xenon tetrafluoride. 


fv-4 

Nk" 

F . F 

FIGURE 18.2 Probable capped 
octahedral structure of xenon 
hexafluoride in the gas phase. 


The negative free energy must therefore result from a negative enthalpy 
change—an exothermic reaction. Figure 18.3 shows the enthalpy cycle for the 
formation of this compound from its elements. In the cycle, 2 moles of difluorine 


Xe(g) + 4 F(g) 


+316 kj 


Xe(g) + 2 F 2 (g) 


-277 k] 


XeF 4 (g) 


V XeF 4 (s) 


■532 kj 


FIGURE 18.3 Enthalpy cycle 
for the formation of xenon 
tetrafluoride. 


-62 kj 
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are dissociated into atoms, then 4 moles of xenon-fluorine bonds are formed, 
followed by solidification of the product. The stability of this compound clearly 
depends on the moderately high Xe—F bond energy and the low dissociation 
energy of the fluorine molecule. 

All the fluorides hydrolyze in water; for example, xenon difluoride is reduced 
to xenon gas: 

2 XeF 2 (s) + 2 H 2 0(/) —» 2 Xe(g) + 0 2 (g) + 4HF(Z) 

Xenon hexafluoride is first hydrolyzed to xenon oxide tetrafluoride, XeOF 4 , 
which in turn is hydrolyzed to xenon trioxide: 

XeF 6 (s) + H 2 0(/) —»XeOF 4 (/) + 2HF(/) 

XeOF 4 (/) + 2H 2 0(/)^Xe0 3 (s) + 4HF(Z) 

The fluorides are strong fluorinating agents. For example, xenon difluoride can 
be used to fluorinate double bonds in organic compounds. It is a very “clean” 
fluorinating agent, in that the inert xenon gas can be easily separated from the 
required product: 

XeF 2 (s) + CH 2 =CH 2 (g) —» CH 2 F CH 2 F(g) + Xe(g) 

Furthermore, a fluoride in which the other element is in its highest possible 
oxidation state can be produced by using xenon fluorides as reagents. Thus, 
xenon tetrafluoride will oxidize sulfur tetrafluoride to sulfur hexafluoride: 

XeF 4 (s) + 2 SF 4 (g) —> 2 SF 6 (g) + Xe(g) 

18.6 Xenon Oxides 



o 


FIGURE 18.4 A possible 
representation of the bonding in 
the xenon trioxide molecule. 


Xenon forms two common oxides: xenon trioxide and xenon tetroxide. As 
mentioned in Chapter 16, Section 16.4, oxygen usually “brings out” a higher 
oxidation number of an element than does fluorine, and with xenon, this is 
certainly the case. 

Xenon trioxide is a colorless, deliquescent solid that is quite explosive. The 
oxide is an extremely strong oxidizing agent, although its reactions are often 
kinetically slow. Because of its lone pair, it is a trigonal pyramidal molecule, 
as predicted by VSEPR theory (Figure 18.4). The bond length indicates that, 
as discussed before for silicon, phosphorus, and sulfur, there is some degree of 
multiple bonding. 

Xenon trioxide reacts with dilute base to give the hydrogen xenate ion, 
HXe0 4 - . However, this ion is not stable, and disproportionation to xenon gas 
and the perxenate ion, Xe0 6 4- , occurs: 

XeO 3 (s) + OH"(^) —»HXe0 4 _ (ag) 

2 Xe0 4 - (ag) + OH~ (aq) ^Xe0 6 4 “(a<?) + Xe(g) + 0 2 (g) + 2H 2 0(Z) 

Alkali and alkaline earth metal salts of the perxenate ion (isoelectronic with 
the periodiate ion, I0 6 5- ) can be crystallized; they are all colorless, stable 
solids. In the perxenate ion, the xenon is surrounded by the six oxygen 
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atoms in an octahedral arrangement. Perxenates are among the most powerful oxi¬ 
dizing agents known, which is not really surprising considering that the xenon is in 
the formal oxidation state of +8. For example, they rapidly oxidize manganese(II) 
ion to permanganate, themselves being reduced to the hydrogen xenate ion: 

Xe0 6 4 “(a<7) + 5H + (ag) + 2e~ ^HXe0 4 “(<?<?) + 2H 2 0(/) 

4H 2 0(Q + Mn 2+ (aq) —> Mn0 4 ~~ (aq) + 8H» + 5 e" 

Xenon tetroxide is prepared by adding concentrated sulfuric acid to solid barium 
perxenate: 

Ba 2 Xe0 6 (s) + 2 U 2 S0 4 (aq) ->2 BaS0 4 (s) + Xe0 4 (g) + 2H 2 0(/) 

This oxide, also with xenon in the oxidation state of +8, is an explosive gas. Its 
structure has been shown to be tetrahedral (Figure 18.5), a geometry expected 
from VSEPR arguments. 

It is possible that xenon tetroxide exists deep within the Earth. For decades, 
geochemists and atmospheric chemists have sought an explanation for the low 
level of xenon in the atmosphere (the “xenon deficit”). It has been postulated 
that some of the xenon formed by radioactive decay within the Earth, instead of 
diffusing to the surface, has substituted for silicon in the tetrahedrally bonded 
silicate structures under the extreme temperatures and pressures within the 
Earth’s crust. By experiment under extreme conditions, reaction of xenon with 
silicates and silicon dioxide has indeed been shown to occur. 


18.7 Other Noble Gas Compounds 

Finding compounds of noble gases with elements other than fluorine and oxygen 
has become close to an obsession with chemists. The noble gases seem to favor 
bonds with high electronegativity atoms or groups. Up to now, there does not 
to seem to be any systematic patterns among the stable compounds. For xenon, 
the most interesting ion is the quite stable (C 6 F 5 Xe) + cation (Figure 18.6), of 
which several stable salts have been synthesized. 

For krypton, the most interesting compound contains a nitrogen-krypton 
bond. It is the fhioro(hydrocyano)krypton(II) ion, (H—C=N—Kr—F) + .This 
cation has been stabilized by the large [AsF 6 ]“ anion. 


18.8 Biological Aspects 


None of the noble gases have any positive biological functions. Radon, however, 
has been in the news because it accumulates inside buildings. The radiation 
it releases as it decays may be a significant health hazard. Radon isotopes are 
produced during the decay of uranium and thorium. Only one isotope, radon-222, 
has a half-life long enough (3.8 days) to cause major problems, and this particular 
isotope is produced in the decay of uranium-238. This process is happening con¬ 
tinuously in the rocks and soils, and the radon produced normally escapes into 
the atmosphere. 


O 



O 


FIGURE 18.5 A possible 
representation of the bonding in 
the xenon tetroxide molecule. 



F F 


FIGURE 18.6 Shape of the 

(C 6 F 5 Xe) + ion. 
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However, the radon formed beneath dwellings permeates through cracks in 
concrete floors and basement walls, a process that is enhanced when the pressure 
inside the house is lower than the external value. This pressure differential occurs 
when ventilation fans, clothes dryers, and other mechanical devices pump air out 
of the house. Furthermore, our concern about saving energy has prompted us 
to build houses that are more airtight, thereby preventing exchange of radon- 
rich interior air with exterior fresh air. For existing homes, two approaches are 
used. First, the basement is vented continuously. Second, it is possible to install 
drain tile under the basement floor and tie that into an exterior ventilation fan. 
Because the latter design is done outside the ventilation “envelope” of the house, 
it is more energy efficient. 

It is not actually the radon that is the problem but the solid radioactive 
isotopes produced by its subsequent decay, such as polonium-218. These solid 
particles attach themselves to lung tissue, subsequently irradiating it with 
a-particles (helium nuclei) and (3-particles (electrons), disrupting the cells and 
even initiating lung cancer. 

Awareness of the problem arose from an incident at the Limerick Nuclear 
Generating Station in Pennsylvania. When leaving such an installation, work¬ 
ers have to pass through a radiation detector to ensure that they have not be¬ 
come contaminated with radioactive materials. By accident, one of the workers, 
Stanley Watras, entered the plant through the detector, setting it off. Investiga¬ 
tors were puzzled until they checked his house, which showed very high levels 
of radiation, to which he and his family were constantly being exposed. The 
radiation was a result of enormous levels of radon and its decay products leaking 
into the house from a vein of uranium-bearing ore that lay under the house. 

There is clear evidence that exposure to high levels of radon does increase 
the probability of lung cancer. The concentration of radon at which significant 
hazard exists is still under debate. Certainly, cigarette smoking presents a far 
greater hazard than radon exposure for the average person. However, investi¬ 
gators have discovered houses where the radiation levels are about 100 times 
greater than normal. Usually these houses are built over geologic deposits that 
produce high levels of radon. A home can be checked for radon by a certified 
technician or testing process, but a properly ventilated house is always advis¬ 
able not only to prevent possible radon accumulation but also more generally 
to flush out continuously all the air pollutants that are present in most modern 
well-sealed houses and offices. 

18.9 Element Reaction Flowchart 


Below is a flowchart for xenon, the only noble gas with a significant chemistry. 


XeL 


XeF 


v2F ? 


Xs F ? 


H ? 0 


H 7 0 


Xe XeF 6 XeOF 4 -^-Xe0 3 


OH - 


►HXeO, 


OH - 


► XeQ 6 4- 


Ba 2+ ^ _ H 2 S0 4 _ _ 

-►Ba 2 Xe05-^ Xe0 4 
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KEY IDEAS 

• No stable chemical compounds of helium or neon have • The three fluorides of xenon are strong fluorinating agents, 

yet been synthesized. . ^ two oxides of xenon are strong oxidizing agents. 

EXERCISES 


18.1 Write balanced chemical equations for the following 
chemical reactions: 

(a) xenon with difluorine in a 1:2 mole ratio; 

(b) xenon tetrafluoride with phosphorus trifluoride. 

18.2 Write balanced chemical equations for the following 
chemical reactions: 

(a) xenon difluoride with water; 

(b) solid barium perxenate with sulfuric acid. 

18.3 Describe the trends in the physical properties of the 
noble gases. 

18.4 Why is argon (thermal conductivity 0.017 
J-s -1 -m -1 *K -1 at 0°C) more commonly used as a thermal 
insulation layer in glass windows than xenon (thermal con- 
ductivity 0.005 J-s _1 -m _1 -K _1 at 0°C)? 

18.5 What are the unusual features of liquid helium? 

18.6 Why would we expect noble gas compounds to exist? 

18.7 A bright green ion, Xe 2 + , has been identified. Suggest 
the bond order for this ion, showing your reasoning. 

18.8 Bartlett’s noble gas compound is now known to con¬ 
tain the XeF + ion. Construct the electron-dot formula for 
this ion. By comparison with interhalogen chemistry, would 
this ion be predicted to exist? 

18.9 What are the key thermodynamic factors in the for¬ 
mation of xenon-fluorine compounds? 

18.10 For the formation of xenon tetrafluoride, A Gf = 
-121.3 kJ-mol -1 and A Hf = -261.5 kJ-mol -1 . Determine 
the value for the standard entropy of formation of this com¬ 
pound. Why do you expect the sign of the entropy change 
to be negative? 

18.11 Estimate the enthalpy of formation of xenon tetra¬ 
chloride from the following data: bond energy (Xe—Cl) 
[estimated] = 86 kJ-mol -1 ; enthalpy of sublimation of 


solid xenon tetrachloride [estimated] = 60 kJ-mol -1 . 
Obtain any other required data from the data tables in the 
appendices. 

18.12 One of the few krypton compounds known is krypton 
difluoride, KrF 2 . Calculate the enthalpy of formation of this 
compound using the data in the appendices (the Kr—F 
bond energy is 50 kJ-mol -1 ). 

18.13 Construct an electron-dot structure for XeOF 4 with 
a xenon-oxygen (a) single bond; (b) double bond. Decide 
which is more significant on the basis of formal charge. 

18.14 Determine the shapes of the following ions: (a) XeF 3 + ; 
(b) XeF 5 + ; (c) Xe0 6 4 . 

18.15 Determine the oxidation number of xenon in each 
of the compounds in Exercise 18.14. 

18.16 Which of the noble gases would you choose as 

(a) the lowest-temperature liquid refrigerant? 

(b) the least expensive inert atmosphere? 

(c) an electric discharge light source requiring a 
safe gas with the lowest ionization energy? 

18.17 It is possible to prepare a series of compounds of 
formula MXeF 7 , where M is an alkali metal ion. Which 
alkali metal ion should be used in order to prepare the 
most stable compound? 

18.18 Suggest an explanation why xenon forms compounds 
with oxygen in the + 8 oxidation state but with fluorine only 
up to an oxidation state of + 6 . 

18.19 Write a balanced chemical equation for the reaction 
of krypton difluoride with gold to give (KrF) + [AuF 6 ] - . 

18.20 Briefly discuss why radon is a health hazard. 

18.21 Write balanced chemical equations corresponding 
to each transformation in the element reaction flowchart 
for xenon (page 496). 


BEYOND THE BASICS 

18.22 Why is XeCl 2 likely to be much less stable than XeF 2 ? 

18.23 Xenon difluoride reacts with antimony pentafluo- 
ride, SbF 5 , to give an electrically conducting solution. Write 
a chemical equation for the reaction. 


18.24 The reduction potential for the H 4 Xe0 6 (a^)/ 
XeO 2 >{aq) reduction half-reaction is +2.3 V, whereas that 
for the XeO 3 (aq)/Xe(g) reduction half-reaction is +1.8 V. 
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Calculate a value for the half-cell potential of 

8 H + (aq) + H 4 XeO 6 (aq) + 8 e" ^Xe(g) + 6 H 2 0(/) 

18.25 The fact that argon difluoride has not been prepared 
despite strenuous efforts suggests that the argon-fluorine 


bond must be very weak. Use a theoretical enthalpy cycle to 
determine an approximate maximum value that the Ar—F 
bond energy could have. Do entropy factors favor or oppose 
the formation of argon difluoride? Give your reasoning. 


ADDITIONAL RESOURCES 

For answers to odd-numbered questions: www.whfreeman.com/descriptive5e 



CHAPTER 19 


Transition Metal Complexes 


An obvious feature of the transition metals is the enormous number of 
compounds. We will see the ways in which transition metals can form this galaxy 
of compounds, introduce the naming system used for them, and discuss the 
modern theories of bonding that are used to explain their diversity. In addition, 
we will revisit hard-soft acid-base concepts in the context of transition metal 
compounds. 


T he transition metals have always held a special interest for inorganic 
chemists. Whereas the compounds of the main group metals are 
almost always white, the transition metal compounds come in every color 
of the rainbow. Chemists were fascinated by the fact that it was some¬ 
times possible to make compounds of the same formula but in different 
colors. For example, chromium(III) chloride hexahydrate, CrCl 3 ‘6H 2 0, 
can be synthesized in purple, pale green, and dark green forms. 

The initial explanation for this variety was that, like organic com¬ 
pounds, the components of the transition metal compounds were 
strung out in chains. It was the Swiss chemist Alfred Werner who, dur¬ 
ing a restless night in 1893, proposed that the metal ion was central 
and surrounded by the other ions and molecules. This novel theory 
was accepted in Germany, but it received a hostile reception in the 
English-speaking world. 

Over the next eight years, Werner and his students prepared sev¬ 
eral series of transition metal compounds, searching for proof of his 
theory. As more and more evidence accumulated, the opposition disin¬ 
tegrated, and he was awarded the Nobel Prize in Chemistry in 1913 in 
recognition of his contribution. Although Werner deserved the credit 
for devising this theory, we must always keep in mind that the toil at 
the research bench was done mainly by his research students. In par¬ 
ticular, one of the most crucial pieces of evidence was established by a 
young British student, Edith Humphrey. 
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Although some people use the terms d-block elements and transition 
metals interchangeably, this is not strictly correct. Inorganic chemists 
generally restrict the term transition metal to an element that has at 
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least one simple ion with an incomplete outer set of d electrons. For example, 
chromium has two common oxidation states (plus several other less common 
ones).The +3 oxidation state has a partially filled d set even though the +6 state 
has an empty d set. Thus, chromium is considered to be a transition metal. 


Atom Electron configuration 

Ion Electron configuration 

Cr [Ar]4 l s ,1 3J 5 

Cr 3+ [Ar]3fi 3 


Cr 6+ [Ar] 




On the other hand, the only common oxidation state of scandium is +3. 
Because this state has an empty d set, scandium (and the other members of 
Group 3) is excluded from the transition metal designation. In fact, as we men¬ 
tioned in Chapter 9, Section 9.5, scandium closely resembles the main group 
metal aluminum in its chemical behavior. The Group 3 elements also resemble 
the 4/-block elements in their chemistry and hence are discussed together with 
them in Chapter 24. 


Atom 

Electron configuration 

Ion 

Electron configuration 

Sc 

[Ar]4^ 2 3(i 1 

Sc 3+ 

[Ar] 


At the other end of the d block, we have to consider the elements that 
retain a full d set in their oxidation states. The Group 12 elements—zinc, cad¬ 
mium, and mercury—fit this category. Their common oxidation state is +2. 
Thus, these elements are not considered as transition metals. For this reason, 
the Group 12 elements are covered in a separate chapter—Chapter 22. 


Atom 

Electron configuration 

Ion 

Electron configuration 

Zn 

[Ar]4s 2 3d 10 

Zn 2+ 

[Ar]3 d w 


The elements from rutherfordium (element 104) to roentgenium (ele¬ 
ment 111) are also transition metals. However, because they are all short-lived 
radioactive elements, it is common to discuss them together with the actinoid 
metals (see Chapter 24). To summarize, the elements commonly considered as 
transition metals are shown in Figure 19.1. 

19.2 Introduction to Transition Metal Complexes 

We rarely encounter a “naked” transition metal ion, because the ion is usually 
covalently bonded to other ions or molecules. These groupings are called metal 
complexes, and it is the number and diversity of the metal complexes that pro¬ 
vide the wealth of transition metal chemistry. 

It was Alfred Werner’s proposal that metal ions had not only a particular value 
of charge but also some characteristic “combining power.” That is, there is a 
specific number of molecules or ions with which a transition metal will combine. 
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FIGURE 19.1 A periodic table with the elements usually defined as transition metals, 
shown in dark blue, and corresponding postactinoid transition metals, in light blue. 


We now refer to this number (or numbers) as the coordination number(s) of 
the metal ion, and it is usually 4 or 6. The molecules or ions that are covalently 
bonded to the central metal ion are called ligands. 

One of the best illustrations of the concept is shown by the series of com¬ 
pounds that can be prepared from platinum(II) and ammonia, chloride ions, 
and potassium ions. These compounds are shown in Table 19.1. The key to un¬ 
derstanding this multiplicity of compounds was provided by measurements of 
the electrical conductivity of their solutions and by gravimetric analysis using 
silver nitrate solution. Thus, the presence of three ions in solution and 2 moles 
of precipitating silver chloride in the first case can only be explained if the 
two chloride ions are not covalently bonded to the platinum. In the second 
complex, the presence of two ions and only 1 mole of free chloride ion that can 
be precipitated as silver chloride shows that only one chloride ion is ionic and 
that the other must be part of the coordination sphere of the platinum. Similar 
arguments can be made for the other compounds. 


TABLE 19.1 1 

Formulas and structures of a series of platinum(ll) complexes 

Composition 

Number of ions 

Modern formulation 

PtCl 2 -4NH 3 

3 

[Pt(NH 3 ) 4 ]Cl 2 

PtCl 2 *3NH 3 

2 

[PtCl(NH 3 ) 3 ]Cl 

PtCl 2 *2NH 3 

0 

[PtCl 2 (NH 3 ) 2 ] (two forms) 

KPtCl 3 *NH 3 

2 

K[PtCl 3 (NH 3 )] 

K 2 PtCl 4 

3 

K 2 [PtCl 4 ] 
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The bonding theories will be introduced in Section 19.6, but for the moment we 
can consider complex formation to be the result of coordinate covalent bond for¬ 
mation, the metal ion acting as a Lewis acid and the ligands acting as Lewis bases. 
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19.3 Stereochemistries 


Transition metal complexes have a wide range of shapes. With four ligands, 
there are two alternatives: tetrahedral and square planar. Tetrahedra are more 
common in Period 4 transition metals, and square planar complexes are more 
prevalent among Periods 5 and 6. Figure 19.2a shows the tetrahedral geom¬ 
etry of the tetrachlorocobaltate(II) ion, [CoCl 4 ] 2- , and Figure 19.2 b shows the 
square planar configuration of the tetrachloroplatinate(II) ion, [PtCl 4 ] 2- . 

There are few simple complexes with five ligands, but it is interesting to 
find that, like the four-ligand situation, these complexes have two stereochem¬ 
istries: trigonal bipyramidal, like the main group compounds, and square-based 
pyramidal (Figure 19.3). The energy difference between these two configura¬ 
tions must be very small, because the pentachlorocuprate(II) ion, [CuCl 5 ] 3- , 
adopts both structures in the solid phase, the preference depending on the 
identity of the cation. 


Cl 

Co 

2- 

CL_ „C1 

ci<a "ci 

- 109|°C1 


c^VoC'Ci 

(a) 


(b) 


FIGURE 19.2 (a) The tetrahedral 
tetrachlorocobaltate(ll) ion and (b) the square 
planar tetrachloroplatinate(ll) ion. 
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FIGURE 19.3 The two stereochemical 
arrangements of the pentachlorocuprate(ll) ion: 
(a) trigonal bipyramid and (5) square-based 
pyramid. 


The most common number of simple ligands is six, and almost all of these 
complexes adopt the octahedral arrangement. This configuration is shown in 
Figure 19.4 for the hexafluorocobaltate(IV) ion, [CoF 6 ] 2_ . Cobalt compounds 
usually have cobalt oxidation states of +2 and +3; thus, as we discussed in 
Chapter 17, Section 17.2, it is fluoride that has to be used to attain the unusual 
higher oxidation state of +4. 

FIGURE 19.4 The octahedral 
hexafluorocobaltate(IV) ion. Ligands 

As mentioned earlier, the atoms, molecules, or ions attached to the metal ion 
are called ligands. For most ligands, such as water or chloride ion, each occu¬ 
pies one coordination site. These species are known as monodentate ligands 
(from the Greek word meaning “one-toothed”). 

There are several molecules and ions that take up two bonding sites; common 
examples are the 1,2-diaminoethane molecule, F[ 2 NCFt 2 CFI 2 NF[ 2 (commonly 
called ethylenediamine and abbreviated “en”), and the oxalate ion, _ 0 2 CC0 2 _ . 
Such groups are called bidentate ligands (Figure 19.5). 
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FIGURE 19.5 (a) The 1,2- 
diaminoethane molecule, 
H 2 NCH 2 CH 2 NH 2 , and (b) the 
oxalate ion, ”0 2 CC0 2 ”. The atoms 
that coordinate to the metal have 
dashed lines to the metal ion, M, 
showing how the bonding will 
occur. 


More complex ligands can be synthesized and will bond to three, four, 
five, and even six coordination sites. These species are called tridentate, 
tetradentate, pentadentate, and hexadentate ligands, respectively. The 
best-known hexadentate ligand is the ethylenediaminetetraacetate ion, 
■ 2 (OOC) 2 NCH 2 CH 2 N(COO) 2 2_ , abbreviated to (edta) 4- (Figure 19.6). 
All ligands that form more than one attachment to a metal ion are called 
chelating ligands (from the Greek chelos, meaning “clawlike”). 


-COO" 


"OOC- 

N N 

“OOC—/ ^-COO- 

FIGURE 19.6 The structure of 
ethylenediaminetetraacetate ion. 


Ligands and Oxidation States of Transition Metals 

Another feature common to transition metals is their wide range of oxidation 
states. The preferred oxidation state is very dependent on the nature of the ligand; 
that is, various types of ligands stabilize low, normal, or high oxidation states. 

1. Ligands that tend to stabilize low oxidation states. The two common ligands 
that particularly favor metals in low oxidation states are the carbon monoxide 
molecule and the isoelectronic cyanide ion. For example, iron has an oxidation 
state of 0 in [Fe(CO) 5 ]. 

2. Ligands that tend to stabilize “normal” oxidation states. Most common ligands, 
such as water, ammonia, and halide ions, fall into this category. For example, iron 
exhibits its common oxidation states of +2 and +3 with water: [Fe(OH 2 ) 6 ] 2+ and 
[Fe(OH 2 ) 6 ] 3+ . There are many cyanide complexes in normal oxidation states as 
well. This is not unexpected, for the ion is a pseudo-halide ion (as discussed in 
Chapter 17, Section 17.12) and hence is capable of behaving like a halide ion. 

3. Ligands that tend to stabilize high oxidation states. Like nonmetals, tran¬ 
sition metals only adopt high oxidation states when complexed with fluoride 
and oxide ions. We have already mentioned the hexafluorocobaltate(IV) ion, 
[CoF 6 ] 2- , as one example. In the tetraoxoferrate(VI) ion, [Fe0 4 ] 2_ , the oxide 
ions stabilize the abnormal +6 oxidation state of iron. 


19.4 Isomerism in Transition Metal Complexes 

In the early history of coordination chemistry, the existence of pairs of com¬ 
pounds with the same formula yet different properties proved to be very 
perplexing to inorganic chemists. Werner was among the first to realize that 
the different properties represented different structural arrangements (isomers). 
Isomers can be categorized as structural isomers and stereoisomers. For 
stereoisomers, the bonds to the metal ion are identical, whereas the bonds of 
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FIGURE 19.7 Isomer types. 


FIGURE 19.8 The two 

linkage isomers of the 
pentamminecobalt(lll) nitrite 
complex: ( a ) the nitrito form, 
(1 b ) the nitro form. 


Coordination 

Compounds 


Structural isomers Stereoisomers 

(different bonds) (identical bonds) 


Linkage Ionization Hydration Coordination Geometric Optical 

isomers isomers isomers isomers isomers isomers 

structural isomers are different. These categories can be further subdivided, as 
shown in Figure 19.7. 

Structural Isomerism 

Structural isomerism has four common types: linkage isomerism, ionization 
isomerism, hydration isomerism, and coordination isomerism. Ionization and hy¬ 
dration isomerism are sometimes categorized together as coordination-sphere 
isomerism because in both cases it is the identity of the ligands that differs. 

1. Linkage isomerism. Some ligands can form bonds through more than one 
atom. For example, the thiocyanate ion, NCS - , can bond through either the ni¬ 
trogen or the sulfur. This particular ambidentate ligand is a borderline base (see 
Chapter 7, Section 7.7) since the choice of ligating atom depends in part on the 
hard-soft acid nature of the metal ion. A classic example of linkage isomerism 
involves the nitrite ion, which can form bonds through the nitrogen atom, — N0 2 , 
referred to as nitro , or through one of the oxygen atoms, — ONO, referred to as 
nitrito. A pentamminecobalt(III) complex, Co(NH 3 ) 5 Cl2(N02), conveniently 
illustrates this isomerism since the two isomers have different colors. One of 
these, the red form, contains the [Co(ONO)(NH 3 ) 5 ] 2+ ion, in which one of the 
oxygen atoms of the nitrite ion is bonded to the cobalt(III) ion (Figure 19.8a). 
The other isomer, the yellow form, contains the [Co(N0 2 )(NH 3 ) 5 ] 2+ ion, in 
which the nitrogen atom is bonded to the cobalt(III) ion (Figure 19.8b). 
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2. Ionization isomerism. Ionization isomers give different ions when dis¬ 
solved in solution. Again, there is a classic example: Co(NH 3 ) 5 Br(S0 4 ). If 
barium ion is added to a solution of the red-violet form, a white precipitate 
of barium sulfate forms. Addition of silver ion has no effect. Hence, the com¬ 
plex ion must have the formula [CoBr(NH 3 ) 5 ] 2+ , with an ionic sulfate ion. A 
solution of the red form, however, does not give a precipitate with barium 
ion; instead, a cream-colored precipitate is formed with silver ion. Hence, 
this complex ion must have the structure of [CoS0 4 (NH 3 ) 5 ] + , with an ionic 
bromide ion. 

3. Hydration isomerism. Hydration isomerism is very similar to ioniza¬ 
tion isomerism in that the identity of the ligand species is different for the 
two isomers. In this case, rather than different types of ions, it is the propor¬ 
tion of coordinated water molecules that differs between isomers. The three 
structural isomers of formula CrCl 3 *6H 2 0 provide the best example. In the 
violet form, the six water molecules are coordinated; hence, the formula for 
this compound is more correctly written as [Cr(OH 2 ) 6 ] 3+ Cl 3 . As evidence, all 
three chloride ions are precipitated from solution by silver ion. In the light 
green form, one of the chloride ions is not precipitated by silver ion; hence, 
the complex is assigned the structure [CrCl(0H 2 ) 5 ]Cl 2 *H 2 0. Finally, only one 
chloride ion can be precipitated by silver ion from a solution of the dark green 
form; hence, this compound must have the structure [CrCl 2 (0H 2 ) 4 ]CF2H 2 0. 

4. Coordination isomerism. Coordination isomerism occurs when both the 
cation and the anion are complex ions. The ligands interchange between 
the cation and anion, leading to different coordinated ligands. For example, 
[Cr(NH 3 ) 6 ][Co(CN) 6 ] and [Co(NH 3 ) 6 ][Co(CN) 6 ] are coordination isomers. 


Stereoisomerism 


The two types of inorganic stereoisomers, geometric isomers and optical iso¬ 
mers, are parallel to those found in organic chemistry except that in inorganic 
chemistry, optical isomerism is most common for a metal ion in an octahedral 
environment rather than for the tetrahedral environment of organic carbon 
compounds. 

1. Geometric isomerism. Inorganic geometric isomers are analogous to organic 
geometric isomers that contain carbon-carbon double bonds. Geometric isomers 
must have two different ligands, A and B, attached to the same metal, M. For 
square planar compounds, geometric isomerism occurs in compounds of the 
form MA 2 B 2 , such as [PtCl 2 (NH 3 ) 2 ].The term cis is used for the isomer in which 
ligands of one kind are neighbors, and trans is used to identify the isomer in which 
ligands of one kind are opposite each other (Figure 19.9). Geometric isomers 
also exist for square planar complexes of the form MA 2 BC, where cis refers to 
ligands A being neighbors and trans to ligands A being opposite each other. 

There are two formulas of octahedral compounds having only two kinds 
of ligands for which geometric isomers are possible. Compounds with the for¬ 
mula MA 4 B 2 can have the two B ligands on opposite sides or as neighbors. 
Hence, these, too, are known as trans and cis isomers (Figure 19.10). Octahedral 
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FIGURE 19.9 The geometric 
isomers of a square planar 
MA 2 B 2 arrangement. 


A. 

A" 


B 

B 

trans 


*A 


A 


A. 



A 

cis 


FIGURE 19.10 The geometric 
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> > 


506 


CHAPTER 19 • Transition Metal Complexes 


B 



B 


mer 


A 



B 


fac 


FIGURE 19.11 The geometric 
isomers of an octahedral MA 3 B 3 
arrangement. 


compounds with the formula MA 3 B 3 also can have geometric isomers (Figure 
19.11). If the A set of ligands occupies three sites of the corners of a triangular 
face of the octahedron, 90° apart from each other, and the B set, the opposing 
triangular face, then the prefix fac- (for facial) is used. However, if the three A 
ligands occupy the three sites in the horizontal plane and the B set, three sites 
in the vertical plane, then the geometry is described by the prefix mer- (for 
meridional ) because like ligands span a meridian. 

2. Optical isomerism. Again, inorganic optical isomerism is analogous to 
that of organic chemistry. Optical isomers are pairs of compounds in which 
one isomer is a nonsuperimposable mirror image of the other. One of the 
characteristics of optical isomers is that they rotate the plane of polarized 


Platinum Complexes and Cancer Treatment 


I t is a common misconception that scientific research 
works the same way as does technology, where goals are 
set and the appropriate solutions found. In science, how¬ 
ever, so much is not known that we still rely to a large extent 
on observing the unexpected. It was in 1965 that Barnett 
Rosenberg, of Michigan State University, was studying the 
rate of bacterial growth in the presence of electric fields. 
He and his co-researchers were surprised to find that the 
bacteria in electric fields were growing without dividing. 
The group spent a considerable amount of time looking 
for possible causes of this, such as pH and temperature 
changes. Having excluded every probable cause, they ex¬ 
amined the electrodes that they were using to generate the 
electric charge. These were made of platinum, a metal that 
was “well known” to be extremely unreactive. 

However, their tests showed that some of the platinum 
metal was being oxidized, and it was the oxidation prod¬ 
ucts, the diamminedichloroplatinum(II), PtCl 2 (NH 3 ) 2 , 
and diamminetetrachloroplatinum(IV), PtCl 4 (NH 3 ) 2 , 
molecules that were causing the bacterial abnormalities. 


O 


Further, only the cis geometric isomers were active. This 
biological activity of platinum compounds was completely 
unexpected. Because they prevented cell division, the 
compounds were tested for antitumor activity, and the 
ds-diamminedichloroplatinum(II) compound seemed 
particularly effective. The compound is now available for 
cancer treatment under the name cisplatin. The key to this 
compound’s effectiveness seems to be the ability of the 
ds-(H 3 N) 2 Pt unit to cross-link DNA units, bending and 
partially unwinding the double helix, thereby preventing 
further DNA synthesis. The trans isomers show no biologi¬ 
cal activity. Hence, these compounds demonstrate the influ¬ 
ence of isomerism on the chemical behavior of compounds. 

New anticancer drugs based on platinum have been 
developed to be less toxic than cisplatin, such as carbo- 
platin; to treat tumors that have become resistant to cis¬ 
platin, such as oxaliplatin; or that can be administered 
orally, such as satraplatin. 





Carboplatin 


Oxaliplatin 


Satraplatin 
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light, one isomer rotating the light in one direction and the other 
isomer in the opposite direction. Compounds that exist as optical 
isomers are called chiral compounds. 

This form of isomerism is found most commonly when a metal £ 
is surrounded by three bidentate ligands; 1,2-diaminoethane, 
H 2 NCH 2 CH 2 NH 2 (abbreviation en), mentioned earlier, is one 
such ligand. Hence, the complex ion would have the formula 
[M(en) 3 ]” + , where n+ is the charge of the transition metal ion. The two optical 
isomers of this complex ion are shown in Figure 19.12, where the 1,2- 
diaminoethane molecules are depicted schematically as pairs of linked ni¬ 
trogen atoms. 
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N* 
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FIGURE 19.12 The two optical 
isomers of the [M(en) 3 ] n+ ion. The 
linked nitrogen atoms represent 
the 1,2-diaminoethane bidentate 
ligands. 


19.5 Naming Transition Metal Complexes 

Because of the multiplicity of transition metal complexes, the simple system of 
inorganic nomenclature proved unworkable. As a result, special rules for nam¬ 
ing transition metal complexes were devised. 

1. Non-ionic species are written as one word; ionic species are written as two 
words with the cation first. 

2. Ligands are always placed in alphabetical order. (In chemical formulas, the 
symbols of anionic ligands always precede those of neutral ligands.) 

3. The ligands are written as prefixes of the metal name. Neutral ligands are 
given the same name as the parent molecule, whereas the names of negative 
ligands are given the ending -o instead of -e. Thus, sulfate becomes sulfato 
and nitrite becomes nitrito. Anions with -ide endings have them completely 
replaced by -o. Hence, chloride ion becomes chloro; iodide, iodo; cyanide, 
cyano; and hydroxide, hydroxo. There are three special names: coordinated 
water is commonly named aqua; ammonia, ammine; and carbon monoxide, 
carbonyl. 

4. The central metal atom is identified by name, which is followed by the 
formal oxidation number in Roman numerals in parentheses, such as (IV) for 
a +4 state and (—II) for a 2- state. If the complex is an anion, the ending 
-ate adds to the metal name or replaces any -ium, -en, or -ese ending. Thus, we 
have cobaltate and nickelate, but chromate and tungstate (not chromiumate or 
tungstenate). For a few metals, the anion name is derived from the old Latin 
name of the element: ferrate (iron), argentate (silver), cuprate (copper), and 
aurate (gold). 

5. For multiple ligands, the prefixes di-, tri-, tetra-, penta-, and hexa- are used 
for 2,3,4,5, and 6, respectively. 

6 . For multiple ligands already containing numerical prefixes (such as 1,2- 
diaminoethane), the prefixes used are bis-, tris-, and tetrakis- for 2, 3, and 4. 
This is not a rigid rule. Many chemists use these prefixes for all polysyllabic 
ligands. 
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Examples 

Here we will name some of the platinum metal complexes discussed earlier in 
this chapter. Notice that, in chemical formulas, square brackets, [ ], are used to 
enclose all units linked together by covalent bonds. 

Example 1: [Pt(NH 3 ) 4 ]Cl 2 Because this compound has separate ions, the 
name will consist of (at least) two words (rule 1).There are two negative chlo¬ 
ride ions outside of the complex, so the complex itself must have the formula 
[Pt(NH 3 ) 4 ] 2+ .The ammonia ligands are neutral; thus, the platinum must have an 
oxidation state of +2. As a result, we start with the stem name platinum(II) 
(rule 2). The ligand is ammonia, which has the name ammine (rule 3). But 
there are four ammonia ligands, so the prefix is added to give tetraammine 
(rule 5). Finally, the chloride anions must be included. They are free, unco¬ 
ordinated chloride ions, so they are called chloride, not chloro. We do not 
identify the number of chloride ions because the oxidation state of the metal 
ion enables us to deduce it. Hence, the full name is tetraammineplatinum(II) 
chloride. 

Example 2: [PtCl 2 (NH 3 ) 2 ] This is a non-ionic species, so it will have a one- 
word name (rule 1). Again, to balance the two chloride ions, the platinum is in 
the +2 oxidation state, so we start with platinum(II) (rule 2). The ligands are 
named ammine for ammonia and chloro for chloride (rule 3). Alphabetically, 
ammine comes before chloro (rule 4); thus, we have the prefix diamminedichloro 
(rule 5). The whole name is diamminedichloroplatinum(II). As mentioned 
earlier, this particular compound is square planar and exists as two geometric 
isomers. We refer to these isomers as ds-diamminedichloroplatinum(II) and 
tra/?s-diamminedichloroplatinum(II). 

Example 3: K 2 [PtCl 4 ] Again, two words are needed (rule 1), but in this case, 
the platinum is in the anion, [PtCl 4 ] 2_ .The metal is in the +2 oxidation state, so 
the anionic name will be platinate(II) (rule 2). There are four chloride ligands, 
giving the prefix tetrachloro (rules 3 and 5), and the separate potassium cat¬ 
ions. The complete name is potassium tetrachloroplatinate(II). 

Example 4: [Co(en) 3 ]Cl 3 The complex ion is [Co(en) 3 ] 3+ . Because (en), 
H 2 NCH 2 CH 2 NH 2 , is a neutral ligand, the cobalt must be in a +3 oxidation 
state. The metal, then, will be cobalt(III). The full name of the ligand is 1,2- 
diaminoethane and contains a numerical prefix, so we use the alternate 
prefix set (rule 6) to give tris(l,2-diaminoethane)—parentheses are used 
to separate the ligand name from the other parts of the name. Finally, we 
add the chloride anions. The full name is tris(l,2-diaminoethane)cobalt(III) 
chloride. 

Unfortunately, a number of transition metal compounds have well-known 
common names in addition to their systematic names. For example, a few com¬ 
plexes are identified by the name of their discoverer, such as Zeise’s compound, 
K[PtCl 3 (C 2 H 4 )]-H 2 0, Wilkinson’s catalyst, [RhCl(PPh 3 ) 3 ], and Magnus’s green 
salt, [Pt(NH 3 ) 4 ] [PtCl 4 ]. 
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The Ewens-Bassett Nomenclature System 

The nomenclature system that we have used to this point was first devised by 
Alfred Stock in 1919, and it is still the one most widely used. As we have seen, 
the system uses Roman numerals to indicate the oxidation state of the central 
atom, and from that, the ion charge can be calculated. 

An alternative system was devised by R. Ewens and H. Bassett in 1949. 
According to their rules, the ion charge is bracketed in Arabic numerals. It 
was, in fact, the Ewens-Bassett system that we used in Chapter 11, Section 
11.7, to distinguish the 0 2 ion from the 0 2 2 ion, the former being called the 
dioxide(l-) ion and the latter, the dioxide(2-) ion. (These are much more 
useful names than the traditional superoxide and peroxide.) The two systems 
are compared for the naming of simple ions in Table 19.2. 


TABLE 19.2 

A comparison of traditional and Ewens-Bassett names for some 
simple Period 2 ions 

Formula 

Traditional 

Ewens-Bassett 

o 2 

oxide 

oxide(2-) 

o 2 2 - 

peroxide 

dioxide(2—) 

o 2 - 

superoxide 

dioxide(l-) 

o 3 - 

ozonide 

trioxide(l-) 

N 3 - 

nitride 

nitride (3 — ) 

n 3 " 

azide 

trinitride(l-) 

C 4 

carbide 

carbide(4-) 

c 2 2 - 

carbide 

dicarbide(2-) 


Apart from indicating charge rather than oxidation number, the Stock 
and Ewens-Bassett systems employ the same nomenclature rules. The use of 
either Roman or Arabic numerals identifies the method used in a particular 
name; for example, K 4 [Fe(CN) 6 ] is called potassium hexacyanoferrate(II) by 
the Stock method, because the iron in the complex ion has a formal oxidation 
state of +2. The Ewens-Bassett name for this compound is potassium hexa- 
cyanoferrate(4-), because the complex anion has a 4- charge. 

For neutral molecules, no number is shown; thus, ds-[Pt(NFt 3 ) 2 Cl 2 ] 
would be ds-diamminedichloroplatinum rather than the Stock name of 
ds-diamminedichloroplatinum(II). The Ewens-Bassett name, then, can be 
found just from the charge balance. And this system is also useful when the 
ion is so complicated that any formal oxidation state is difficult to identify. 
Conversely, seeing the oxidation state in the name enables us to identify 
whether the metal is in a typical, high, or low oxidation state. In the follow¬ 
ing chapters, we will consistently use the Stock system for transition metal 
complexes. 
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19.6 An Overview of Bonding Theories of Transition 
Metal Compounds 


For many decades, chemists and physicists struggled with possible explana¬ 
tions to account for the large number of transition metal compounds. Such 
explanations had to account for the variety of colors, the wide range of stereo¬ 
chemistries, and the magnetic properties. 

One of the first approaches was to regard the bonding as that between 
a Lewis acid (the metal ion) and Lewis bases (the ligands). This model pro¬ 
duced the 18-electron rule or the effective atomic number (EAN) rule. The 
EAN rule works when the metal is in a low oxidation state, but it does not 
work for most compounds, nor does it explain the color or paramagnetism of 
many transition metal compounds. It is useful in the context of organometallic 
compounds; thus, we will defer discussion of this bonding model to Chapter 23, 
Section 23.2. 

Following from this, chemist Linus Pauling proposed the valence-bond ap¬ 
proach (see below), in which he assumed that the bonding of transition metals 
is similar to that of typical main group elements, assigning different modes 
of hybridization to the metal ion depending on the known geometry of the 
compound. This proposal did account for the different stereochemistries and 
formulas, but it, too, failed to account for colors and unpaired electrons. We 
briefly outline this approach in the following subsection, although it is not 
widely used. 

Two physicists, Hans Bethe and Johannes Van Vleck, approached the prob¬ 
lem from a completely different direction. They assumed that the interaction 
between a metal ion and its ligands was totally electrostatic in nature. Known 
as crystal field theory (CFT) (see Section 19.7), it has been remarkably— 
amazingly—successful in accounting for the properties of transition metal 
complexes. Through this and the following chapter, most of our explanations 
of the behavior of transition metal complexes will be based on CFT. Never¬ 
theless, it is clear that there is a component of covalent bonding between ligand 
and metal. To refine crystal field theory by taking the covalent character into 
account, an empirical constant (the Racah parameter) can be added to cal¬ 
culations. This modified form of crystal field theory is known as ligand field 
theory (see Section 19.10). 

The more complex approach is molecular orbital (MO) theory. MO theory, 
the most sophisticated approach, is not necessary for the discussion of conven¬ 
tional transition metal complexes. 


Valence-Bond Theory 

In Chapter 3, Section 3.10, we introduced valence-bond theory (VBT) in 
the context of the main group elements, together with the concept of orbital 
hybridization. Valence-bond theory and orbital hybridization can also be used 
to explain some aspects of bonding in transition metal complexes. Using valence- 
bond theory, we consider the interaction between the metal ion and its ligands 
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FIGURE 19.13 (a) The electron 
distribution of the free nickel(ll) 
ion. (b) The hybridization and 
occupancy of the higher-energy 
orbitals by electron pairs (open 
half-headed arrows) of the 
chloride ligands. 


to be that of a Lewis acid with Lewis bases, but in this case, the donated ligand 
electron pairs are considered to occupy the empty higher orbitals of the metal 
ion. This arrangement is shown for the tetrahedral tetrachloronickelate(II) 
ion, [NiCl 4 ] 2_ , in Figure 19.13. The free nickel(II) ion has an electron con¬ 
figuration of [Ar]3 d 8 with two unpaired electrons. According to the theory, 
the 4s and 4 p orbitals of the nickel hybridize to form four sp 3 hybrid orbitals, 
and these are occupied by an electron pair from each chloride ion (the Lewis 
bases). 

This representation accounts for the two unpaired electrons in the com¬ 
plex ion and the tetrahedral shape expected for sp 3 hybridization. However, 
we can only construct the orbital diagrams once we know from a crystal 
structure determination and magnetic measurements what the ion’s shape 
is and what the number of unpaired electrons actually is. For chemists, a 
theory should be predictive, if possible, and the valence-bond approach is 
not. For example, some iron(III) compounds have five unpaired electrons 
and others have one unpaired electron, but valence-bond theory cannot predict 
or explain this. 

VBT also has some conceptual flaws. In particular, it does not explain why 
the electron pairs occupy higher orbitals, even though there are vacancies in 
the 3 d orbitals. For some Period 4 transition metal complexes, the ligand elec¬ 
tron pairs have to be assigned to 4 d orbitals as well as to 4s and 4 p orbitals, 
even though there is room in the 3 d orbitals. In addition, the approach fails to 
account for the color of the transition metal complexes, one of the most obvi¬ 
ous features of these compounds. For these reasons, the valence-bond theory 
has become little more than a historical footnote. 


19.7 Crystal Field Theory 

As we have just seen, the classic valence-bond approach was unable to ex¬ 
plain many of the aspects of transition metal complexes. In particular, VBT did 
not satisfactorily explain the different numbers of unpaired electrons that we 
find among the transition metal ions. For example, the hexaaquairon(II) ion, 
[Fe(OH 2 ) 6 ] 2+ , has four unpaired electrons, whereas the hexacyanoferrate(II) 
ion, [Fe(CN) 6 ] 4- , has no unpaired electrons. 
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FIGURE 19.14 Representations 
of the shapes of the 3 d x 2 _ J/2 and 
3 d 7 2 orbitals. 



Despite its simplistic nature, crystal field theory (CFT) has proved remark¬ 
ably useful for explaining the properties of Period 4 transition metal com¬ 
plexes. The theory assumes that the transition metal ion is free and gaseous, 
that the ligands behave like point charges, and that there are no interactions 
between metal d orbitals and ligand orbitals. The theory also depends on the 
probability model of the d orbitals, that there are two d orbitals whose lobes 
are oriented along the Cartesian axes dj-f and d z 2 (Figure 19.14) and three 
d orbitals whose lobes are oriented between the Cartesian axes d xy , d xz , and 
d yz (Figure 19.15). 


FIGURE 19.15 Representations 
of the shapes of the 3d xyr 3 d xz , and 
3orbitals. 


3d xy 


3 d yz 


3d xz 



We can consider complex formation as a series of events: 

1. The initial approach of the ligand electrons forms a spherical shell around 
the metal ion. Repulsion between the ligand electrons and the metal ion elec¬ 
trons will cause an increase in energy of the metal ion d orbitals. 

2. The ligand electrons rearrange so that they are distributed in pairs along 
the actual bonding directions (such as octahedral or tetrahedral). The mean 
metal d orbital energies will stay the same, but the orbitals oriented along the 
bonding directions will increase in energy, and those between the bonding di¬ 
rections will decrease in energy. This loss in d orbital degeneracy will be the 
focus of the crystal field theory discussion. 

3. Up to this point, complex formation would not be favored, because there 
has been a net increase in energy as a result of the ligand electron-metal 
electron repulsion (step 1). Furthermore, the decrease in the number of free 
species means that complex formation will generally result in a decrease in 
entropy. However, there will be an attraction between the ligand electrons and 
the positively charged metal ion that will result in a net decrease in energy. It 
is this third step that provides the driving force for complex formation. 
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FIGURE 19.16 The hypothetical 
steps in complex ion formation 
according to crystal field theory. 


These three hypothetical steps are summarized in Figure 19.16. 

Octahedral Complexes 

Although it is the third step that provides the energy for complex 
formation, it is the second step—the loss of degeneracy of the d 
orbitals—that is crucial for the explanation of the color and mag¬ 
netic properties of transition metal complexes. Examining the octa¬ 
hedral situation first, we see that the six ligands are located along 
the Cartesian axes (Figure 19.17). As a result of these negative 
charges along the Cartesian axes, the energies of the orbitals aligned 
along these axes, the d* 2 -/ and d z 2 orbitals, will be higher than those 
of the d xy , d xz , and d yz orbitals. This splitting of the d orbitals into 
two sets is represented in Figure 19.18. The energy difference be¬ 
tween the two sets of d orbitals in the octahedral field is given the 
symbol A oct . The sum of the orbital energies equals the degenerate energy 
(sometimes called the baricenter). Thus, the energy of the two higher-energy 
orbitals (d* 2 -/ and d z 2) is +|A oct , and the energy of the three lower-energy 
orbitals ( d xy , d xz , and d yz ) is — |A oct below the mean. 



d x z—y2 d z 2 


U X y 

Free ion 



FIGURE 19.17 The orientation 
of six ligands with respect to the 
metal d orbitals. [Adapted from 
J. E. Huheey, E. A. Keiter, and 
R. L. Keiter, Inorganic Chemistry , 

4th ed. (New York: HarperCollins, 
1993), p. 397] 


FIGURE 19.18 The splitting of the d-orbital energies that occurs when the metal ion is 
surrounded by an octahedral array of ligands. 
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FIGURE 19.19 The d-orbital filling for the d\ d 2 , and d 3 configurations. 


1 


If we construct energy diagrams for the different numbers of d electrons, 
we see that for the d 1 , d 2 , and d 3 configurations, the electrons will all fit into 
the lower-energy set (Figure 19.19). This net energy decrease is known as the 
crystal field stabilization energy (CFSE). The CFSE for the d 3 configuration is 
3(—|A 0Ct ) or — 1.2A oct . 

For the d 4 configuration, there are two possibilities: the fourth d electron 
can either pair up with an electron in the lower energy level or it can occupy 
the upper energy level, depending on which situation is more energetically 
favorable. If the octahedral crystal field splitting, A oct , is smaller than the 
pairing energy, then the fourth electron will occupy the higher orbital. If the 
pairing energy is less than the crystal field splitting, then it is energetically pre¬ 
ferred for the fourth electron to occupy the lower orbital. The two situations 
are shown in Figure 19.20. The result having the greater number of unpaired 
electrons is called the high-spin (or weak field) situation, and that having the 
lesser number of unpaired electrons is called the low-spin (or strong field) 
situation. 


i 


a 4 


j_i_i_ 

High spin U 1 _J_ 

Low spin 

FIGURE 19.20 The two possible spin situations for the d 4 configuration. 


Two possible spin conditions exist for each of the d 4 , d 5 , d 6 , and d 7 electron 
configurations in an octahedral environment. The number of possible unpaired 
electrons corresponding to each d electron configuration is shown in Table 19.3, 
where h.s. and l.s. indicate high spin and low spin, respectively. 
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TABLE 19.3 1 

The c/electron configurations and corresponding number of unpaired 
electrons for an octahedral stereochemistry 

Configuration 

Number of unpaired electrons 

Common examples 

d 1 

1 

Ti 3+ 

d 2 

2 

v 3+ 

d 3 

3 

Cr 3+ 

d 4 

4 (h.s.), 2 (l.s.) 

Mn 3+ 

d 5 

5 (h.s.), 1 (l.s.) 

Mn 2+ , Fe 3+ 

d 6 

4 (h.s.), 0 (l.s.) 

Fe 2+ , Co 3+ 

d 1 

3 (h.s.), 1 (l.s.) 

Co 2+ 

d 8 

2 

Ni 2+ 

d 9 

1 

Cu 2+ 


Factors Affecting the Crystal Field Splitting 

The energy-level splitting depends on four factors: 

1. The identity of the metal. The crystal field splitting, A, is about 50 percent 
greater for the second transition series compared to the first, whereas the third 
series is about 25 percent greater than the second. There is a small increase in 
the crystal field splitting along each series. 

2. The oxidation state of the metal. Generally, the higher the oxidation 
state of the metal, the greater the crystal field splitting. Thus, most cobalt(II) 
complexes are high spin as a result of the small crystal field splitting, whereas 
almost all cobalt(III) complexes are low spin as a result of the much larger 
splitting by the 3+ ion. 

3. The number of the ligands. The crystal field splitting is greater for a larger 
number of ligands. For example, A oct , the splitting for six ligands in an octahe¬ 
dral environment, is much greater than A tet , the splitting for four ligands in a 
tetrahedral environment. 

4. The nature of the ligands. The common ligands can be ordered on the 
basis of the effect that they have on the crystal field splitting. This ordered 
listing is called the spectrochemical series. Among the common ligands, the 
splitting is largest with carbonyl and cyanide and smallest with iodide. The 
ordering for most metals is 

r < Br“ < cr < F~ < OH“ < OH 2 < NH 3 < en < CN“ < CO 

The general guidelines for ordering the ligands is halides < oxygen donors < 
nitrogen donors < carbon donors. 

Thus, for a particular metal ion, it is the ligand that determines the value 
of the crystal field splitting. Consider the d 6 iron(II) ion. According to crystal 
field theory, there are the two spin possibilities: high spin (weak field) with 
four unpaired electrons and low spin (strong field) with all electrons paired. 
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We find that the hexaaquairon(II) ion, [Fe(OH 2 ) 6 ] 2+ , possesses four unpaired 
electrons. The water ligands, being low in the spectrochemical series, produce a 
small A oct ; hence, the electrons adopt a high-spin configuration. Conversely, the 
hexacyanoferrate(II) ion, [Fe(CN) 6 ] 4- , is found to be diamagnetic (zero un¬ 
paired electrons). Cyanide is high in the spectrochemical series and produces a 
large A oct ; hence, the electrons adopt a low-spin configuration. 



FIGURE 19.21 The orientation 
of four ligands with respect to the 
metal d orbitals. [Adapted from J. E. 
Huheey, E. A. Keiter, and R. L. Keiter, 
Inorganic Chemistry, 4th ed. (New 
York: HarperCollins, 1993), p. 402.] 


Tetrahedral Complexes 

The second most common stereochemistry is tetrahedral. Figure 
19.21 shows the tetrahedral arrangement of four ligands around the 
metal ion. In this case, it is the d xyy d xz , and d yz orbitals that are more 
in line with the approaching ligands than the and d z 2 orbitals. 

As a result, it is the dj-f and d z 2 orbitals that are lower in energy, 
and the tetrahedral energy diagram is inverted relative to the octa¬ 
hedral diagram (Figure 19.22). 


dx 2 -y 2 



Tetrahedral field 


FIGURE 19.22 The splitting of the d-orbital energies that occurs when the 
metal ion is surrounded by a tetrahedral array of ligands. 


With only four ligands instead of six and the ligands not quite pointing 
directly at the three d orbitals, the crystal field splitting is much less than that in the 
octahedral case; in fact, as we mentioned previously, it is about four-ninths of A oct . 
As a result of the small orbital splitting, the tetrahedral complexes are almost all 
high spin. Tetrahedral geometries are most commonly found for halide complexes, 
such as the tetrachlorocobaltate(II) ion, [C 0 CI 4 ] 2- , and for the oxyanions, such as 
the tetraoxomolybdate(VI) ion, [Mo0 4 2 ~] (commonly called molybdate). 


Square Planar Complexes 

For the Period 4 transition metals, it is only nickel that tends to form square 
planar complexes, such as the tetracyanonickelate(II) ion, [Ni(CN) 4 ] 2 ~. These 
complexes are diamagnetic. We can develop a crystal field diagram to see why 
this is so, even though both octahedral and tetrahedral geometries result in two 
unpaired electrons for the d s configuration. 

If we start from the octahedral field and withdraw the ligands from the 
z-axis, the d z 2 orbital will no longer feel the electrostatic repulsion from the 
axial ligands; hence, it will drop substantially in energy. The other two orbitals 
with z-axis components—the d xz and d yz — will also undergo a decrease in en¬ 
ergy. Conversely, with the withdrawal of the axial ligands, there will be a greater 
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FIGURE 19.23 The ^-orbital- 
energy diagram for the square 
planar environment, as derived 
from the octahedral diagram. 


electrostatic attraction on the ligands in the plane, and these will become closer 
to the metal ion. As a result, the d x 2_ y 2 and d 7 2 orbitals will increase substan¬ 
tially in energy (Figure 19.23). Because the nickel(II) complex with cyanide is 
diamagnetic, the splitting of the d* 2 -/ and d z 2 orbitals must be greater than the 
pairing energy for this combination. 


19.8 Successes of Crystal Field Theory 


A good chemical theory is one that can account for many aspects of physical 
and chemical behavior. By this standard, crystal field theory is remarkably 
successful, because it can be used to explain most of the properties that are 
unique to transition metal ions. Here we will look at a selection of them. 

Magnetic Properties 

Any theory of transition metal ions has to account for the paramagnetism of 
many of the compounds. The degree of paramagnetism is dependent on the 
identity of the metal, its oxidation state, its stereochemistry, and the nature of 
the ligand. Crystal field theory explains the paramagnetism very well in terms 
of the splitting of the <i-orbital energies, at least for the Period 4 transition 
metals. For example, we have just seen how crystal field theory can explain 
the diamagnetism of the square planar nickel(II) ion, which contrasts with the 
paramagnetism of the tetrahedral and octahedral geometries. The theoretical 
degree of paramagnetism is given by the magnetic moment of a compound. 
This can be calculated using the simple formula p, = \/n{n + 2), where n is the 
number of unpaired electrons. The units of magnetic moment are Bohr magne¬ 
tons, p, BM . Therefore, [Ti(OH 2 ) 6 ] 3+ has 1 unpaired electron and has a magnetic 
moment of 1.73 p BM . 

Colors of Transition Metal Complexes 

The most striking feature of transition metal complexes is the range of colors 
that they exhibit. These colors are the result of absorptions in the visible region 
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Wavelength (nm) 


FIGURE 19.24 The visible 
absorption spectrum of the 
hexaaquatitanium(lll) ion. 


of the electromagnetic spectrum. For example, Figure 19.24 shows the visible 
absorption spectrum of the purple hexaaquatitanium(III) ion, [Ti(OH 2 ) 6 ] 3+ . 
This ion absorbs light in the green part of the spectrum, transmitting blue 
and red light to give the blended purple color. 

The titanium(III) ion has a d 1 electron configuration, and with six water 
molecules as ligands, we can consider the ion to be in an octahedral field. 
The resulting d-orbital splitting is shown on the left-hand side of Fig¬ 
ure 19.25. An absorption of electromagnetic energy causes the electron 
to shift to the upper ^-orbital set, as shown on the right-hand side of 
Figure 19.25. The electron subsequently returns to the ground state, and 
the energy is released as thermal motion rather than as electromagnetic 
radiation. The absorption maximum is at about 520 nm, which represents 
an energy difference between the upper and lower d-orbital sets of about 
230 kJ*mol _1 . This energy difference represents the value of A, the crystal 
field splitting. 


FIGURE 19.25 The electron 
transition corresponding to 
the visible absorption of the 
titanium(lll) ion. 


Energy 
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As is apparent from Figure 19.24, the electronic absorption bands are very 
broad (especially so for d 1 and d 9 configurations). These bands are broad be¬ 
cause the electron transition time is much shorter than the vibrations occur¬ 
ring within the molecule. When the ligands are farther away from the metal 
than the mean bond length, the field is weaker and the splitting is less; hence, 
the transition energy is smaller than the “normal” value. Conversely, when the 
ligands are closer to the metal, the field is stronger, the splitting is greater, and 
the transition energy is larger than the normal value. We can confirm this ex¬ 
planation by cooling the complex to close to absolute zero, thereby reducing 
the molecular vibrations. When we do, as predicted, the bands in the visible 
absorption spectrum become much narrower. 

The hexachlorotitanate(III) ion, [TiCl 6 ] 3- , has an orange color as a result 
of an absorption centered at 770 nm. This value corresponds to a crystal field 
splitting of about 160 kJ-mol _1 . The lower value reflects the weakness of the 
chloride ion as a ligand relative to the water molecule; that is, chloride is lower 
than water in the spectrochemical series. 

For most branches of chemistry, we measure energy differences in kilo¬ 
joules per mole, but transition metal chemists usually report crystal field split¬ 
tings in a frequency unit called wave numbers. This is simply the reciprocal 
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of the wavelength expressed as centimeters; thus, the units of wave numbers 
are cm" 1 , called reciprocal centimeters. For example, the crystal field splitting 
for the hexaaquatitanium(III) ion is usually cited as 19 200 cm -1 rather than 
as 230 kFmoP 1 . We will discuss the visible absorptions of other electron 
configurations later. 

Hydration Enthalpies 

Another of the parameters that can be explained by crystal field theory is the 
enthalpy of hydration of transition metal ions. This is the energy released when 
gaseous ions are hydrated, a topic discussed in Chapter 6, Section 6.4: 

M n+ (g) + 6H 2 0(/) [M(OH 2 ) 6 ]” + (^) 



FIGURE 19.26 Experimental hydration enthalpies of the dipositive ions of the 
Period 4 transition metals. 


As the effective nuclear charge of metal ions increases across a period, we 
expect the electrostatic interaction between the water molecules and the metal 
ions to increase regularly along the transition metal series. In fact, we find de¬ 
viations from a linear relationship (Figure 19.26). To explain this observation, ^ 

we assume that the greater hydration enthalpy is the result of the crystal field 
stabilization energy, which can be calculated in terms of A oct , the crystal field 5 

splitting. Recall that for an octahedral field, the d xy , d xz , and d yz orbitals are 
lowered in energy by |A oct and the and d z 2 orbitals are raised in energy 
by |A oct . Thus, for a particular electron configuration, it is possible to calculate 

the net contribution of the crystal field to the hydration enthalpy. Figure 19.27 a _2 ^ ^ 

illustrates the situation for the d A high-spin ion. This ion would have a net sta¬ 
bilization energy of FIGURE 19.27 The crystal field 

stabilization energy for the d 4 

- [ 3(5 Aoct)] + [ 1(5 A 0 ct)] = _ 0.6 A oct high-spin electron configuration. 
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TABLE 19.4 

Crystal field stabilization energies (CFSE) for the dipositive, 
high-spin ions of various Period 4 metals 

Ion 

Configuration 

CFSE 

Ca 2+ 

d° 

-O.o A oct 

— 

d 1 

-0.4 A oct 

Ti 2 + 

d 2 

—0.8 A oct 

V 2+ 

d 3 

-1.2 A** 

Cr 2+ 

d 4 

-0.6 A oct 

Mn 2+ 

d 5 

-0.0 A oct 

Fe 2+ 

d 6 

-0.4 A oct 

Co 2+ 

d 1 

-0.8 A oct 

Ni 2+ 

d 8 

—1.2 A oct 

Cu 2+ 

d 9 

-0.6 A oct 

Zn 2+ 

d w 

-0.0 A oct 


The complete set of crystal field stabilization energies is listed in Table 19.4. 

These values correspond remarkably well with the deviations of the hydra¬ 
tion enthalpies. Of particular note, it is only the d °, d 5 (high spin), and d 10 ions 
that fit the expected near-linear relationship, and these all have zero crystal 
field stabilization energy. 

Spinel Structures 

Yet another triumph of crystal field theory is the explanation for the transition metal 
ion arrangements in the spinel structures that we first met in Chapter 13, Section 
13.9. The spinel is a mixed oxide, usually of general formula (M 2+ )(M 3+ ) 2 (0 2 ~) 4 , 
with the metal ions occupying both octahedral and tetrahedral sites. In a normal 
spinel, all of the 2+ ions are in the tetrahedral sites and the 3+ ions are in the 
octahedral sites, whereas in an inverse spinel, the 2+ ions are in the octahedral 
sites and the 3+ ions fill the tetrahedral sites and the remaining octahedral sites. 

The choice of normal spinel or inverse spinel for mixed transition metal 
oxides is determined usually (but not always) by which option will give the 
greater crystal field stabilization energy. This can be illustrated by a pair of ox¬ 
ides each of which contains ions of one metal in two different oxidation states: 
Fe 3 0 4 , containing Fe 2+ and Fe 3+ , and Mn 3 0 4 , containing Mn 2+ and Mn 3+ . The 
former adopts the inverse spinel structure: (Fe 3+ ) t (Fe 2+ ,Fe 3+ ) 0 (0 2_ ) 4 . All these 
ions are high spin, so the Fe 3+ ion ( d 5 ) has a zero CFSE, but the Fe 2+ ion ( d 6 ) has 
a nonzero CFSE. Because a crystal field splitting for the tetrahedral geometry 
is four-ninths that of the equivalent octahedral environment, the CFSE of an 
octahedrally coordinated ion will be greater than that of a tetrahedrally coor¬ 
dinated ion. This energy difference accounts for the octahedral site preference 
of the Fe 2+ ion. Unlike the mixed iron oxide, the mixed manganese oxide has 
the normal spinel structure: (Mn 2+ ) t (Mn 3+ ) 0 (0 2- ) 4 . In this case, it is the Mn 2+ 
ion ( d 5 ) that has a zero CFSE and the Mn 3+ ion ( d 4 ) that has a nonzero CFSE. 
Flence, it is the Mn 3+ ion that preferentially occupies the octahedral sites. 
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The Earth and Crystal Structures 


* M a 'll Bl 

s* at 

T here is still much to be discovered about the structure 
of the planet that we inhabit. However, we do know 
that it consists of three regions: the crust, mantle, and core. 
The crust occupies the surface 30-70 km for continents 
and 5-15 km for oceanic crust. Then the mantle extends 
down to a depth of about 2900 km, where it meets the 
core. The core is predominantly iron, molten to a depth of 
about 5100 km and then solid at the center. 

The mantle provides some interesting crystal-phase 
chemistry. Between about 100 and 400 km depth, the man¬ 
tle consists of the mineral olivine, (Mg,Fe) 2 Si0 4 , where the 
composition varies since the two metal ions can both oc¬ 
cupy the same lattice site in this simple silicate (see Chap¬ 
ter 9, Section 9.6). Below the olivine layer, it is a spinel 
structure, probably mainly MgFe 2 0 4 , that stretches down 
to the lower mantle. The lower mantle begins at a depth of 
about 670 km. This layer consists of the denser perovskite 
structure (see Chapter 16, Section 16.6), (Mg,Fe)Si0 3 . 


Scientists are increasingly interested in the chem¬ 
istry of the deep Earth and phenomena such as earth¬ 
quakes. There are two types of earthquakes: shallow 
and deep. Deep earthquakes occur when dense spinel 
forms around the margins of descending streams of 
olivine. Shallow earthquakes seem more complex, but 
part of their origin may be from dehydration reactions. 
The surface rock, serpentine, is hydrated olivine. As a 
layer of serpentine is dragged down into the Earth at a 
trench boundary, the heat will cause the serpentine to 
dehydrate to olivine. The high-pressure water can act 
to force cracks open and also as a lubricant. These are 
only hypotheses at present. Much more research needs 
to be done on the properties of spinels and perovskites 
under high pressure and the dehydration of minerals 
if we are to obtain a more detailed knowledge of our 
planet. 


19.9 More on Electronic Spectra 

In the previous section, we saw that the single visible absorption of the titanium(III) 
ion can be explained in terms of a d electron transition from the lower level to the 
upper level in the crystal field. For a copper(II) ion (d 9 ) in an octahedral environ¬ 
ment, a single broad visible absorption is also observed. As in the d 1 situation, the 
absorption of this ion can be interpreted to mean that one electron is excited to 
the upper level in the octahedral crystal field (Figure 19.28). 


11 1 

Energy 

It It 

FIGURE 19.28 The electron 
transition for the d 9 electron 
configuration. 
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Spectra of d 2 -d 8 Ions 

For d 2 ions, we might expect two absorption peaks, corresponding to the exci¬ 
tation of one or both of the electrons. However, a total of three fairly strong 
absorptions are observed. To explain this, we have to consider inter-electronic 
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FIGURE 19.29 Three possible 
electron transitions for the d 2 
electron configuration. 


repulsions. In the ground state, a d 2 ion, such as the 
hexaaquavanadium(III) ion, has two electrons with 
parallel spins in any two of the three lower energy 
orbitals: d xy , d xz , and d yz . When one electron is excited, 
the resulting combination can have different energies, 
depending on whether the two electrons are occupy¬ 
ing overlapping orbitals and therefore repelling 
each other. For example, an excited configuration of 
(d xy ) 1 (d z 2) 1 will be lower in energy because the two 
electrons occupy very different volumes of space, 
whereas the (d xy ) 1 (d x 2-/) 1 configuration will be higher 
in energy because both electrons occupy space in the 
x and y planes. 

By calculation, it can be shown that the combinations 
{d xy f{d z 2 f, {d xz f{d x 2_ y2 ) 1 , and all have the 

same lower energy, and (d xy ) 1 (d x 2 -/)\ (d xz ) x and 

(d yz ) 1 (d z 2 ) x all have the same higher energy. This ac¬ 
counts for two of the transitions, and the third transi¬ 
tion corresponds to the excitation of both electrons into 
the upper levels to give the configuration (d x 2 ^)\d z f) 1 . 
Three possibilities are shown in Figure 19.29. 

Intensity of Electronic Spectra 

We find also that the absorption spectra of transition 
metal ions are comparatively weak; that is, the com¬ 
pounds usually have pale colors. In fact, all d —> d elec¬ 
tronic transitions are formally forbidden by the Laporte 
selection rule: transitions do not occur when the molecule has a center of inver¬ 
sion (see Chapter 3, Section 3.13). Molecular vibrations remove some of this 
symmetry in octahedral complexes, resulting in broad transitions and pale colors. 
Tetrahedral complexes do not have a center of symmetry; thus, their colors are 
more intense. 

Sometimes very weak absorptions also appear in the visible spectrum. 
These correspond to transitions in which an electron has reversed its spin, such 
as those shown in Figure 19.30. Such transitions, which involve a change in 
spin state, are known as spin-forbidden transitions. These transitions are of low 
probability and so have very low intensity in the spectrum. 


FIGURE 19.30 A possible 
spin-forbidden transition for the 
d 2 electron configuration. 
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We find that the visible spectra of d\ d 4 (high spin), d 6 (high spin), and 
d 9 can be interpreted in terms of a single transition, whereas d 2 , d 3 , d 1 (high 
spin), and d 8 spectra can be interpreted in terms of three transitions. The re¬ 
maining high-spin case, d 5 , is unique in that the only possible transitions are 
spin forbidden. As a result, complexes such as hexaaquamanganese(II) ion and 
hexaaquairon(III) ion have very pale colors. 

Some transition metal complexes are very intensely colored, such as 
tetraoxomanganate(VII), [Mn0 4 ] _ , and tetraoxochromate(VI), [Cr0 4 ] 2- . 
Both of these complexes have a d° configuration, so the color cannot be due 
to d-d transitions. In fact, the intense colors of these complexes are due to 
transitions of p electrons on the oxygen into empty d orbitals on the metal. 
Such transitions are called charge transfer transitions. The comparative in¬ 
tensities of electronic transitions are shown in Table 19.5. A more detailed 
study of transition metal ion spectra is the domain of theoretical inorganic 
chemistry. 


1 Comparative intensities of electronic transitions 

Transition type 

Example 

Comparative intensity 

Spin forbidden 

Laporte forbidden 

[Mn(OH 2 ) 6 ] 2+ 


1 

Spin allowed 
(center of symmetry) 

Laporte forbidden 

[Co(OH 2 ) 6 ] 2+ 


10 1 

Spin allowed 

(no center of symmetry) 

Laporte forbidden 

[CoC1 4 ] 2- 


5 X 10 2 

Spin allowed 

Laporte allowed 
(charge transfer) 

[Mn0 4 ]~ 


10 4 

19.10 Ligand Field Theory 


One failure of crystal field theory is that it cannot explain the spectrochemical 
series. Crystal field theory is a conceptually simple model that treats the 
ligands as point charges and ignores overlap between orbitals on the ligands 
with orbitals on the metal. Ligand field theory uses a molecular orbital treat¬ 
ment of the complex that considers the interactions between the ligands and 
the metal. We then focus on the orbitals on the central metal atom in the same 
way as we do in crystal field theory. 

First we must consider the orbitals involved in forming a bonds between 
the ligands and the metal in an octahedral complex, one on each ligand and the 
five d, three p, and one s orbital on the metal. These orbitals overlap to form 15 
molecular orbitals. The molecular orbital diagram is shown in Figure 19.31. It is 
not necessary to concern ourselves with the labeling of the molecular orbitals, 
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FIGURE 19.31 Molecular- 
orbital-energy-level diagram of a 
typical octahedral complex. 



but it is important to notice the orbitals labeled t 2g and e g in the center of the 
diagram—the same as those we used in crystal field theory. The 12 electrons 
donated by the ligands fill up the six lowest energy molecular orbitals. This 
means that the electrons provided by the metal fill up the t 2g and e g orbitals, 
just as they did in crystal field theory. The t 2g and e g orbitals are separated by 
the energy A oct . 

The success of ligand field theory is that it enables us to consider how 
77 bonding between the ligands and the metal affects the magnitude of A oct . 
Some ligands donate or accept electrons through a tt bond. This interaction 
takes place between orbitals on the ligand of 77 symmetry and the t 2g orbitals 
on the metal. If the ligand is able to donate electron density to the metal, the 
ligands must have filled orbitals, and these will have lower energy than the t 2g 
orbitals on the metal. The ligand orbital will interact with the t 2g orbital, and 
this leads to a decrease in the value of A oct , as shown in Figure 19.32. A decrease 
in the value of A oct would result in a tendency to form high spin complexes. In 
fact 77 -donor ligands such as halides do give high spin complexes. 


FIGURE 19.32 The effect of a 
tt donor ligand or A oct 
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Ligands that are able to accept electrons through a tt bond must have 
empty orbitals, and these will have higher energy than the metal orbitals. Con¬ 
sequently, the interaction between the ligand and the metal orbitals results in 
a larger value of A oct , as shown in Figure 19.33, and there will be a tendency to 
form low spin complexes. rr-Acceptor ligands such as the carbonyl ligand do 
form low spin complexes as predicted by the large value of A oct . 


19.11 Thermodynamic versus Kinetic Factors 


For a reaction to proceed, there must be a decrease in free energy. Flowever, 
we must always keep kinetic factors in mind. Most solution reactions of transi¬ 
tion metal ions proceed rapidly. For example, addition of a large excess of chlo¬ 
ride ion to the pink hexaaquacobalt(II) ion, [Co(OH 2 ) 6 ] 2+ , gives the dark blue 
color of the tetrachlorocobaltate(II) ion, [CoCl 4 ] 2- , almost instantaneously: 

[Co(OH 2 ) 6 ] 2+ (^) + 4 Cr(aq) -> [CoC1 4 ] 2 “(^) + 6 H 2 Q(/) 


This reaction is thermodynamically favored and also has a low activation energy. 
Complexes that react quickly (for example, within 1 minute) are said to be labile. 
The common dipositive Period 4 transition metal ions form labile complexes. 
For labile complexes, it is impossible to physically separate isomers. 

The two common Period 4 transition metal ions that form kinetically inert 
complexes are chromium(III) and cob alt (III). The former has a d 3 electron 
configuration and the latter, a low-spin d 6 configuration (Figure 19.34). It is the 
stability of the half-filled and the filled lower set of d orbitals that precludes 
any low-energy pathway of reaction. For example, addition of concentrated 
acid to the hexaamminecobalt(III) ion should cause a ligand replacement ac¬ 
cording to free energy calculations. However, such a reaction occurs so slowly 
that several days must elapse before any color change is noticeable: 

[Co(NH 3 ) 6 ] 3+ (a<?) + 6H 3 0 + (^) -> [Co(OH 2 ) 6 ] 3+ (ag) + 6NH 4 + (a ? ) 

For this reason, to synthesize specific cobalt(III) or chromium(III) complexes, 
we usually find a pathway that involves synthesizing the complex of the respec¬ 
tive labile 2+ ion and then oxidizing it to the inert 3+ ion. Isomers of inert 
complexes, including optical isomers, can be crystallized separately. 


i i i 


Cr3 + 


H H U 


Co3 + 

FIGURE 19.34 Inert complexes 
are formed by metal ions with 
the d 3 and low-spin d 6 electron 
configurations. 
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19.12 Synthesis of Coordination Compounds 


There are many different routes of synthesizing coordination compounds, the 
two most common being ligand replacement and oxidation-reduction. 

Ligand Replacement Reactions 

Many transition metal complexes are synthesized in aqueous solution 
by displacement of the water ligands. For example, we can produce the 
hexaamminenickel(II) ion by adding an excess of aqueous ammonia to a solu¬ 
tion of the hexaaquanickel(II) ion: 

[Ni(OH 2 ) 6 ] 2 >4) + 6NH 3 M [Ni(NH 3 ) 6 ] 2+ M + 6H 2 0(/) 

Ammonia, which is higher than water in the spectrochemical series, readily re¬ 
places the water ligands. In other words, the nickel-ammonia bond is stronger 
than the nickel-water bond, and the process is exothermic. Hence, the reaction 
is enthalpy driven. 

If we are dealing with a chelating ligand, we find that the equilibrium is 
driven strongly to the right by entropy factors as well. This situation can be 
illustrated by the formation of the tris(l,2-diaminoethane)nickel(II) ion from 
the hexaaquanickel(II) ion: 

[Ni(OH 2 ) 6 ] 2+ (ag) + 3en (aq) [Ni(en 3 )] 2+ (a^) + 6H 2 0(/) 

In this case, we have a similar enthalpy increase, but there is also a major 
entropy increase because the total number of ions and molecules has increased 
from four to seven. It is the entropy factor that results in such strong complex 
formation by chelating ligands, behavior that is known as the chelate effect. 

Oxidation-Reduction Reactions 

Redox reactions are particularly important as a means of synthesizing com¬ 
pounds in “abnormal” oxidation states. High-oxidation-state fluorides can be 
synthesized by simple combination reactions, for example: 

Os(x) + 3 F 2 (g) OsF 6 (5) 

Other high-oxidation-state compounds and polyatomic ions can be pro¬ 
duced using oxidizing agents. For example, the red-purple ferrate(VI) ion, 
Fe0 4 2_ , can be prepared using the hypochlorite ion in basic solution: 

F e 3 + (aq) + 8 OU~(aq) -► Fq 0 4 2 ~ (aq) + 4 H 2 0(/) + 3 e“ 

CLO~{aq) + 2H 2 0(/) + 2e - ->Cr(aq) + 2 OH ~{aq) 

The ion can then be precipitated as the barium salt: 

Fq 0 4 2 ~ (aq) + Ba 2+ (aq) —» BaFe0 4 (s) 

As we mentioned in the previous section, because cobalt(III) complexes 
are kinetically inert, substitution reactions for cobalt(III) complexes are usu¬ 
ally impractical. Cobalt(II) is the dominant oxidation state, and the hexaaqua 
ion can be used as a reagent to produce a range of cobalt(III) complexes. For 
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example, we can synthesize the hexaamminecobalt(III) ion by the air oxidation 
of the hexaamminecobalt(II) complex. (As we will see in Chapter 20, Section 
20.7, replacement of water by ammonia ligands changes the necessary redox 
potential substantially.) 

[Co(OH 2 ) 6 ] 2 + (fl< 7 ) + 6NH 3 (aq)^[Co(NH 3 ) 6 ] 2+ (aq) + 6 H 2 0(Z) 
[Co(NU 3 ) 6 ] 2+ (aq)^[Co(NU 3 ) 6 f + (aq) + e“ 

0 2 (g) + 4 U + (aq) + 4 e“ ^2 H z O(/) 

One method of preparing chromium(III) complexes is by reduction of the 
dichromate ion. In the following example, an oxalic acid-oxalate ion mixture is 
used as both the reducing agent and the ligand: 

Ci 2 0 7 2 ~(aq) + 14 H + (aq) + 6e“ + 5H 2 0(/)->2 [Cr(OH 2 ) 6 ] 3+ (fl?) 
C 2 0 4 2 ~(aq)^>2C0 2 (g) +2e~ 

[Cr(OH 2 ) 6 ] 3 + (aq) + 3 C 2 0 4 2 ~(aq) ^ [Ci(C 2 0 4 ) 3 ] 3 ~(aq) + 6H 2 0(l) 

The large anion can then be crystallized as the potassium salt, 
K 3 [Cr(C 2 0 4 ) 3 ]-3H 2 0. 

Partial Decomposition Reactions 

In a few cases, the identity of the coordinating ligands can be changed by gentle 
heating and vaporization of the more volatile ligand. An example in cobalt(III) 
chemistry is 

[Co(NH 3 ) 5 (OH 2 )]C1 3 (s) [Co(NH 3 ) 5 C1 ]Cl 2 (s) + H 2 0(g) 

and an example from chromium(III) chemistry is 
[Cr(en) 3 ]Cl 3 (s) —^ [Cr(en) 2 Cl 2 ]Cl(s) + en(g) 

19.13 Coordination Complexes and the HSAB Concept 

Just as the HSAB concept can help us predict main group reactions (as we saw 
in Chapter 7, Section 7.8), so it can help us understand the ligand preferences 
of transition metals in different oxidation states. Table 19.6 shows the qualita¬ 
tive divisions into hard/borderline/soft acids of some of the first row transition 


TABLE 19.6 

Some common first row transition metal 
according to the HSAB concept 

ions categorized 

Hard 

Borderline 

Soft 

Ti 4+ , V 4+ , Cr 3+ , Cr 6+ Fe 2+ , Co 2+ , Ni 2+ , Cu 2+ 

Mn 2+ ,Mn 4+ ,Mn 7+ , 

Fe 3+ , Co 3+ 

Cu + 

All metals with 0 or 
negative oxidation 
states 
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FIGURE 19.35 Classification of 
the HSAB ligand atoms into hard 
(white), borderline (light blue), and 
soft (dark blue). 


elements, whereas Figure 19.35 shows the similar division of ligand atoms into 
hard/borderline/soft. These ligand-atom categories generally apply, irrespec¬ 
tive of the other atoms of the ligand. For example, all nitrogen-donor ligands 
of the form NR 3 are hard bases, where R is an alkyl group such as methyl or 
hydrogen. Conversely, all carbon-donor ligands, such as carbon monoxide and 
cyanide, are soft bases. Chloride is regarded as a hard base, but not as hard as 
fluoride or an oxygen-donor ligand. Hence, it is depicted in Figure 19.35 as half 
white and half blue. 

The HSAB concept accounts for the fact that high oxidation states of metal 
ions (hard acids) are found with fluoride or oxide ligands (hard bases). It is the 
low oxidation states (soft acids) that are stabilized by such ligands as the carbon- 
bonded carbonyl (a soft base). To provide a specific example, copper(II) fluoride 
is known, whereas copper(I) fluoride is not; conversely, copper(I) iodide is known, 
whereas copper(II) iodide is not. We can use this principle to help us synthesize 
transition metal compounds in which the metal ions have abnormal oxidation 
states. For example, iron is usually found in +2 and +3 oxidation states. We can 
prepare a compound of the hard-acid iron(VI) using the hard-base oxide ion to 
give the ferrate ion, [Fe0 4 ] 2_ (as described in the previous section). Similarly, we 
can prepare a compound of soft-acid iron(O) using the soft-base carbonyl mol¬ 
ecule to give pentacarbonyliron(O), [Fe(CO) 5 ]. 


Chemical Symbiosis 

The HSAB concept is also relevant to reactions of transition metal complexes. 
In particular, there is a general tendency for a complex ion to prefer ligand 
atoms of the same type. Thus, a complex with some hard-base ligands will prefer 
to add another hard-base ligand. Similarly, a complex with soft-base ligands 
will prefer to add another soft-base ligand. This preference for ligands of the 
same HSAB type is known as chemical symbiosis. 

Cobalt(III) chemistry is particularly useful for the illustration of symbiosis. 
For example, the complex [Co(NH 3 ) 5 F] 2+ is much more stable in aqueous solu¬ 
tion than [Co(NH 3 ) 5 I] 2+ .This can be explained in HSAB terms by considering 
that Co(III) is “hardened” by the presence of five hard-base ammonia ligands. 
Thus, the soft-base iodide ion is comparatively easily replaced by water (a hard- 
base ligand) to form [Co(NH 3 ) 5 (OH 2 )] 3+ . On the other hand, [Co(CN) 5 I] 3_ is 
more stable in water than [Co(CN) 5 F] 3_ . It is argued that the five soft-base 
cyanide ions “soften” the cobalt(III) complex, resulting in a preference for the 
soft-base iodide at the sixth coordination site rather than the hard-base water 
molecule. 


Linkage Isomerism and the HSAB Concept 

A particularly interesting example of the application of the HSAB concept 
to transition metal complexes involves linkage isomerism. The thiocyanate 
ion, NCS - , can bond either through the nitrogen atom, in which case it acts 
as a borderline base, or through the sulfur atom, in which case it behaves 
as a soft base. We find that in the pentamminethiocyanatocobalt(III) ion, 
[Co(NH 3 ) 5 (NCS)] 2+ , it is bonded through nitrogen, as we would expect, since 








the other ligands are hard bases, while in the pentacyanothiocyanatocobalt(III) 
ion, [Co(CN) 5 (SCN)] 3_ , coordination is through the sulfur, as is consistent with 
the other ligands, cyanides, being soft bases. 
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19.14 Biological Aspects 


The chelate effect is important in biological complexes. One tetradentate ligand 
is of particular importance to biological systems—the porphyrin ring. The basic 
structure of this complex is shown in Figure 19.36. It is an organic molecule in 
which alternating double bonds hold the structure in a rigid plane with four 
nitrogen atoms oriented toward the center. The space in the center is the right 
size for many metal ions. 

In biological systems, the porphyrin ring carries different substituents on the 
edge of the molecule, but the core—a metal ion surrounded by four nitrogen 
atoms—is consistent throughout the biological world. Plant life depends on 
the chlorophylls, which contain magnesium-porphyrin units, for the process of 
photosynthesis. Animal life depends on several metal porphyrin systems such 
as the hemoglobin molecule, used for oxygen transport, which contains four 
iron-porphyrin units. Thus, the porphyrin metal complexes are among the most 
important in the living world. 



FIGURE 19.36 The core of 
metalloporphyrin complexes. 


KEY IDEAS 

• A wide range of oxidation states is a characteristic of tran¬ 
sition metal ions compared to the single (or, in a few cases, 
two) oxidation state(s) found for ions of main group metals. 

• A variety of geometrical shapes are adopted by transi¬ 
tion metal complexes. 

• Transition metal complexes exhibit several types of 
isomerism. 


• Among the bonding theories for transition metal com¬ 
plexes, crystal field theory is one of the most useful. 

• Crystal field theory can be used to explain many of the 
properties of transition metal complexes. 

• The HSAB concept can be applied to the formulas and 
reaction types of transition metal complexes. 


EXERCISES 

19.1 Define the following terms: (a) transition metal; 
(b) ligand; (c) crystal field splitting. 

19.2 Define the following terms: (a) coordination number; 
(b) chelate; (c) chelate effect. 

19.3 Nickel forms two tetracyano complexes, [Ni(CN) 4 ] 2_ 
and [Ni(CN) 4 ] 4_ . Explain why you might expect complexes 
with nickel in both normal (+2) and low (0) oxidation 
states. 

19.4 Suggest why the fluoride in which chromium has its 
highest oxidation state is CrF 6 , whereas the highest oxida¬ 
tion state chromium assumes in a chloride is CrCl 4 . 


19.5 In addition to the two geometric isomers of 
[Pt(NH 3 ) 2 Cl 2 ], there is a third isomer. It has the same empiri¬ 
cal formula and square planar geometry, but it is electrically 
conducting in solution. Write the structure of the compound. 

19.6 Identify the probable type of isomerism for 
(a) Co(en) 3 a 3 ; (b) Cr(NH 3 ) 3 Cl 3 . 

19.7 Draw the geometric and optical isomers for the 
[Co(en) 2 Cl 2 ] + ion. 

19.8 Provide systematic names for each of the following 
compounds: (a) Fe(CO) s ; (b) K 3 [CoF 6 ]; (c) [Fe(OH 2 ) 6 ]Cl 2 ; 
(d) [CoC1(NH 3 )5]S0 4 . 
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19.9 Provide systematic names for each of the following 
compounds: (a) (NH 4 ) 2 [CuC 1 4 ]; (b) [Co(NH 3 ) 5 (OH 2 )]Br 3 ; 
(c) K 3 [Cr(CO) 4 ]; (d) K 2 [NiF 6 ]; (e) [Cu(NH 3 ) 4 ](C10 4 ) 2 . 

19.10 Deduce the formula of each of the following transition 
metal complexes: 

(a) hexaamminechromium(III) bromide 

(b) aquabis(l,2-diaminoethane)thiocyanatocobalt 
(III) nitrate 

(c) potassium tetracyanonickelate(II) 

(d) tris(l,2-diaminoethane)cobalt(III) iodide 

19.11 Deduce the formula of each of the following transi¬ 
tion metal complexes: 

(a) hexaaquamanganese(II) nitrate 

(b) palladium(II) hexafluoropalladate(IV) 

(c) tetraaquadichlorochromium(III) chloride di¬ 
hydrate 

(d) potassium octacyanomolybdenate(V) 

19.12 Write the names of the following geometric isomers: 


19.16 The crystal field splittings, A, are listed in the fol¬ 
lowing table for four complexes of chromium. Explain the 
differences in values. 

Complex 

A(cm -1 ) 

[CrF 6 ] 3 - 

15 000 

[Cr(OH 2 ) 6 ] 3+ 

17 400 

[CrF 6 ] 2 - 

22 000 

[Cr(CN) 6 ] 3 - 

26 600 


19.17 For which member of the following pairs of complex 
ions would A oct be greater? Explain your reasoning. 

(a) [MnF 6 ] 2 - and [RcF 6 ] 2 

(b) [Fe(CN) 6 ] 4 - and [Fe(CN) 6 ] 3 

19.18 Construct a table of d electron configurations and 
corresponding number of unpaired electrons for a tetra¬ 
hedral stereochemistry (similar to Table 19.3). 



Cl 

Cl 

H 3 N 

h 3 n 

- J .-Cl 
^^nh 3 

Cl- 1 -nh 3 
Cl’—| ^nh 3 


nh 3 

nh 3 


(a) 

(b) 


19.13 Construct energy-level diagrams for both high- and 
low-spin situations for the d 6 electron configuration in (a) 
an octahedral field; (b) a tetrahedral field. 

19.14 Which one of the iron(III) complexes, hexacyano- 
ferrate(III) ion or tetrachloroferrate(III), is likely to be 
high spin and which low spin? Give your reasons (two in 
each case). 

19.15 The crystal field splittings, A, are listed in the follow¬ 
ing table for three ammine complexes of cobalt. Explain 
the differences in values. 


Complex A(cm *) 


[Co(NH 3 ) 6 ] 3+ 

22 900 

[Co(NH 3 ) 6 ] 2+ 

10 200 

[Co(NH 3 ) 4 ] 2+ 

5 900 


19.19 Construct a table of crystal field stabilization ener¬ 
gies for the dipositive high-spin ions of the Period 4 transi¬ 
tion metals in a tetrahedral field in terms of A tet (similar to 
Table 19.4). 

19.20 Would you predict that NiFe 2 0 4 would adopt a 
normal spinel or an inverse spinel structure? Explain your 
reasoning. 

19.21 Would you predict that NiCr 2 0 4 would adopt a 
normal spinel or an inverse spinel structure? Explain your 
reasoning. 

19.22 Ortho-phenanthroline, C 8 H 6 N 2 , is a bidentate ligand, 
commonly abbreviated as phen. Explain why [Fe(phen) 3 ] 2+ 
is diamagnetic while [Fe(phen) 2 (OH 2 ) 2 ] 2+ is paramagnetic. 

19.23 The ligand H 2 NCH 2 CH 2 NHCH 2 CH 2 NH 2 , com¬ 
monly known as det, is a tridentate ligand, coordinating to 
metal ions through all three nitrogen atoms. Write a bal¬ 
anced chemical equation for the reaction of this ligand with 
the hexaaquanickel(II) ion and suggest why the formation 
of this complex would be strongly favored. 


BEYOND THE BASICS 

19.24 Copper(II) normally forms a complex chloro-anion anion of formula [CuC 1 5 ] 3 T Suggest two reasons why this 
of formula [CuCl 4 ] 2- with cations such as cesium. However, cation stabilizes the formation of the [CuC 1 5 ] 3 ~ anion. Also, 
the cation [Co(NH 3 ) 6 ] 3+ can be used to precipitate a chloro- give the correct name for the complete compound formed. 







Additional Resources 


531 


19.25 Iron(III) chloride reacts with triphenylphosphine, 
PPh 3 , to form the complex FeCl 3 (PPh 3 ) 2 . However, with 
the ligand tricyclohexylphosphine, PCh 3 , the compound 
FeCl 3 (PCh 3 ) is formed. Suggest a reason for the difference. 

19.26 A complex of nickel, Ni(PPh 3 ) 2 Cl 2 , is paramagnetic, 
whereas the palladium analog, Pd(PPh 3 ) 2 Cl 2 ,is diamagnetic. 
How many isomers would you predict for each compound? 
Give your reasoning. 

19.27 With the availability of many oxidation states, Lat¬ 
imer, Frost, and Pourbaix diagrams are of considerable im¬ 
portance in the study of transition metal chemistry, as we 
will see in Chapter 20. For the imaginary transition metal 
M, the Latimer diagram is as follows: 

M0 3 (a<7) +a5QV > MO 2 (aq) +0 ' 40 -> M 3+ (a ? ) ~ a20 - > 

+0-05 V x 


(a) Identify any species prone to disproportionation, 
and write the corresponding chemical equation. 

(b) Calculate the pH at which the reaction 

[2M 2+ {aq) + + H 2 (g) 

becomes spontaneous. Assume standard conditions 
except for [H + (aqf\. 

19.28 Which of the following ions will have the greater sta¬ 
bility: [AuF 2 ]~ or [AuI 2 ]~? Give your reasoning. 

19.29 Nickel forms an anion [NiSe 4 ] 2_ that is square planar, 
while the analogous zinc anion, [ZnSe 4 ] 2 ~, is tetrahedral. 
Suggest an explanation for the different structures. 

19.30 Many canned or bottled food products, such as com¬ 
mercial mayonnaise, salad dressings, and kidney beans, con¬ 
tain the hexadentate ligand ethylenediaminetetraacetate, 

2 (OOC) 2 NCH 2 CH 2 N(COO) 2 2 , abbreviated edta 4 , or a 
related compound. Suggest a reason for this. 

19.31 Three hydrates of chromium(III) chloride are 
known: form A is a hexahydrate; form B, a pentahydrate; 
and form C, a tetrahydrate. Addition of excess silver ion 
solution to a solution of 1 mole of each form results in the 
precipitation of the following number of moles of silver 
chloride: from A—3; from B—2; from C—1. Using this in¬ 
formation, deduce the actual structure of each hydrate and 
write the corresponding name. 


19.32 Should silver be designated a transition metal if its 
common oxidation state is +1? Discuss. 

19.33 The complex [Co(NH 3 ) 6 ]C1 3 is yellow-orange, while 
[Co(OH 2 ) 3 F 3 ] is blue. Suggest an explanation for the differ¬ 
ence in color. 


19.34 The +3 to +2 reduction potentials for some first row 
transition metals are as follows: 


Cr 3+ (aq) + e“ -+Cr 2+ (aq) 
Mn 3+ (aq) + e“ ->Mn 2+ (aq) 
F e 3+ (aq) + e“ -+Fe 2+ (ag) 
Co 3+ (aq) + e“ -+Co 2+ (aq) 


= -0.42 V 
E° = +1.56 V 
E° = +0.77 V 
E° = +1.92 V 


Suggest why the manganese reduction potential is higher 
than might be expected while the value for the iron reduc¬ 
tion is lower than might be expected. 


19.35 Hydration enthalpies and values of A oct for some 
metal ions are given in the table below. 


Ion 

A h>d /7 e /k.I-mol 1 

A oct /cm 1 

Ca 2+ 

2478 

0 

V 2 + 

2789 

12 600 

n 

-to 

+ 

2806 

13 900 

Mn 2+ 

2747 

7800 

Fe 2+ 

2856 

10 400 

n 

°to 

+ 

2927 

9300 

Ni 2+ 

3007 

8300 

Cu 2+ 

3011 

1260 

Zn 2+ 

2969 

0 


Calculate the number of d electrons for each metal ion and 
plot the hydration enthalpies against the number of d elec¬ 
trons. Calculate the high-spin crystal field stabilization en¬ 
ergy in cm -1 and convert these values to kJ*mol _1 .Use this 
value to correct the enthalpies of hydration for crystal field 
effects. Plot the enthalpies of hydration in the absence of 
crystal field effects. 


ADDITIONAL RESOURCES 


For answers to odd-numbered questions: www.whfreeman.com/descriptive5e 



For accompanying video clips: www.whfreeman.com/descriptive5e 
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CHAPTER 20 


Properties of the 3d 
Transition Metals 



The most striking features of transition metal chemistry are the plethora 
of compounds and the variety of colors of the compounds. The number of 
compounds is a result of two factors: the many oxidation states that the 
metals exhibit and the ability to form complexes with a wide range of ligands. 
The colors usually result from electron transitions within the partially filled 
d orbitals in these species. The 3 d members of the transition metal series are 
the most important; hence, these elements will be the focus of this chapter. 



20.1 Overview of the 3d Transition 
Metals 

20.2 Group 4: Titanium 

20.3 Group 5: Vanadium 

20.4 Group 6: Chromium 

20.5 Group 7: Manganese 
Mining the Seafloor 

20.6 Group 8: Iron 

20.7 Group 9: Cobalt 

20.8 Group 10: Nickel 

20.9 Group 11: Copper 

20.10 Biological Aspects 

20.11 Element Reaction Flowcharts 


W ith its origins linked to the study of minerals, inorganic chemistry 
was the first branch of chemistry to be pursued rigorously. 
However, by the first part of the twentieth century, it had fossilized 
into the memorization of long lists of compounds, their properties, and 
the methods of synthesis. The polymer and pharmaceutical industries 
became fields of rapid growth, and organic chemistry became the major 
focus of chemistry. 

Ronald Nyholm, an Australian chemist, brought inorganic chemistry 
to life again. Nyholm was born in 1917 in Broken Hill, Australia, a mining 
town where the streets have names such as Chloride, Sulphide, Oxide, 
and Silica. With this childhood environment—and an enthusiastic chem¬ 
istry teacher in high school—it was natural for him to choose a career in 
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chemistry. Nyholm moved to England to study with some of the great chemists 
of the time, where his research opened whole new directions of study by showing 
that it was the nature of the ligand that determined much of metal ion behav¬ 
ior. For example, using specific ligands, he was able to produce unusual oxidation 
numbers and coordination numbers in metal complexes. 

Nyholm, together with Ronald Gillespie, a British chemist, devised the 
VSEPR method of predicting molecular shape in 1957, and he was the first 
to argue that inorganic chemistry involved the understanding of molecular 
structure, not just memorization of formulas. Sadly, Nyholm was killed in an 
automobile accident in 1971, at the peak of his career. 


20.1 Overview of the 3d Transition Metals 


All the transition metals are hard (except copper), dense, and have high melt¬ 
ing points. There are patterns in the oxidation states of the 3d transition metals, 
which are illustrated in the formulas of the common oxides (Table 20.1). 


TABLE 20.1 


The oxides of the 3 d transition metals 


Ox. No. 

Titanium 

Vanadium 

Chromium 

Manganese 

Iron 

Cobalt 

Nickel 

Copper 

+ 1 








Cu 2 0 

+2 

TiO 

VO 


MnO 

FeO 

CoO 

NiO 

CuO 

+2 & 3 




Mn 3 0 4 

Fe 3 0 4 

Co 3 0 4 



+3 

Ti 2 0 3 

v 2 o 3 

Cr 2 0 3 

Mn 2 0 3 

Fe 2 0 3 




+4 

Ti0 2 

vo 2 

Cr0 2 

Mn0 2 



Ni0 2 


+5 


v 2 o 5 







+6 



Cr0 3 






+7 




Mn 2 0 7 






The first four members of the period are found in oxidation states up to 
and including their group number. From iron through to copper, the stable 
oxidation states are much lower and decrease. Manganese, iron, and cobalt 
each form oxides in which one-third of the metal ions are in the +2 state and 
the other two-thirds in the +3 state; thus, they are more correctly written as 
(M 2+ )(M 3+ ) 2 (0 2_ ) 4 . Unlike the main group metals, transition metals exhibit 
almost every possible oxidation number; for example, there are various com¬ 
pounds of manganese in which manganese has every oxidation number from 
+7 to -1. 

Figure 20.1 summarizes the Frost diagrams for these elements. Titanium 
metal (oxidation state 0) is strongly reducing, but the elements become less 
so as we progress along the row. When we reach copper, the metal itself is 
the most thermodynamically stable oxidation state. Likewise, traversing the 
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FIGURE 20.1 Frost diagrams 
for the 3d transition metals under 
acid conditions. 


row, the highest oxidation state becomes less favored, and by chromium, it has 
become highly oxidizing. The most thermodynamically stable oxidation number 
is +3 for titanium, vanadium, and chromium, whereas +2 is favored by the 
other elements. For iron, the stabilities of the +3 and +2 oxidation states are 
very similar. Copper is unique in having a stable +1 oxidation number, but as 
is apparent from Figure 20.1, it is prone to disproportionation to the +2 and 
0 oxidation states. 

The Vanadium-Chromium-Manganese Triad 

These three transition metals form a distinct subsection of the 3d transi¬ 
tion metals (the VCrMn triad) in that they readily form oxo-anions such as 
vanadate, V0 4 3- ; chromate, Cr0 4 2- ; and permanganate, Mn0 4 _ . These spe¬ 
cies are actual tetrahedral ions that exist both in solution and in solid ionic 
compounds. 

As discussed in Chapter 9, Section 9.5, there are considerable similari¬ 
ties between the (n) and (n + 10) elements, and this resemblance is particu¬ 
larly true for these three metals with their (n + 10) analogs. For example, the 
vanadate ion behaves as the conjugate base of the very weak acid H 3 V0 4 , 
analogous to phosphoric acid, H 3 P0 4 , and the two corresponding intermedi¬ 
ate acid anions are known: [HV0 4 ] 2_ and [H 2 V0 4 ] _ . Vanadium also forms the 
solid-state oxyanion [V0 3 ]“, which, like [P0 3 ] _ , consists of long chains of V0 4 
tetrahedra, two of the corner oxygen atoms being shared with the neighboring 
tetrahedra. 

Chromium parallels sulfur in that the chromate ion is the conjugate base of 
the strong acid chromic acid (analogous to sulfuric acid). Thus, little hydrolysis 













536 


CHAPTER 20 


Properties of the 3 d Transition Metals 


occurs when chromates are dissolved in water. Similarly, among the many paral¬ 
lels between the chemistry of manganese and chlorine, permanganate resembles 
perchlorate in being the conjugate base of a very strong oxidizing acid. 

The Iron-Cobalt-Nickel Triad 

Under the old nomenclature system, Groups 8, 9, and 10 were collectively 
called Group VIII. In some respects this made chemical sense, for the three 
groups have some interesting relationships. In particular, the first row ele¬ 
ments, iron, cobalt, and nickel, known as the the FeCoNi triad, have similarities 
in their chemistry; for example, the triad are all ferromagnetic, and they have 
almost identical melting points (between 1455° and 1535°C). 

The most noticeable difference between the triad and the earlier first row 
transition metals is that the highest oxidation state is no longer that of the d° 
configuration (+4 for titanium, +5 for vanadium, +6 for chromium, and +7 for 
manganese). Each of the three Fe-Co-Ni triad metals has a common oxidation 
state of +2, and they all form the hexaaqua ions, [M(OH 2 ) 6 ] 2+ , and the tetra¬ 
hedral tetrachloro ions, [MC1 4 ] 2 “. The +3 oxidation state is common for iron, 
less common for cobalt, and very rare for nickel. 

It is important not to claim some exclusive link for the triad. In fact, there 
are similarities among many of the first row transition metals. For example, 
the [M(OH 2 ) 6 ] 2+ (^) is air stable for all the metals from manganese through 
copper. Also, the mixed-metal oxide M 3 0 4 , actually (M 2+ )(M 3+ ) 2 (0 2_ ) 4 , men¬ 
tioned at the beginning of this chapter is well known for manganese, iron, and 
cobalt but difficult to synthesize for nickel, since nickel does not readily form 
nickel(III). 


20.2 Group 4: Titanium 

Titanium, a hard, silvery white metal, is the least dense (4.5 g*cm -3 ) of the 
transition metals. This combination of high strength and low density makes it 
a preferred metal for military aircraft and nuclear submarines, where cost is 
less important than performance. The metal has more mundane applications in 
high-performance bicycle frames and golf clubs. 

Extraction of Titanium 

Although titanium is the ninth most abundant element in the Earth’s crust, the 
pure metal is difficult to obtain from the most common titanium ore,Ti0 2 , rutile. 
Reduction of titanium(IV) oxide, Ti0 2 , with carbon produces the metal carbide 
rather than the metal. The only practical route (the Kroll process ) involves the 
initial conversion of the titanium(IV) oxide to titanium(IV) chloride by heating 
the oxide with carbon and dichlorine: 

Ti0 2 (.S') + 2 C(s) + 2 Cl 2 (g) TiCl 4 (g) + 2 CO(g) 
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The titanium(IV) chloride is then reduced by a more reactive metal. 
Magnesium is usually preferred on the basis of cost and also of ease of sepa¬ 
rating the titanium metal from the other metal chloride and from excess 
metal reactant: 

TiCl 4 (g) + 2 Mg(Z) Ti(s) + 2 MgCl 2 (/) 

The spongy mass of titanium metal is porous, and the magnesium chloride and 
excess magnesium metal can be dissolved out by using dilute acid. The titanium 
metal granules are then fabricated into whatever shape is required. 

Titanium(IV) Oxide 

Although the production of titanium metal is vital for the defense industry, the 
enormous quantities of titanium ores mined each year are destined for a more 
innocuous purpose—as paint pigment. Of the 5 million tonnes of titanium ore pro¬ 
duced each year, Canada provides about one-third and Australia provides about 
one-fourth. Although the element is found as the dioxide (rutile), it is too impure 
to be used directly. 

The purification process of titanium(IV) oxide involves the conversion of 
rutile to the chloride, as in the metal synthesis: 

Ti0 2 (s) + 2 C(s) + 2 Cl 2 (g) TiCl 4 (g) + 2 CO(g) 

The chloride is then reacted with dioxygen at about 1200°C to give pure white 
titanium(IV) oxide while the chlorine is recycled: 

TiCl 4 (g) + 0 2 (g) Ti0 2 (s) + 2 Cl 2 (g) 

Prior to the use of titanium(IV) oxide in paints, the common white pigment 
was “white lead,” Pb 3 (C0 3 )2(0H)2. Apart from its toxicity, it discolored in indus¬ 
trial city atmospheres to give black lead(II) sulfide. Titanium(IV) oxide, which is 
stable to discoloration in polluted air, has now replaced white lead completely. 
Not only is titanium(IV) oxide of very low toxicity, it has the highest refractive 
index of any white or colorless inorganic substance—even higher than diamond. 
As a result of this high light-scattering ability, it covers and hides previous paint 
layers more effectively. In addition to its use in white paint, it is also added to 
colored paints to make the colors paler and mask previous colors better. 


20.3 Group 5: Vanadium 


None of the Group 5 metals has any great usefulness, although vanadium is 
used for vanadium steels, a particularly hard alloy employed for knife blades 
and various workshop tools. 

The simple redox chemistry of vanadium is particularly interesting to in¬ 
organic chemists because vanadium readily exists in four different oxidation 
states: +5, +4, +3, and +2, corresponding to the d°, d 1 , d 2 , and d 3 electron 
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configurations. With an oxidation number of +5 for vanadium, the colorless 
vanadate ion, [V0 4 ] 3- , exists in very basic solution; under neutral conditions, 
conjugate acids such as the pale yellow dihydrogen vanadate ion, [H 2 V0 4 ] _ , 
are formed. 

A reducing agent, such as zinc metal in acid solution, can be used to reduce 
the vanadium(V) to give the characteristically colored ions of vanadium in 
lower oxidation states: 

Zn(s) —»Zn 2+ (aq) + 2e“ 

Initial reduction of the dihydrogen vanadate ion by zinc metal in acid solution 
(or by a weak reducing agent, such as sulfur dioxide) gives the deep blue vanadyl 
ion, V0 2+ (with +4 oxidation number). For simplicity, we have written the ion 
as V0 2+ , but, in fact, it is written more precisely as [VO(OH 2 ) 5 ] 2+ , because five 
water molecules occupy the other coordination sites: 

[H 2 VO A ]~[aq) +4H + (tf<?) + e" -^VO 2+ (aq) + 3 H 2 0(Z) 

As reduction continues, the bright blue color of the vanadyl ion is replaced 
r^Cl by that of the green hexaaquavanadium(III) ion, [V(OH 2 ) 6 ] 3+ (or \ 3+ {aq ), for 
simplicity): 

VO 2+ {aq) + 2H + (aq) + e" ->V 3 + (aq) + H 2 0(/) 

Provided air is excluded, further reduction results in the formation of the lavender 
hexaaquavanadium(II) ion, [V(OH 2 ) 6 ] 2+ : 

[V(OH 2 ) 6 ] 3+ H) + e-^[V(OH 2 ) 6 ] 2+ H 

As soon as this solution is exposed to air, it reoxidizes to the vanadium(III) ion 
and eventually to the vanadyl ion. 


20.4 Group 6: Chromium 


Chromium metal provides a shiny protective coating for iron and steel surfaces. 
Chromium metal is not inert in itself; instead, it has a very thin, tough, trans¬ 
parent oxide coating that confers the protection. The element is found mainly 
as the ore chromite, FeCr 2 0 4 ,96 percent of the world’s reserves being found in 
southern Africa. Although referred to as chromite, the structure is more accu¬ 
rately called iron(II) chromium(III) oxide, (Fe 2+ )(Cr 3+ ) 2 (0 2- ) 4 . Less common 
is crocoite, PbCr0 4 , lead(II) chromate. 

As the Frost diagram in Figure 20.1 shows, chromium(III) is the most thermo¬ 
dynamically stable oxidation state, with chromium(VI) being highly oxidiz¬ 
ing. The Pourbaix diagram for a 1 mmoFL -1 chromium is provided in Figure 
20.2, and it can be seen that the chromate and hydrogen chromate ions are 
only thermodynamically preferred under oxidizing conditions. Under highly 
basic conditions, the dark green chromate(V) ion, [Cr0 4 ] 3- , can be formed. This 
oxidation state is involved in the reduction of chromium(VI) to chromium(III) 
under basic conditions and by bacteria. 
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FIGURE 20.2 Pourbaix 
diagram for chromium species 
at 1 mrnol-L -1 showing their 
dependence on pH and E. 


Chromates and Dichromates 


Kinetically slow decomposition enables chromium(VI) ions to exist under con¬ 
ditions outside of the boundaries shown on the Pourbaix diagram. The most 
important of these are the chromates and dichromates. The yellow chromate 
ion, [Cr0 4 ] 2- , can only exist in solution under neutral or alkaline conditions, 
and the orange dichromate ion, [Cr 2 0 7 ] 2- , only under acid conditions because 
of the equilibrium 

2 [CxO A f~{aq) + 2H + (aq) ^ [Cx 2 0 7 f~ {aq) + H 2 0(/) 

In dilute acidic solution, as Figure 20.3 shows, the dichromate hydrolyzes to ^ 

form the hydrogen chromate ion, [HCr0 4 ]“: 

[Cx 2 0 7 f~(aq) + H 2 0(Z) ^ 2 [HCrO 4 ]~(aq) 



FIGURE 20.3 Predominance 
diagram for chromium(VI) species 
showing their dependence on pH 
and chromium concentration. 
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The Group 1 chromates are soluble, while those of Group 2 are insoluble. 
In fact, the solubility products of the Group 2 chromates are very close to 
those of the equivalent sulfates (further evidence of the ( n ) and (n + 10) 
group linkage). However, transition metal chromates are insoluble (such as 
copper(II) chromate), whereas the analogous sulfates are soluble (such as 
copper(II) sulfate). If the cation is colorless, then the compound is usually 
yellow, such as lead(II) chromate, PbCr0 4 . The insolubility of lead(II) chro¬ 
mate and its high refractive index (hence high opacity) have resulted in its 
use for yellow highway markings. 

In both the chromate and the dichromate ion, chromium has an oxidation 
state of +6; hence, the metal has a d° electron configuration. Without d elec¬ 
trons, we might expect these and all d° configurations to be colorless. This is 
obviously not the case. The color comes from an electron transition from the 
ligand to the metal, a process known as charge transfer. That is, an electron is 
excited from a filled ligand p orbital through a rr interaction into the empty 
metal ion d orbitals. We can depict the process simply as 

Cr 6+ —O 2 ~~ —» Cr 5+ —O “ 




The toxicity of chromium(VI) is the 
central theme of the movie Erin 
Brockovich. 


Such transitions require considerable energy; hence, the absorption is usually 
centered in the ultraviolet part of the spectrum, with just the edge of the ab¬ 
sorption in the visible region. Charge transfer is particularly evident when the 
metal is in high oxidation states, such as chromates and dichromates. 

Silver(I) chromate, Ag 2 Cr0 4 , has a brick red color, unlike any other metal 
ion apart from thallium(I) (see Chapter 9, Section 9.8). The color of the chro¬ 
mate makes it a useful compound in the analysis of silver ion. One route is a 
precipitation titration (the Mohr method ), in which silver ion is added to chlo¬ 
ride ion to give a white precipitate of silver chloride: 

Ag + (aq) + C\~(aq) —> AgCl(s) 

In the presence of chromate ion (usually about 0.01 mobL" 1 ), the brick red, 
slightly more soluble silver chromate will form as soon as the chloride ion is 
completely consumed, the color change indicating that the equivalence point 
has been reached (actually, slightly exceeded): 

2Ag + (aq) + [Cr0 4 ] 2 ~(aq) —> Ag 2 Cr0 4 (s) 

The dichromate ion has a structure involving a bridging oxygen atom 
(Figure 20.4). This ion is a strong oxidizing agent, although the carcino¬ 
genic nature of the chromium(VI) ion means that it should be treated with 
respect, particularly the powdered solid, which can be absorbed through 
the lungs. The orange dichromate ion is a good oxidizing agent and is re¬ 
duced to the green hexaaquachromium(III) ion, [Cr(OH 2 ) 6 ] 3+ , in the redox 
reaction 

[Cr 2 0 7 ] 2 “(a<7) + 14 H + {aq) + 6 e“ ^2 Cr 3+ {aq) + 7 H 2 0(Q 

E e = +1.33 V 

This reaction is used in breath analyzers for the detection of excessive alcohol 
intake. The ethanol in the breath is bubbled through an acidic solution of 


dichromate, the color change being detected quantitatively. In the reaction, the 
ethanol is oxidized to ethanoic (acetic) acid: 

CH 3 CH 2 OH(a<?) + H 2 0(Z) -> CH 3 C0 2 H(a ? ) + 4H + {aq) + 4e“ 

The oxidation of organic compounds with dichromate ion is a common reac¬ 
tion in organic chemistry. Sodium dichromate is preferred because it has a higher 
solubility than potassium dichromate. 

For quantitative analysis, sodium dichromate cannot be used as a primary 
standard because of its deliquescence. However, potassium dichromate is an ideal 
primary standard because it does not hydrate and because it can be obtained 
in high purity by recrystallization—its solubility in water increases rapidly with 
increasing temperature. One application is the determination of iron(II) ion con¬ 
centrations in an acidic solution. In this titrimetric procedure, the dichromate is 
reduced to chromium(III) ion and the iron(II) ion is oxidized to iron(III) ion: 

Fq 2+ (aq) -^Fq 3 + (aq) + e - 

The characteristic color change of orange to green as the dichromate is reduced 
to the chromium(III) ion is not sensitive enough; thus, an indicator, barium 
diphenylamine sulfonate, has to be used. This indicator is less readily oxidized 
than iron(II) ions, but it is oxidized to give a blue color once all the iron(II) 
ions have been converted to the iron(III) state. Because free iron(III) ions 
affect the indicator and thus give rise to an inaccurate endpoint, some phos¬ 
phoric acid is added before starting the titration. This reagent gives a stable 
iron(III) phosphate complex. 

Ammonium dichromate, (NH 4 ) 2 Cr 2 0 7 , is often used in “volcano” demon¬ 
strations. If a red-hot wire or a lit match is touched to a pile of ammonium 
dichromate, exothermic decomposition is initiated, emitting sparks and water 
vapor in a spectacular way. However, this is not a safe demonstration because 
a dust containing carcinogenic chromium(VI) compounds is usually released. 
The reaction is nonstoichiometric, producing chromium(III) oxide, water vapor, 
nitrogen gas, and some ammonia gas. It is commonly represented as 

(NH 4 ) 2 Cr 2 0 7 (s) —» Cr 2 0 3 (s) + N 2 (g) + 4 H 2 0(g) 

The industrial production of dichromate provides some interesting chemis¬ 
try. The starting material is chromite, FeCr 2 0 4 . The powdered ore is heated to 
about 1000°C with sodium carbonate in air, thereby causing the chromium(III) 
to be oxidized to chromium(VI): 

4 FeCr 2 0 4 (j) + 8 Na 2 C0 3 (/) + 7 0 2 (g) 

8 Na 2 Cr0 4 (s) + 2 Fe 2 0 3 (s) + 8 C0 2 (g) 

Addition of water dissolves the sodium chromate, a process called leaching; 
it leaves the insoluble iron(III) oxide. To obtain sodium dichromate, the Le 
Chatelier principle is applied. The following equilibrium lies to the left under 
normal conditions, but under high pressures of carbon dioxide (obtained from 
the previous reaction), the yield of sodium dichromate is high: 

2 Na 2 Cr0 4 (ag) + 2 C0 2 (aq) + H 2 0(/) Na 2 Cr 2 0 7 (ag) + 2 NaHC0 3 (s) 
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In fact, the aqueous carbon dioxide is really employed as a low-cost way of 
decreasing the pH to favor the dichromate ion in the chromate-dichromate 
equilibrium. It can be seen that the mole ratio of carbon dioxide to chromate 
produced in the previous step is exactly the same as that employed in this step. 
The slightly soluble sodium hydrogen carbonate has to be filtered off under 
pressure to prevent the equilibrium from shifting to the left. The sodium hydro¬ 
gen carbonate is then reacted with an equimolar proportion of sodium hydrox¬ 
ide to obtain the sodium carbonate that can be reused in the first step. Thus, the 
ore and sodium hydroxide are the only bulk chemicals used in the process. 

A common test for dichromate is the addition of hydrogen peroxide. The 
peroxo species extracts into ethoxyethane (diethyl ether) to give a characteristic 
intense blue color, believed to contain the Cr0 5 molecule, which actually contains 
one doubly bonded oxygen atom and two chelating peroxo units, Cr0(0 2 ) 2 : 

Cr 2 0 7 2 ~(aq) + 3 H 2 0(/) ->2 Cr0(0 2 ) 2 (ether) + 6 U + (aq) + 8 e“ 

H 2 0 2 (a<?) + 2 H + (aq) + 2 e" ^2H 2 0(/) 


O 



Cl 


FIGURE 20.5 The chromyl 
chloride molecule, Cr0 2 CI 2 . 


Chromyl Chloride 

Chromyl chloride, a red, oily liquid of formula Cr0 2 Cl 2 , has a tetrahedral ar¬ 
rangement around the central chromium atom, with appreciable double bond 
character in the Cr—O bonds (Figure 20.5). The compound is of interest only 
as a definitive means of identifying chloride ion if a halide ion is known to be 
present. When concentrated sulfuric acid is added to a mixture of solid orange 
potassium dichromate and an ionic chloride, such as white sodium chloride, the 
mixture turns dark as a result of the formation of chromyl chloride: 

K 2 Cr 2 0 7 (s) + 4 NaCl(s) + 6 H 2 S0 4 (/) 

2 Cr0 2 Cl 2 (/) + 2 KHS0 4 (s) + 4 NaHS0 4 + 3 H 2 0(/) 

When heated gently and very cautiously, the chromyl chloride vaporizes to 
give a deep red, toxic gas. This gas can be collected and condensed as the pure 
dark red covalent liquid. If this liquid is added to a basic solution, it immedi¬ 
ately hydrolyzes to the yellow chromate ion: 

Cr0 2 Cl 2 (/) + 4 OH ~(aq) ^Cr0 4 2 ~(aq) + 2 C\~{aq) + 2 H 2 0(/) 

Because bromides and iodides do not form analogous chromyl compounds, 
this test is specific for chloride ions. 


Chromium(lll) Chloride 

Anhydrous chromium(III) chloride, CrCl 3 , is a reddish violet solid obtained 
when chlorine is passed over strongly heated chromium metal: 

2 Cr(s) + 3 Cl 2 (g) 2 CrCl 3 (s) 

When it is crystallized from aqueous solution, a dark green hexahydrate is 
obtained. If a solution of this hydrated chromium(III) chloride is treated with a 
solution of silver nitrate, only one-third of the chloride precipitates out as silver 
chloride; that is, only one of the chlorides is present as the free ion. This result 
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indicates that the formula of this compound is [Cr(0H 2 ) 4 Cl 2 ] + (CT)‘2H 2 0. As 
mentioned in Chapter 19, Section 19.4, there are actually three hydration isomers 
of this compound: violet, [Cr(OH 2 ) 6 ] 3 + (Cr) 3 ; light green, [Cr(OH 2 ) 5 Cl] 2 + (Cr) 2 - 
2H 2 0; and dark green, [Cr(0H 2 ) 4 Cl 2 ] + (Cl )*2H 2 0. 

Chromium(ll) Acetate 

Although chromium(II) is a low oxidation state for this element, there is one 
compound that is easy to synthesize—chromium(II) acetate. This insoluble red 
compound is prepared by reducing chromium(III) ion with zinc metal: 

2 Cr 3+ (aq) + Zn(s) —>2 Cr 2+ (aq) + Zn 2+ (aq) 
then adding acetate ion: 

2 Cr 2+ (aq) + 4 CU 3 COO~ (aq) + 2 H 2 0(Z) -► 

Cr 2 (CH 3 COO) 4 (OH 2 ) 2 (s) 

Acetates are generally soluble; in fact, they form the most soluble ^O- 
compounds except for nitrate. Thus, the insolubility of the compound 
is an indication that the product is not a simple compound. And in- CH 3 '"''' 
deed, it is not. The complex is a dimer with the four acetate ligands 
acting as —O—C—O— bridges between the two chromium(II) ions, 
which are directly linked by a chromium-chromium bond. The two 
water molecules occupy the sixth coordination sites on the ends of 
the molecule (Figure 20.6). 

Chromium Oxides 

For titanium, the only oxide of significance is titanium(IV) oxide, Ti0 2 , and 
for vanadium, vanadium(V) oxide, V 2 0 5 , both of which are high-melting-point 
ionic solids. Chromium has two oxides of importance, chromium(VI) oxide, 
Cr0 3 , and chromium(III) oxide, Cr 2 0 3 . 

Chromium(VI) oxide is a red crystalline solid. With a low melting point 
and a high solubility in water, the bonding is best described as small-molecule 
covalent. It is an acidic oxide, as are most metal oxides in which the metal has a 
very high oxidation number, dissolving in water to form “chromic acid,” which 
is in fact a mixture of species. The strongly oxidizing (and acidic) nature of the 
solution results in its occasional use as a final resort for cleaning laboratory 
glassware. However, the hazard of the solution itself (it is carcinogenic and 
very acidic) and the potential danger from exothermic redox reactions with 
glassware contaminants make it a very unwise choice. 

Preparation of this oxide can be accomplished by adding concentrated 
sulfuric acid to a cold concentrated solution of potassium dichromate. The 
synthesis can be viewed as an initial formation of chromic acid followed by a 
decomposition to the acidic oxide and water: 

K 2 Cr 2 0 7 (ag) + H 2 S0 4 (aq) + H 2 0(/) -^K 2 S0 4 (aq) +2 “H 2 Cr0 4 (ag)” 

“H 2 Cr0 4 (ag)” —> Cr0 3 (s) +H 2 0(/) 

The green, powdery compound, chromium(III) oxide, Cr 2 0 3 , is a high- 
melting-point, water-insoluble amphoteric oxide, as might be expected from 


CH 3 



ch 3 


FIGURE 20.6 The chromium(ll) 
acetate dimer complex. 
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the lower oxidation number of the metal. The properties of the two oxides are 
compared in Table 20.2. 


TABLE 20.2 

A comparison of the properties of chromium(VI) oxide and chromium(lll) oxide 

Oxide 

Appearance 

Melting point 

(°C) 

Aqueous 

solubility 

Acid-base 

properties 

Bonding 

classification 

Cr0 3 

Red crystals 

190 

Soluble 

Acidic 

Small-molecule covalent 

Cr 2 0 3 

Green powder 

2450 

Insoluble 

Amphoteric 

Ionic 


Just as lead(II) chromate (chrome yellow) is an important yellow pigment, so 
chromium(III) oxide is a common green pigment. It is chromium(III) oxide that 
has, since 1862, provided the pigment for the green U.S. currency (“greenbacks”). 
Because the pigment is a mineral rather than an organic dye, the green will not 
fade, nor is it affected by acids, bases, or either oxidizing or reducing agents. 
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Manganese is the third most abundant transition metal after iron and titanium. 
Unlike chromium, it is found mainly as a silicate mineral, braunite, Mn 7 Si0 12 , 
containing both manganese(II) and manganese(III).The structure can be best 
understood by writing it in mineralogical form: 3Mn 2 0 3 *MnSi0 3 . Manganese 
is important as an additive in specific types of steel. 



FIGURE 20.7 Frost (oxidation 
state) diagram for manganese in 
acidic solution. 


Oxidation States of Manganese 

Manganese readily forms compounds over a range of oxidation states that 
is wider than that of any other common metal. Figure 20.7 shows the rela¬ 
tive stabilities for the oxidation states of manganese in acid solution. From 
this diagram, we can see that the permanganate ion, [Mn0 4 ]~, also called 
tetraoxomanganate(VII), is very strongly oxidizing in acid solution. The 
deep green manganate ion, [Mn0 4 ] 2 ~, known also as tetraoxomanganate(VI), 
is strongly oxidizing as well, but it disproportionates readily to the per¬ 
manganate ion and manganese(IV) oxide; thus, it is of little importance. 
Manganese(IV) oxide is oxidizing with respect to the most stable manga¬ 
nese species, the manganese(II) ion. In acid solution, the manganese(III) 
ion disproportionates, and it also is of little interest. Finally, the metal itself 
is reducing. 

In basic solution, we find a different situation, as can be seen in Figure 20.8. 
The differences can be summarized as follows: 


1. For a particular oxidation state, many of the compounds are unique. Man¬ 
ganese, like most metals, at high pH forms insoluble hydroxides (and oxide 
hydroxides) in which the metal has low oxidation states. 


2. The higher oxidation states are not strongly oxidizing, as they are in acid solu¬ 
tion. This difference can be explained simply in terms of reductions that involve 
hydrogen ion concentration, for these reactions will be strongly pH dependent. 
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In the Frost diagram for acid solution, the concentration of hydrogen ion is 
1 moFL -1 ; in the diagram for basic solution, the hydrogen ion concentration is 
1CT 14 rnohL” 1 (that is, 1 mohL -1 concentration of hydroxide ion). Using the Nernst 
equation, we can show that this change in ion concentration will have a major 
effect on the standard reduction potential. 

3. Oxidation states that are very unstable in acid can exist in basic solu¬ 
tion (and vice versa). Thus, the bright blue manganite ion, [Mn0 4 ] 3 ", or tetra- 
oxomanganate(V), can be formed in basic solution. 

4. In basic solution, the most thermodynamically stable species is manganese 
(IV) oxide, although the manganese(III) oxide hydroxide, MnO(OH), and 
manganese(II) hydroxide also are both moderately stable. In fact, above pH 14, 
manganese(III) oxide hydroxide is thermodynamically more stable than 
manganese(II) hydroxide. 



FIGURE 20.8 Frost (oxidation 
state) diagram for manganese in 
basic solution. 







Mining the Seafloor 


W e usually think of minerals as coming from mines 
bored into Earth’s crust, yet there is increasing 
interest in mining ore deposits from the seafloor. In 
1873, the Challenger expedition to the Pacific Ocean 
first dredged up mineral nodules from the bottom of 
the sea. We now know that nodules are widespread over 
the ocean floors. Generally, manganese and iron each 
make up between 15 and 20 percent of the content of 
these nodules; smaller concentrations of titanium, nickel, 
copper, and cobalt are also present. However, the com¬ 
position varies from site to site, with some nodule beds 
containing up to 35 percent manganese. 

The question of how such nodules formed puzzled 
chemists for a long time. It was the Swedish chemist I. G. 
Sillen who proposed that the oceans be considered as a gi¬ 
ant chemical reaction vessel. As the metal ions accumulate 
in the seas from land runoff and undersea volcanic vents, 
the products of their reactions with anions in the seawater 


exceed the solubility product. The compounds then start 
to crystallize out very slowly over thousands and perhaps 
millions of years in the form of these nodules. 

Because the nodules are such concentrated ores, 
there is much interest in using them for their metal 
content, particularly by the United States, which has to 
import much of the manganese, cobalt, and nickel it uses. 
A number of mining techniques are being developed to 
remove up to 200 tonnes of nodules per hour. However, 
there are two concerns, the first of which relates to the 
life on the seafloor: such large-scale excavations could 
have a major effect on bottom ecosystems. Furthermore, 
there is the question of ownership. Should the nodules be 
the property of whichever company and/or country can 
mine them first, or, being in international waters, should 
they be the collective property of the world? Both of 
these issues need to be discussed and solved in the very 
near future. 
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Permanganates 

Potassium permanganate, KMn0 4 , a violet-black solid, is the best-known 
manganese compound, with an oxidation number of +7. Like chromium(VI) 
compounds, the color in this d° ion is derived from charge transfer electron 
transitions. It dissolves in water to give a deep purple solution. 

The permanganate ion is an extremely powerful oxidizing agent, and under 
acid conditions, it is reduced to the colorless manganese(II) ion. For example, 
with hydrogen peroxide, the two half-reactions are 

[Mn0 4 ] _ (ag) + 8YL + (aq) + 5 e“ ^Mn 2+ (aq) + 4H 2 0(/) 

H 2 0 2 (a<?) -> 0 2 (g) + 2 H + (aq) + 2 e“ 

In base, brown solid manganese(IV) oxide is formed (oxidations in organic 
chemistry often employ permanganate in basic solution): 

[MnO 4 ]~(aq) + 2 H 2 0(/) + 4 e“ ^Mn0 2 (s) + 4 OH ~{aq) 

HO 2 (aq) + OH~(aq) —> 0 2 (g) + H 2 0(/) + 2e“ 

With a weak reducing agent, such as the sulfite ion, reduction to the green 
manganate ion occurs in basic solution: 

[Mn0 4 ]~ (aq) + e - —> [MnO 4 f~{aq) 

SO 3 2 ~{aq) + 2 OYT{aq) S0 4 2 ~ (aq) + H 2 0(/) + 2 e“ 

Like the isoelectronic chromate(V) ion, [Cr0 4 ] 3 “ (see Section 20.4), the man¬ 
ganate ion is only stable in the solid phase or in extremely basic conditions. For 
example, when potassium manganate is dissolved in water, it disproportion- 
ates, as predicted by the Frost diagram: 

3 [Mn0 4 ] 2 “(^) + 2 H 2 0(/) ^2 [MnO A ]~(aq) + Mn0 2 (s) + 4 OH“(^) 

Potassium permanganate is an important reagent in redox titrations. Unlike 
potassium dichromate, it is not a suitable primary standard, because its purity 
cannot be guaranteed. Samples of the substance contain some manganese(IV) 
oxide, and aqueous solutions slowly deposit brown manganese(IV) oxide on 
standing. Its precise concentration is determined by titration against a standard 
solution of oxalic acid. Potassium permanganate solution is run into the oxalic 
acid solution from a buret, and the purple color disappears as the (almost) col¬ 
orless manganese(II) ions and carbon dioxide are formed. The permanganate 
acts as its own indicator, for the slightest excess of permanganate gives a pink 
tint to the solution: 

[Mn0 4 ] _ (ag) + 8H + (a ? ) + 5 e“ ^Mn 2+ (aq) + 4H 2 0(/) 
[C 2 0,] 2 -(aq)^2C0 2 (g) + 2 e“ 

This particular reaction has a high activation energy. To provide a reasonable 
reaction rate, the oxalate solution is initially warmed. However, once some 
manganese(II) ion is produced, it acts as its own catalyst, and the reaction 
occurs more quickly as the titration proceeds. 
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A standardized solution of potassium permanganate can be used for the 
quantitative determination of iron in samples such as mineral ores or food¬ 
stuffs. The iron is converted to iron(II) ion, which is then titrated with stan¬ 
dardized permanganate ion solution, again using the permanganate ion as 
reagent and indicator: 

[Mn0 4 ] - (ag) + 8 H + (aq) + 5 e“ ->Mn 2+ (aq) + 4 H 2 0(/) 

Fe 2+ (aq) —>Fe 3+ (aq) + e” 

Potassium permanganate is such a strong oxidizing agent, it will even oxi¬ 
dize concentrated hydrochloric acid to chlorine, and this is one way of produc¬ 
ing chlorine gas in the laboratory: 

2 KMn0 4 (s) + 16 HC1 (aq) -» 

2 KCl(s) + 2 MnCl 2 (s) + 8 H 2 0(/) + 5 Cl 2 (g) 


Manganese(ll) Compounds 

Under acid conditions, the most thermodynamically stable oxidation number of 
manganese is +2. Manganese in this oxidation state exists as a very pale pink 
ion, [Mn(OH 2 ) 6 ] 2+ , a species present in all the common salts of manganese, such 
as nitrate, chloride, and sulfate. The very pale color of this ion contrasts with 
the strong colors of most other transition metal ions. The reason for the virtual 
absence of color can be deduced from our earlier remarks on the cause of color 
in transition metal compounds. The wavelengths absorbed correspond to the 
energy needed to raise a d electron from its ground state to an excited state. 
However, in the high-spin manganese(II) ion, each orbital already contains one 
electron. The only way an electron can absorb energy in the visible spectrum 
is by inverting its spin and pairing with another electron during the excitation 
(Figure 20.9).This process (a spin-forbidden transition) has a very low probabil¬ 
ity; hence, little visible light is absorbed by the manganese(II) ion. 

When base is added to a solution containing manganese(II) ion, the white 
manganese(II) hydroxide is formed: 

Mn 2+ (aq) + 2 OU~(aq) ^Mn(OH) 2 (j) 

However, the manganese (III) state is favored under basic conditions, and the 
manganese(II) hydroxide oxidizes in the air to a brown hydrated manganese (III) 
oxide, MnO(OH): 

Mn(OH) 2 (s) + OH"(^) ->MnO(OH)(s) + H 2 0(/) + e~ 

1 02 (g) + H 2 0(/) + 2 e" -> 2 OH ~{aq) 

One of the few oxidizing agents even more powerful than permanganate 
is the bismuthate ion, [Bi0 3 ]“. A test for manganese(II) ion is the addition of 
sodium bismuthate to a sample under cold, acidic conditions. The purple per¬ 
manganate ion is produced, thereby indicating the presence of manganese: 

Mn 2+ (aq) + 4 H 2 0 (/) -> [Mn0 4 ]“(a?) + 8 H + (aq) + 5 e“ 

[Bi0 3 ]“(«g) + 6 U + (aq) + 2 e“ ^Bi 3 + (aq) + 3 H 2 0(/) 


1 1 


1 1 1 


High spin 

FIGURE 20.9 Thed-orbital 
occupancy for the d 5 electron 
configuration. 
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Manganese Oxides 

Manganese has the widest range of oxides of all the 3d transition metals, in¬ 
cluding Mn 2 0 7 , Mn0 2 , Mn 2 0 3 , Mn 3 0 4 , and MnO. These range in properties 
from the acidic manganese(VII) oxide, Mn 2 0 7 , to the basic manganese(II) 
oxide, MnO. The three of particular interest are manganese(VII) oxide, 
Mn 2 0 7 ; manganese(IV) oxide, Mn0 2 ; and manganese(II) manganese(III) oxide, 
Mn 3 0 4 . 

Manganese(VII) oxide is a greenish brown liquid at room temperature. 
Like chromium(VI) oxide, it is strongly oxidizing and its bonding is best de¬ 
scribed as small-molecule covalent. The oxide decomposes explosively to the 
more stable manganese(IV) oxide: 

2 Mn 2 0 7 (/) —> 4 Mn0 2 (s) + 3 0 2 (g) 

Manganese(IV) oxide is a gray-black insoluble solid and is considered 
to have an essentially ionic structure. It is the only common compound of 
manganese in the +4 oxidation state. (In Chapter 9, Section 9.5, we noted 
the parallel between manganese(IV) oxide and chlorine dioxide.) The com¬ 
pound is a strong oxidizing agent: it releases chlorine from concentrated 
hydrochloric acid and is, at the same time, reduced to manganese(II) 
chloride: 

Mn0 2 (s) + 4 HCl(aq)^MnCl 2 (aq) + Cl 2 (g) + 2 H 2 0(/) 

This oxide is a key component of the common alkaline battery. The cell 
consists of a zinc case (the anode) with a central rod as cathode. This rod 
consists of a compressed mixture of graphite (a good electrical conduc¬ 
tor) and manganese(IV) oxide. The electrolyte is a potassium hydroxide 
solution. In the cell reaction, the manganese(IV) oxide is reduced to the 
manganese(III) oxide hydroxide MnO(OH), while the zinc is oxidized to 
zinc hydroxide: 

2 Mn0 2 (s) + 2 H 2 0(/) + 2 e~ ^2 MnO(OH)(s) + 2 OH ~{aq) 

Zn (s) + 2 0H~(ag)^Zn(0H) 2 (s) + 2 6- 

In the overall process, 2 moles of hydroxide ion are consumed at the anode 
and 2 moles of hydroxide ion are produced at the cathode. As a result of the 
constancy of hydroxide ion concentration, the cell potential remains constant, 
a useful advantage over the old “dry cell,” in which the deliverable voltage 
drops over the lifetime of the battery. 

Manganese(II) manganese(III) oxide, Mn 3 0 4 , is a red-brown solid of 
interest because of its formula. In the crystal, there are both Mn 2+ and 
Mn 3+ ions; thus, the structure is best represented as (Mn 2+ )(Mn 3+ ) 2 (0 2 “) 4 . 
We previously mentioned these two oxides, Mn 3 0 4 and Fe 3 0 4 , in the con¬ 
text of the spinel structures (see Chapter 13, Section 13.9). Crystal field 
theory can be used to account for the fact that the manganese compound 
adopts the spinel structure while the iron compound adopts the inverse 
spinel packing. 
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Iron is believed to be the major component of Earth’s core. This metal is also 
the most important material in our civilization. It does not hold this place be¬ 
cause it is the “best” metal; after all, it corrodes much more easily than many 
other metals. Its overwhelming dominance in our society comes from a variety 
of factors: 


1. Iron is the second most abundant metal in the Earth’s crust, and concen¬ 
trated deposits of iron ore are found in many localities, thus making it easy to 
mine. 

2. The common ore can be easily and cheaply processed thermochemically to 
obtain the metal. 

3. The metal is malleable and ductile, whereas many other metals are rela¬ 
tively brittle. 

4. The melting point (1535°C) is low enough that the liquid phase can be 
handled without great difficulty. 

5. By the addition of small quantities of other elements, alloys that 
have exactly the required combinations of strength, hardness, or duc¬ 
tility for very specific uses can be formed. 

The one debatable factor is iron’s chemical reactivity. This is consid¬ 
erably less than that of the alkali and alkaline earth elements but is 
not as low as that of many other transition metals. The relatively easy 
oxidation of iron is a major disadvantage—consider all the rusting 
automobiles, bridges, and other iron and steel structures, appliances, 
tools, and toys. At the same time, it does mean that our discarded 
metal objects will crumble to rust rather than remain an environmen¬ 
tal blight forever. 


Ore, coke, limestone 


Production of Iron 

The most common sources of iron are the two oxides: iron(III) oxide, 

Fe 2 0 3 , and iron(II) iron(III) oxide, Fe 3 0 4 , together with a hydrated 
iron(III) oxide hydroxide, best represented as Fe 2 0 3 T|H 2 0. These 
have the mineral names of hematite, magnetite, and limonite, respec¬ 
tively. The conventional extraction of iron is carried out in a blast 
furnace (Figure 20.10), which can be between 25 and 60 m in height 
and up to 14 m in diameter. 

The furnace itself is constructed of steel and has a lining of a heat- 
and corrosion-resistant material. The lining used to be brick, but it 
is now highly specialized ceramic materials. In fact, half of the high- 
temperature ceramics used today are produced for iron and steel 
smelter linings. The main ceramic material used for the lining is aluminum 
oxide (commonly called corundum), although the lining of the lower parts of the 
furnace consists of ceramic oxides of formula Al x Cr (2 _ JC )0 3 . In these oxides, the 
chromium(III) ion has replaced some of the aluminum ions. These mixed-metal 



FIGURE 20.10 A blast 
furnace. [D. Shriver and P. Atkins, 
Inorganic Chemistry ; 3rd. ed. (New 
York: W. H. Freeman and Co., 1998), 

p. 182.] 
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oxide ceramics are more chemical- and temperature-resistant than the pure 
oxide ceramics. 

A mixture of iron ore, limestone, and coke in the correct proportions is fed 
into the top of the blast furnace through a cone and hopper arrangement to pre¬ 
vent escape of the gases. Air, preheated to 600°C by combustion of the exhaust 
gases, is injected into the lower part of the furnace. The gases move up the furnace, 
while the solids descend as the products are drawn off from the bottom. The heat 
is generated by the reaction of the dioxygen in the air with the carbon (coke): 

2 C(s) + 0 2 (g) —¥■ 2 CO(g) 

It is the hot carbon monoxide (initially at about 2000°C) that is the reducing 
agent for the iron ore. 

At the top of the furnace, the temperature ranges from 200° to 700°C, a tem¬ 
perature sufficient to reduce iron(III) oxide to iron(II) iron(III) oxide, Fe 3 0 4 : 

3 Fe 2 0 3 (s) + CO(g) —» 2 Fe 3 0 4 (s) + C0 2 (g) 

Lower in the furnace, at about 850°C, the iron(II) iron(III) oxide is reduced 
to iron(II) oxide, and the temperature is high enough to also decompose the 
calcium carbonate (limestone) to calcium oxide and carbon dioxide: 

Fe 3 0 4 (s) + CO(g) —>3 FeO(s) + C0 2 (g) 

CaC0 3 (s) —> CaO(s) + C0 2 (g) 

As the mixture descends into the hotter regions (between 850° and 1200°C), 
the iron(II) oxide is reduced to iron metal and the carbon dioxide formed is 
re-reduced to carbon monoxide by the coke: 

FeO(s') + CO(g) —»Fe(s) + C0 2 (g) 

C(^) + C0 2 (g) —>2 CO(g) 

Lower still, at temperatures between 1200° and 1500°C, the iron melts and 
sinks to the bottom of the furnace, and the calcium oxide reacts with the silicon 
dioxide (and other impurities, such as phosphorus compounds) in the iron ore 
to give calcium silicate, commonly called slag . This is a high-temperature acid- 
base reaction between the basic metallic oxide, CaO, and the acidic nonmetal 
oxide, Si0 2 : 

CaO(s) + Si0 2 (s) —> CaSi0 3 (/) 

The blast furnace is provided with two tapholes that are plugged with clay, 
the lower one for the denser iron metal and the upper one for the less dense 
slag. These plugs are periodically removed, releasing a stream of molten iron 
through the lower taphole and liquid slag through the upper. Blast furnaces are 
run 24 hours a day, and depending on its size, a furnace can produce from 1000 
to 10 000 tonnes of iron every 24 hours. 

The molten metal is usually conveyed directly in the liquid form to steel¬ 
making plants. The slag can be either cooled to the solid phase, ground, and 
used in concrete manufacture or, while liquid, mixed with air and cooled into 
a “woolly” material that can be used for thermal insulation. The hot gases 
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emerging from the top of the furnace contain appreciable amounts of carbon 
monoxide, and these are burned to preheat the air for the furnace: 


2CO(g) + 0 2 (g) —» 2 C0 2 (g) 

The iron produced contains a wide range of impurities, such as silicon, sul¬ 
fur, phosphorus, carbon, and oxygen. The carbon, which can be present in 
as great a proportion as 4.5 percent, is a particular contributor to the brit¬ 
tleness of the material. Iron is rarely used in pure form; more commonly, 
we require carefully controlled levels of impurities to provide exactly the 
properties required. One method for controlling content is the basic oxygen 
process. A schematic diagram of a typical furnace is shown in Figure 20.11. 

Unlike the blast furnace, this process is not continuous. The converter 
is filled with about 60 tonnes of molten iron. A blast of oxygen diluted with 
carbon dioxide is blown through the converter. Oxygen is used instead of 
air because the nitrogen in air would react with the iron at these tempera¬ 
tures to form a brittle metal nitride. Oxygen reacts with the impurities and 
raises the temperature in the furnace to about 1900°C, and the diluent carbon 
dioxide prevents the temperature from increasing excessively. In addition, 
cold scrap metal is usually added to keep the temperature down. 

In the basic oxygen process, carbon is oxidized to carbon monoxide, 
which burns at the top of the converter to carbon dioxide. The silicon, an 
impurity, is oxidized to silicon dioxide, which then reacts with the oxides of FIGURE 20.11 A furnace used 

other elements to form a slag. The furnace also is lined with limestone (calcium for the basic oxygen process, 

carbonate), which reacts with acidic phosphorus-containing impurities. After 
several minutes, the flame at the top of the converter sinks, indicating that all 
the carbon has been removed. The slag is poured off, and any required trace 
elements are added to the molten iron. 

For normal steel, between 0.1 and 1.5 percent carbon is required.The carbon 
reacts with the iron to form iron carbide, Fe 3 C, commonly called cementite. 

This compound forms separate small crystals among the crystals of iron. The 
ductility of the iron is reduced and the hardness increased by the presence of 
this impurity. To remove trapped oxygen from the iron, argon is blown through 
the liquid metal. About 3 m 3 of argon are used per tonne of iron. The proper¬ 
ties of iron can be altered to suit our needs by adding controlled proportions of 
other elements. Examples of various iron alloys are given in Table 20.3. 



Important alloys of iron 

Name 

Approximate composition 

Properties and uses 

Stainless steel 

73% Fe, 18% Cr, 8% Ni 

Corrosion resistant 
(tableware, cookware) 

Tungsten steel 

94% Fe, 5% W 

Hard (high-speed 
cutting tools) 

Manganese steel 

86 % Fe, 13% Mn 

Tough (rock drill bits) 

Permalloy 

78% Ni, 21% Fe 

Magnetic (electromagnets) 
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Direct Reduction Iron (DRI) 

An increasing proportion of iron is produced by direct reduction from the ore 
in the solid phase. For this method, high-purity iron ore must be used. Carbon 
monoxide and hydrogen, the reductants, are passed over heated iron ore. The 
iron(II) iron(III) oxide undergoes stepwise reduction: 

Fe 3 0 4 (s) + CO(g) —> 3 FeO(s) + C0 2 (g) 

Fe 3 0 4 (s) + H 2 (g) ^3 FeO(s) + H 2 0(g) 

FeO (s) + CO(g)^Fe(s) + C0 2 (g) 

Fe0(j) + H 2 (g)->Fe(j) + H 2 0(g) 

The reducing gases are obtained by re-forming methane with carbon dioxide 
and water. Thus, the economics of the process depend on the price of cheap 
natural gas. In fact, this process can use poor-quality methane; that is, methane 
deposits that contain high proportions of nonflammable gases. These deposits 
are unsuitable for most other commercial uses. 

CH 4 (g) + C0 2 (g) —>2 CO(g) + 2 H 2 (g) 

CH 4 (g) + H 2 0(g) —» CO(g) + 3 H 2 (g) 

The advantage of DRI is that iron can be produced without the need for 
a massive expensive smelting operation; its primary disadvantage is that the 
product contains most element impurities from the natural ore. In developed 
countries, the major use of DRI is as a “sweetener” or diluent in steel recy¬ 
cling. Scrap steel often contains unacceptable levels of metals such as copper, 
nickel, chromium, and molybdenum. DRI is low in these metals; thus, mixing in 
a proportion of DRI results in an acceptable composition for electric arc steel 
manufacture. In developing countries, there is a shortage of scrap steel and 
shipping costs are high enough that importation of scrap is usually uneconomi¬ 
cal. DRI provides an economical source of iron. 

Chemistry of Iron 

The Pourbaix diagram for iron is shown in Figure 20.12. For simplic¬ 
ity, the aqueous cations are simply shown as F e 3+ (aq) and F e 2+ (aq), 
respectively, although, as we will see, there is a whole range of dif¬ 
ferent hydrated iron(III) ions that depend on the pH. The iron(III) 
ion is only thermodynamically preferred under oxidizing condi¬ 
tions (very positive E) and low pH. The iron(III) oxide hydroxide 
(commonly called rust), however, predominates over much of the 
basic range. It is the iron(II) ion that is preferred over most of the 
E range and under acid conditions, whereas the iron(II) hydroxide, 
Fe(OH) 2 , is only stable at high pH and strongly reducing conditions 
(very negative E ). 

The actual oxidation potential of iron(II) to iron(III) is very de- 
FIGURE 20.12 Simplified pendent on the ligands. For example, the hexacyanoferrate(II) ion, [Fe(CN) 6 ] 4 ~, 

Pourbaix diagram for iron species. is less hard to oxidize than the hexaaquairon(II) ion, [Fe(OH 2 ) 6 ] 2+ : 
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[Fe(OH 2 ) 6 ] 2+ H) [Fe(OH 2 ) 6 ] 3+ H) + e" £ e = +0.77 V 

[Fe(CN) 6 ] 4 “(<?<?) -> [Fe(CN ) 6 f~(aq) + e“ E e = -0.36 V 

This might seem surprising, considering that cyanide ion generally stabilizes 
low oxidation states, not high ones, and that, in fact, the iron-carbon bond 
is stronger in the iron(II) ion than in the iron(III) ion. But there is a ther¬ 
modynamic aspect to the cyanide equilibrium: the aqueous [Fe(CN) 6 ] 4 “ is of 
such high charge density that there is a strongly organized sphere of water 
molecules around it. Such an ion has a very negative entropy of hydration, 
but oxidation decreases the charge density, thereby reducing the organization 
of the hydration sphere and increasing the entropy. The oxidation, then, is 
entropy driven. 

Iron(VI) Compounds 

Beyond manganese, the 3d transition metals do not form compounds in which 
they have a d° electron configuration. In fact, a compound with a metal in an oxi¬ 
dation state higher than +3 is very difficult to prepare, and such compounds are 
only stable in the solid phase. The ferrate ion, [Fe0 4 ] 2 “, in which the d 2 iron has an 
oxidation number of +6, is one of these rare compounds. This purple tetrahedral 
ion can be prepared in highly basic oxidizing conditions and then stabilized by 
forming an insoluble ionic compound such as the red-purple solid barium ferrate, 
BaFe0 4 . (The method of synthesis was described in Chapter 19, Section 19.11.) 


Iron(lll) Compounds 

The iron(III) ion itself is small and sufficiently polarizing that its anhydrous 
compounds exhibit covalent character. For example, iron(III) chloride is a red- 
black, covalent solid with a network covalent structure. When heated to the gas 
phase, it exists as the dimeric species Fe 2 Cl 6 , shown in Figure 20.13. Iron(III) 
chloride can be made by heating iron in the presence of dichlorine: 



FIGURE 20.13 The diiron 
hexachloride molecule, Fe 2 CI 6 . 


2 Fe(s) + 3 Cl 2 (g) ^2 FeCl 3 (s) 


The bromide is similar to the chloride, but the iodide cannot be isolated because 
the iodide ion reduces iron(III) to iron(II): 

2 F e 3+ (aq) + 2 I~(aq) —>2 Fo z+ (aq) + 1 2 {aq) 

Anhydrous iron(III) chloride reacts exothermically with water, producing 
hydrogen chloride gas: 

FeCl 3 (s) + 3 H 2 0(Z) -► Fe(OH) 3 (s) + 3 HCl(g) 


This reaction contrasts with that of the golden yellow, ionic, hydrated salt, 
FeCl 3 *6H 2 0, which simply dissolves in water to give the hexahydrate ion in 
solution. The properties are similar to those of aluminum chloride, and there 
are many parallels between aluminum and iron(III), as discussed below. 

The hexaaquairon(III) ion, [Fe(OH 2 ) 6 ] 3+ , is very pale purple, a color that 
can be seen in the solid iron(III) nitrate nonahydrate. Like the manganese(II) 
ion, the iron(III) ion is a high-spin d 5 species. Lacking any spin-allowed 
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electron transitions, its color is very pale relative to that of other transition 
metal ions. The yellow color of the chloride compound is due to the presence of 
ions such as [Fe(OH 2 ) 5 Cl] 2+ in which a charge transfer transition can occur: 

Fe 3+ —Cl - —»Fe 2+ —Cl° 


All the iron(III) salts dissolve in water to give an acidic solution, a character¬ 
istic of high-charge-density, hydrated cations. In such circumstances, the coordi¬ 
nated water molecules become sufficiently polarized that other water molecules 
^ can function as bases and abstract protons. The iron(III) ion behaves as follows: 

[Fe(OH 2 ) 6 ] 3 ><?) + H 2 0(/) ^ H 3 0 + (aq) + [Fe(OH 2 ) 5 (OH)] 2+ (^) 

[Fe(OH 2 ) 5 (OH)] 2+ (^) + H 2 0(/) ^ H s O + (aq) + [Fe(OH 2 ) 4 (OH) 2 ]> 9 ) 

and so on. The equilibria are pH dependent; thus, addition of hydronium ion will 
give the almost colorless hexaaquairon(III) ion. Conversely, addition of hydrox¬ 
ide ion gives an increasingly yellow solution, followed by precipitation of a rust- 
colored gelatinous (jellylike) precipitate of iron(III) oxide hydroxide, FeO(OH): 

F e 3 + (aq) + 3 OU~(aq) ^FeO(OH)(s) + H 2 0(/) 



Although iron(III) species usually adopt an octahedral stereochemistry, the 
yellow tetrachloroferrate(III) ion, [FeCl 4 ]“,is tetrahedral. This ion is easily formed 
by adding concentrated hydrochloric acid to a solution of the hexaaquairon 
(III) ion: 


[Fe(OH 2 ) 6 ] 3+ (a<7) + 4 Cl ~(aq) ^ [FeCl 4 ]“(a^) + 6H 2 Q(/) 



A specific test for the presence of the iron(III) ion is the addition of a solu¬ 
tion of hexacyanoferrate(II) ion, [Fe(CN) 6 ] 4 “, to give a dark blue precipitate of 
iron(III) hexacyanoferrate(II), Fe 4 [Fe(CN) 6 ] 3 : 


4Fe 3+ H) + 3 [Fe(CN) 6 ] 4- (ag) —> Fe 4 [Fe(CN) 6 ] 3 (s) 


In this compound, commonly called Prussian blue, the crystal lattice contains 
alternating iron(III) and iron(II) ions. The intense blue of this compound led to 
its use in the nineteenth century as a dye for the uniforms of Prussian soldiers, 
hence the origin of the name. The compound is used in blue inks and paints, and 
it is the blue pigment in traditional architectural and engineering blueprints. 

The most sensitive test for the iron(III) ion is the addition of potassium 
thiocyanate solution. The appearance of the intense red color of the pentaaqua- 
thiocyanoiron(III) ion, [Fe(SCN)(OH 2 ) 5 ] 2+ , indicates the presence of iron(III): 

[Fe(OH 2 ) 6 ] 3 + (^) + SCN~(aq) —> [Fe(SCN)(OH 2 ) 5 ] 2+ (ag) + H 2 0(Z) 

This test for iron(III) ion has to be used cautiously, for a solution of iron(II) ion 
usually contains enough iron(III) impurity to give some color. 

A unique reaction of iron(III) ion is that with an ice-cold solution of 
thiosulfate. Mixing these two nearly colorless solutions gives the dark violet 
bis(thiosulfato)ferrate(III) ion: 

Fe 3+ (ag) + 2 S 2 0 3 2 ~ (aq) —*■ [Fe(S 2 0 3 ) 2 ]~(ag) 
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When the solution is warmed to room temperature, the iron(III) is reduced to 
iron(II) and the thiosulfate is oxidized to the tetrathionate ion, [S 4 0 6 ] 2 “: 

[Fe(S 2 0 3 ) 2 ] _ (a<?) + Fe 3+ (aq)^2Fe 2+ (aq) + [S 4 0 6 f~(aq) 

Iron(lll) and Aluminum: A Case of Similarities between (n + 5) 
and (n + 10) Species 

In Chapter 9, Section 9.5, we saw that aluminum more closely resembles scan¬ 
dium in Group 3 than the members of Group 13. The chemistry of aluminum 
also resembles that of the iron(III) ion. Iron(III) and aluminum ions have the 
same charge and similar sizes (and hence similar charge densities), leading to 
several similarities. For example, in the vapor phase, both of these ions form 
covalent chlorides of the form M 2 C1 6 . These (anhydrous) chlorides can be used 
as Friedel-Crafts catalysts in organic chemistry, where they function by the 
formation of the [MC1 4 ]~ ion. In addition, the [M(OH 2 ) 6 ] 3+ ions of both metals 
are very strongly acidic, another result of their high charge densities. 

There are, however, some significant differences. For example, the oxides 
have different properties: aluminum oxide, A1 2 0 3 , is an amphoteric oxide, 
whereas iron(III) oxide, Fe 2 0 3 , is a basic oxide. This difference is utilized in 
the separation of pure aluminum oxide from the iron-containing bauxite ore 
in the production of aluminum (see Chapter 13, Section 13.6). The ampho¬ 
teric aluminum oxide reacts with hydroxide ion to give the soluble tetrahy- 
droxoaluminate ion, [Al(OH) 4 ]~, whereas the basic iron(III) oxide remains in 
the solid phase: 

A1 2 0 3 (s) + 2 OH -(aq) + 3 H 2 0(/) ^2 [Al(OH) 4 ]“(^) 

Iron(ll) Compounds 

Anhydrous iron(II) chloride, FeCl 2 , can be made by passing a stream of dry 
hydrogen chloride over the heated metal; the hydrogen produced acts as a 
reducing agent, preventing iron(III) chloride from being formed: 

Fe(s') + 2 HCl(g) ^FeCl 2 (s) + H 2 (g) 

The pale green hexaaquairon(II) chloride, Fe(OH 2 ) 6 Cl 2 , can be prepared by re¬ 
acting hydrochloric acid with iron metal. Both anhydrous and hydrated forms 
of iron(II) chloride are ionic. 

All the common hydrated iron(II) salts contain the pale green [Fe(OH 2 ) 6 ] 2+ 
ions, although partial oxidation to yellow or brown iron(III) compounds is quite 
common. In addition, crystals of the simple salts, such as iron(II) sulfate hepta- 
hydrate, FeS0 4 *7H 2 0, tend to lose some of the water molecules (efflorescence). 
In the solid phase, the double salt, ammonium iron(II) sulfate hexahydrate, 
(NH 4 ) 2 Fe(S0 4 ) 2 *6H 2 0 (or more correctly, ammonium hexaaquairon(II) sulfate), 
shows the greatest lattice stability. Commonly known as Mohr’s salt, it neither 
effloresces nor oxidizes when exposed to the atmosphere. For this reason, it is 
used as a standard for redox titrations, especially for determining the concentra¬ 
tion of potassium permanganate solutions. The tris(l,2-diaminoethane)iron(II) 
sulfate, Fe(en) 3 S0 4 , is also used as a redox standard. 


556 


CHAPTER 20 • Properties of the 3 d Transition Metals 


In the presence of nitrogen monoxide, one molecule of water is displaced 
from the hexaaquairon(II) ion and replaced by the nitrogen monoxide to give 
the pentaaquanitrosyliron(II) ion, [Fe(NO)(OH 2 ) 5 ] 2+ : 

NO(^) + [Fe(OH 2 ) 6 ] 2+ (ag) —> [Fe(NO)(OH 2 ) 5 ] 2+ (ag) + H 2 0(/) 


This complex is dark brown, and the previous reaction is the basis of the 
“brown-ring” test for ionic nitrates (the nitrate having been reduced to nitrogen 
monoxide by a reducing agent). 

Addition of hydroxide ion to iron(II) gives an initial precipitate of green, 
gelatinous iron(II) hydroxide: 

F e 2+ {aq) + 2 OU~(aq) ^Fe(OH) 2 (s) 


Table salt sometimes contains 0.01 
percent sodium hexacyanoferrate(ll), 
Na 4 [Fe(CN) 6 ], to keep it from 
"caking," so that it flows freely even 
in damp climates. 


However, as Figure 20.12 shows, except for strongly reducing conditions (or 
the absence of air), it is the hydrated iron(III) oxide that is thermodynamically 
stable in basic solution over most of the potential range. Thus, the green color 
is replaced by the yellow-brown of the hydrated iron(III) oxide as the oxida¬ 
tion proceeds: 


Fe(OH) 2 (s) + OYL~(aq) -^FeO(OH)(s) + H 2 0(/) + e“ 



Just as iron(III) ion can be detected with the hexacyanoferrate(II) ion, 
[Fe(CN) 6 ] 4 “, so can iron(II) ion be detected with the hexacyanoferrate(III) 
ion, [Fe(CN) 6 ] 3 ~, to give the same product of Prussian blue (formerly called 
Turnbull’s blue when it was thought to be a different product): 

3 F e 2+ (aq) + 4 [Fe(CN) 6 ] 3 “(^) -*Fe 4 [Fe(CN) 6 ] 3 (s) + 6 CN“(^) 


The Rusting Process 

It is a common experiment in junior high science to show that the oxidation 
of iron (commonly called rusting) requires the presence of both dioxygen and 
water. By use of an indicator, it can also be shown that around parts of an iron 
surface, the pH rises. From these observations, the electrochemistry of the rust¬ 
ing process can be determined. This process is really a reflection of the Nernst 
equation, which states that potential is dependent on concentration—in this 
case, the concentration of dissolved dioxygen. At the point on the iron surface 
that has a higher concentration of dioxygen, the element is reduced to hydrox¬ 
ide ion: 

O 2 (g) + 2 H 2 0(/) + 4 e~ -»4 OH ~{aq) 

The bulk iron acts like a wire connected to a battery, conveying electrons from 
another point on the surface that has a lower oxygen concentration, a point at 
which the iron metal is oxidized to iron(II) ions: 

Fe(s) —>Fe 2+ (ag) + 2 e - 

These two ions diffuse through the solution, and where they meet, insoluble 
iron(II) hydroxide is formed: 

F e 2+ (aq) + 2 OH"(^)->Fe(OH) 2 (j) 
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Like hydrated manganese(III) oxide, the iron(III) oxide hydroxide (rust) is 
thermodynamically preferred to iron(II) hydroxide in basic solution: 

Fe(OH) 2 (s) + OH~(ag) —»FeO(OH)(s) + H 2 0 (/) + e" 

5 0 2 (g) + H 2 O(0 + 2 e“ ^2 OH ~{aq) 


Iron Oxides 

There are three common oxides of iron: iron(II) oxide, FeO; iron(III) oxide, 
Fe 2 0 3 ; and iron(II) iron(III) oxide, Fe 3 0 4 . Black iron(II) oxide is actually a 
nonstoichiometric compound, always being slightly deficient in iron(II) ions. 
The most accurate formulation is Fe 0 . 95 O, which results from “missing” iron(II) 
ions in some of the octahedral lattice sites while some iron(III) ions occupy 
tetrahedral sites. The substitution is not random but results in an Fe 3+ 0 2_ cell 
within the overall Fe 2+ 0 2_ unit cell (Figure 20.14). This arrangement enhances 
the thermodynamic stability of the structure. The iron(II) oxide is basic, dis¬ 
solving in acids to give the aqueous iron(II) ion: 

FeO (s) + 2YL + (aq)->FQ 2+ (aq) + H 2 0(Z) 
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FIGURE 20.14 A unit cell of part 
of the structure of Fe 0 . 9 5 O showing 
the tetrahedrally coordinated 
Fe 3+ ions within the octaherally 
coordinated Fe 2+ 0 2 structure. 


Iron(III) oxide, or hematite, is found in large underground deposits. The 
oldest beds of iron(III) oxide have been dated at about 2 billion years old. 
Because iron(III) oxide can only form in an oxidizing atmosphere, our cur¬ 
rent dioxygen-rich atmosphere must have appeared at that time. The appear¬ 
ance of dioxygen, in turn, indicates that photosynthesis (and life itself) became 
widespread about 2 billion years ago. The oxide can be made in the laboratory 
by heating the iron(III) oxide hydroxide, which was generated by adding hy¬ 
droxide ion to iron(III) ion. The product formed by this route, a-Fe 2 0 3 , con¬ 
sists of a hexagonal close-packed array of oxide ions with the iron(III) ions 
in two-thirds of the octahedral holes. A different structural form, y-Fe 2 0 3 , is 
produced by oxidizing iron(II) iron(III) oxide. In this form, the iron(III) oxide 
has a cubic close-packed array of oxide ions with the iron(III) ions distributed 
randomly among the tetrahedral and octahedral holes. 

The third common oxide of iron contains iron in both the +2 and +3 oxidation 
states, and we have mentioned this compound, (Fe 2+ )(Fe 3+ ) 2 (0 2_ ) 4 , previously 
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in the context of normal and inverse spinels (see Chapter 19, Section 19.8). This 
compound is found naturally as magnetite or lodestone, and a piece of this mag¬ 
netic compound, suspended by a thread, was used as a primitive compass. Nature, 
as is often the case, beat us to that discovery. To enable them to navigate using the 
Earth’s magnetic field, magnetotactic bacteria contain crystals of magnetite or, in 
sulfur-rich environments, the sulfur equivalent greigite, Fe 3 S 4 . 

The iron oxides are in great demand as paint pigments. Historically, colors 
such as yellow ochre, Persian red, and umber (brown) were obtained from 
iron ore deposits containing certain particle sizes of iron oxides, often with 
consistent levels of specific impurities. Most yellow, red, and black paints are 
still made from iron oxides, but they are industrially synthesized to give pre¬ 
cise compositions and particle sizes to ensure the production of consistent 
colors. 

Ferrites 

It is not just iron oxides that are important magnetic materials. There are several 
mixed-metal oxides, one metal being iron, that have valuable properties. These 
magnetoceramic materials are called ferrites. There are two classes of ferrites, the 
“soft” ferrites and the “hard” ferrites. These terms do not refer to their physical 
hardness but to their magnetic properties. 

The soft ferrites can be magnetized rapidly and efficiently by an electromag¬ 
net, but they lose their magnetism as soon as the current is discontinued. Such 
properties are essential for the record-erase heads in videotape and audiotape 
systems and computer drive heads. The compounds have the formula MFe 2 0 4 , 
where M is a dipositive metal ion such as Mn 2+ , Ni 2+ , Co 2+ , or Mg 2+ and the 
iron is in the form of Fe 3+ . These compounds also have spinel structures. 

The hard ferrites retain their magnetic properties constantly; that is, they are 
permanent magnets. These materials are used in DC motors, alternators, and 
other electrical devices. The general formula of these compounds is MFe 12 0 19 , 
where again the iron is Fe 3+ ; the two preferred dipositive metal ions are Ba 2+ 
and Sr 2+ .The hard ferrites adopt a more complex structure than the soft ferrites. 
The use of both ferrites is not particularly large in terms of mass, but in terms of 
value, annual world sales are several billion dollars. 

20.7 Group 9: Cobalt 

Cobalt is a bluish white, hard metal, and, like iron, cobalt is a magnetic (fer¬ 
romagnetic) material. The element is quite unreactive chemically. The most 
common oxidation numbers of cobalt are +2 and +3, the former being the 
“normal” state for simple cobalt compounds. For cobalt, the +3 state is more 
oxidizing than the +3 state of iron. 

Cobalt(lll) Compounds 

All cobalt(III) complexes contain octahedrally coordinated cobalt, and, like 
chromium(III), the low-spin complexes are very kinetically inert, meaning that we 
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can separate different optical isomers where they are feasible. Typical examples of 
cobalt(III) complexes are the hexaamminecobalt(III) ion, [Co(NH 3 ) 6 ] 3+ , and the 
hexacyanocobaltate(III) ion, [Co(CN) 6 ] 3_ . 

An unusual complex ion is the hexanitrocobaltate(III) ion, [Co(N0 2 ) 6 ] 3_ , 
which is usually synthesized as the sodium salt, Na 3 [Co(N0 2 ) 6 ]. As would be 
expected for an alkali metal salt, the compound is water-soluble. However, 
the potassium salt is quite insoluble (as are the rubidium, cesium, and ammo¬ 
nium salts), the reason relating to relative ion sizes. The potassium ion is much 
closer in size to the polyatomic anion; hence, the balance of lattice energy and 
hydration energies favors a lower solubility for the compound. This is one of 
the few precipitation reactions that can be used for the potassium ion. We de¬ 
scribed this reaction in the context of similarities of the ammonium ion with 
the heavier alkali metals ions (see Chapter 11, Section 11.14). 

3K + (aq) + [Co(N0 2 ) 6 f-(aq) ^K 3 [Co(N0 2 ) 6 ](s) 

As noted for the iron ions, altering the ligands produces dramatic changes in 
E e values, which in turn affects the stabilities of the various oxidation states. 
For example, the oxidation of the hexaamminecobalt(II) ion is much more 
thermodynamically feasible than that of the hexaaquacobalt(II) ion: 

[Co(OH 2 ) 6 ] 2+ H) -+ [Co(OH 2 ) 6 ] 3+ (^) + e" E e = -1.92 V 

[Co(NH 3 ) 6 ] 2+ M -+ [Co(NH 3 ) 6 ] 3+ (^) + e“ E e = -0.10 V 

Coupling with the reduction of dioxygen: 

\ 0 2 (g) + 2 H + (aq) + 2 e~ ^H 2 0(/) E e = +1.23 V 

enables [Co(NH 3 ) 6 ] 2+ to be oxidized to [Co(NH 3 ) 6 ] 3+ in aqueous solution. For 
example, with charcoal as a catalyst, the following overall reaction process 
occurs: 

[Co(OH 2 ) 6 ] 2+ (a^) + 6NH 3 (aq)->[Co(NH 3 ) 6 ] 2+ (aq) + 6H 2 O(0 

[Co(NH 3 ) 6 ] 2+ (ag)^£2li > [Co(NH 3 ) 6 ] 3+ (« ? ) + e" 

This reaction must proceed in a series of steps, for it is possible in the absence 
of a catalyst to isolate an intermediate from the reaction, a brown compound 
containing the [(H 3 N) 5 Co—O—O—Co(NH 3 ) 5 ] 4+ ion. It is believed to form in 
a two-step process. Thus, it would seem that the dioxygen molecule attaches 
in a bidentate fashion to one cobalt(II) ion and then links two cobalt(II) com¬ 
plexes, oxidizing each cobalt(II) to cobalt (III), in the process being reduced to 
the peroxo unit, 0 2 2- : 

[Co(NH 3 ) 6 ] 2 > 4 ) + 0 2 (g)^[Co(NH 3 ) 4 0 2 ] 2+ H) + 2NH 3 (aq) 

[Co(NH 3 ) 4 0 2 ] 2+ (aq) + [Co(NH 3 ) 6 ] 2+ H) -+ 

[ (H 3 N) 5 Co—O—O—Co(NH 3 ) 5 ] 4+ (aq) 

In a further series of steps, the peroxo unit is reduced to 2 moles of hydroxide 
ion and, for each molecule of dioxygen used, a total of 4 moles of the cobalt(II) 
complex is oxidized to the hexaamminecobalt(III) ion. 
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The product of oxidation is very sensitive to the precise conditions. For 
example, with hydrogen peroxide as the oxidizing agent: 

U 2 0 2 (aq) + 2 e - —>2 OH“(^) 

It is possible to form the pentaammineaquacobalt(III) ion and then to use 
concentrated hydrochloric acid to perform a ligand replacement to give the 
pentaamminechlorocobalt(III) ion: 

[Co(OH 2 ) 6 ] 2+ (ag) + 5 NH 3 (aq) [Co(NH 3 ) 5 (OH 2 )] 2+ (fl?) + 5 H 2 0(/) 

[Co(NH 3 ) 5 (OH 2 )] 2+ (ag) —> [Co(NH 3 ) 5 (OH 2 )] 3+ (a^) + e“ 

[Co(NH 3 ) 5 (OH 2 )] 3+ (aq) + Cl“ [Co(NH 3 ) 5 Cl] 2+ (a<?) + H 2 0(/) 

The monochloro species is a useful reagent for the synthesis of other mono- 
substituted cobalt(III) complexes. In particular, we can synthesize the nitrito 
and nitro-linkage isomers described in Chapter 19, Section 19.4: 

[Co(NH 3 ) 5 C1 ] 2+ (aq) + H 2 0(/)-^» [Co(NH 3 ) 5 (OH 2 )] 3+ (fl^) + Cl~(aq) 

[ Co(NH 3 ) 5 (OH 2 )] 3+ (aq) + NO 2 ~(aq) -> [Co(NH 3 ) 5 (ONO)] 2+ (a^) + H z O(/) 

[Co(NH 3 ) 5 (ONO)] 2+ (« ? ) [Co(NH 3 ) 5 (N0 2 )] 2+ (a$) 

Using appropriate synthetic conditions, we can synthesize several permuta¬ 
tions of cobalt(III) with ammonia and chloride ligands (Table 20.4). It is very 
easy to determine the formulas of these compounds. The number of ions can 
be identified from conductivity measurements, and the free chloride ion can be 
quantitatively precipitated with silver ion. 


TABLE 20.4 

Complexes derived from cobalt(lll) chloride 
and ammonia 

Formula 

Color 


[Co(NH 3 ) 6 ] 3+ (C1-) 3 

Orange-yellow 

[Co(NH 3 ) 5 Cl] 2+ (Cr) 2 

Purple 

[Co(NH 3 ) 4 Cl 2 ] + (Cr) (as) 

Violet 

[Co(NH 3 ) 4 Cl 2 ] + (Cr) (trans) 

Green 


If 1,2-diaminoethane is employed as the ligand, cobalt(II) can be oxidized 
to the tris(l,2-diaminoethane)cobalt(III) ion and crystallized as the chloride, 
[Co(en) 3 ]Cl 3 . This compound, as we mentioned in Chapter 19, Section 19.4, can 
be separated into the two optical isomers. By decreasing the ligand-to-metal-ion 
ratio, it is possible to synthesize tra/?s-dichlorobis-(l,2-diaminoethane)cobalt(III) 
chloride, [Co(en) 2 Cl 2 ]Cl. Dissolving in water and evaporating the solution causes 
the compound to isomerize to the cis form. 

By comparing the electron configurations in an octahedral field, we can see 
why ligands causing a larger crystal field splitting would enable cobalt(II) to be 
readily oxidized. For cobalt(II), nearly all the complexes are high spin, whereas 
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cobalt(III), with its higher charge, is almost always low spin. Thus, the oxida¬ 
tion results in a much greater crystal field stabilization energy (Figure 20.15). 
The higher the ligands in the spectrochemical series, the greater the A oct value 
and the greater the CFSE increase obtained by oxidation. 


Cobalt(ll) Compounds 

In solution, cobalt(II) salts are pink, the color being due to the presence of the 
hexaaquacobalt(II) ion, [Co(OH 2 ) 6 ] 2+ . When a solution of a cobalt(II) salt is 
treated with concentrated hydrochloric acid, the color changes to deep blue. This 
color change is characteristic for the cobalt(II) ion. The blue color is the result of 
the formation of the tetrahedral tetrachlorocobaltate(II) ion, [CoCl 4 ] 2_ : 

[Co(OH 2 ) 6 ] 2+ (aq) + 4 Cl~(aq) ^ [CoC\ A f~ (aq) + 6 H 2 0(/) 

pink blue 



There is also a pink-to-blue transition when solid pink hexaaquacobalt(II) 
chloride is dehydrated. Paper impregnated with the blue form will turn pink on 
addition of water—a good test for water. Silica gel and calcium sulfate drying 
agents are often colored with cobalt(II) chloride. As long as the granules retain 
the blue color, they are an effective drying agent, with the appearance of pink 
indicating that the drying agent is water-saturated and must be heated to expel 
the absorbed moisture. 

The addition of hydroxide ion to the aqueous cobalt(II) ion results in the 
formation of cobalt(II) hydroxide, which precipitates first in a blue form and 
then changes to a pink form on standing: 

Co 2+ (aq) + 2 OH"(^) ->Co(OH) 2 (j) 

The cobalt(II) hydroxide is slowly oxidized by the dioxygen in the air to a 
cobalt(III) oxide hydroxide, CoO(OH): 

Co(OH) 2 (s) + OYL~(aq) —»CoO(OH)(s) + H 2 0(/) + e“ 

\ 0 2 (g) + H 2 0(/) + 2 e~ -»2 OH ~{aq) 

Cobalt(II) hydroxide is amphoteric. When concentrated hydroxide ion is added 
to cobalt(II) hydroxide, a deep blue solution of the tetrahydroxocobaltate(II) 
ion, [Co(OH) 4 ] 2- , is formed: 

Co(OH) 2 (s) + 2 OH“(^) -> [Co(OH) 4 ] 2 “(^) 
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20.8 Group 10: Nickel 


Nickel is a silvery white metal that is quite unreactive. In fact, nickel plating 
is sometimes used to protect iron. The only common oxidation number for 
nickel is +2. Most nickel complexes have an octahedral geometry, but some 
tetrahedral and square-planar complexes are known. Square-planar geometry 
is otherwise exceedingly rare for the compounds of 3d transition metals. 

Extraction of Nickel 

Although the extraction of nickel from its compounds is complex, the isola¬ 
tion of pure nickel metal is of particular interest. To separate the nickel from 
the other metals, such as cobalt and iron, there are two alternatives. One is an 
electrolytic process whereby impure nickel is cast into anodes and, by using 
solutions of nickel sulfate and chloride as electrolytes, 99.9 percent pure nickel 
is deposited at the cathode. The other process utilizes a reversible chemical 
reaction known as the Mond process . In this reaction, nickel metal reacts at 
about 60°C with carbon monoxide gas to form a colorless gas, tetracarbonyl- 
nickel(O), Ni(CO) 4 (b.p. 43°C): 

Ni(s) + 4CO(g)^Ni(CO) 4 (g) 

The highly toxic compound can be piped off, for nickel is the only metal to 
form a volatile carbonyl compound so easily. Heating the gas to 200°C shifts 
the equilibrium in the opposite direction, depositing 99.95 percent pure nickel 
metal: 

Ni(CO) 4 (g) ^ Ni (s) + 4 CO(g) 

The carbon monoxide can then be reused. 



Nickel(ll) Compounds 

The hexaaquanickel(II) ion is a pale green color. Addition of ammonia gives 
the blue hexaamminenickel(II) ion: 

[Ni(OH 2 ) 6 ] 2 + (ag) +6NH 3 (aq)^[Ni(NU 3 ) 6 ] 2+ (aq) + 6H z O (/) 

Nickel(II) hydroxide can be precipitated as a green gelatinous solid by adding 
sodium hydroxide solution to a solution of a nickel(II) salt: 

Ni 2+ (aq) + 2 OU~(aq) -»Ni(OH) 2 (s) 



Like cobalt(II), the only common complexes having tetrahedral geometry 
are the halides, such as the blue tetrachloronickelate(II) ion. This complex is 
formed by adding concentrated hydrochloric acid to aqueous nickel(II) ion: 

[Ni(OH 2 ) 6 ] 2 + (^) + 4 CL~{aq) ^ [NiCl 4 ] 2 “(^) + 6 H 2 0(/) 


In addition to octahedral and tetrahedral complexes, nickel forms a few square- 
planar complexes. One such complex is the yellow tetracyanonickelate(II) ion, 
[Ni(CN) 4 ] 2_ , and another is bis(dimethylglyoximato)nickel(II), [Ni(C 4 N 2 0 2 H 7 ) 2 ], 
which precipitates as a red solid when dimethylglyoxime is added to a solution of 
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a nickel salt made just alkaline by the addition of ammonia. The forma¬ 
tion of this characteristic red complex (Figure 20.16) is used as a test for 
nickel(II) ions. Abbreviating dimethylglyoxime (C 4 N 2 0 2 H 8 ), a bidentate 
ligand, as DMGH, we write the equation for its formation as q 

Ni 2+ {aq) + 2 DMGH(ag) + 2 OH“(fl^) 

Ni(DMG) 2 (s) + 2 H 2 0(/) 

u 

Octahedral versus Tetrahedral Stereochemistry 3 

Cobalt(II) readily forms tetrahedral complexes, but as we have just 
seen, nickel(II) complexes are usually octahedral; however, a few are 
square planar, and very few are tetrahedral. Several factors determine 
the choice of stereochemistry, but one in particular is the CFSE. We can calcu¬ 
late this for each configuration and plot the values as a function of the number 
of d-orbital electrons. Because A tet is four-ninths that of A oct , the CFSE for a 
tetrahedral environment will always be less than that of the isoelectronic octa¬ 
hedral environment. Figure 20.17 shows the variation of CFSE with high-spin 
electron configurations. The differences between octahedral and tetrahedral 
CFSE energies are greatest for the high-spin d 3 and d 8 cases, and these are the 
electron configurations for which we find the fewest tetrahedral complexes. 

Nevertheless, there are a few tetrahedral nickel(II) complexes. Such com¬ 
plexes are formed with large, negatively charged, weak field ligands (that is, 
ligands low in the spectrochemical series). In these cases, there will be consider¬ 
able electrostatic repulsion between neighboring ligands, so four ligands would 
be preferred over six. Thus, the tetrahalonickelate(II) ions, [NiX 4 ] 2 ~, where X 
is chloride, bromide, or iodide, are the most common examples. Even then, to 
crystallize the tetrahedral ion, it is necessary to use a large cation; otherwise, 
the nickel ion will acquire other ligands (such as water molecules) to attain an 
octahedral environment. 


H 



ch 3 


ch 3 


H 

FIGURE 20.16 Structure of 
the nickel(ll)-dimethylglyoxime 
complex. 



d electrons 


FIGURE 20.17 Variation 
of CFSE for octahedral and 
tetrahedral environments for M 2+ 
ions with a high-spin electron 
configuration. 


20.9 Group 11: Copper 


Copper is one of the two common yellow metals (the other being gold), although 
a thin coating of copper(I) oxide, Cu 2 0, often makes copper look reddish. The 
color of copper is caused by the filled d band in the metal being only about 
220 kJ^mol -1 lower in energy than the s-p band. As a result, electrons can be 
excited to the higher band by photons of the corresponding energy range—the 
blue and green regions of the spectrum. Hence, copper reflects yellow and red. 

Extraction of Copper 

Although copper does not occur abundantly in nature, many copper-containing 
ores are known. The most common ore is copper(I) iron(III) sulfide, CuFeS 2 , 
a metallic-looking solid that has the two mineralogical names of chalcopyrites 
and copper pyrites. A rarer mineral, CuA 1 6 (P0 4 ) 4 (0H) 8 *4H 2 0, is the valued 
blue gemstone turquoise. 
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The extraction of copper from the sulfide can be accomplished by using 
either a thermal process (pyrometallurgy) or an aqueous process (hydro¬ 
metallurgy). For the pyrometallurgical process, the concentrated ore is heated 
(a process called roasting) in a limited supply of air. This reaction decomposes 
the mixed sulfide to give iron(III) oxide and copper(I) sulfide: 

4 CuFeS 2 (s) + 9 O z (g) 2 Cu 2 S(/) + 6 S0 2 (g) + 2 Fe 2 0 3 (.v) 

Sand is added to the molten mixture, converting the iron(III) oxide into a slag 
of iron(III) silicate: 

Fe 2 0 3 (s) + 3 SiO 2 (s) -> Fe 2 (Si0 3 ) 3 (/) 

This liquid floats on the surface and can be poured off. Air is again added, 
causing sulfide to be oxidized to sulfur dioxide, and simultaneously copper(I) 
sulfide is converted to copper(I) oxide: 

2 Cu 2 S(Z) + 3 0 2 (g) ^2 Cu 2 0(s) + 2 S0 2 (g) 

The air supply is discontinued after about two-thirds of the copper(I) sul¬ 
fide has been oxidized. The mixture of copper(I) oxide and copper(I) sulfide 
then undergoes an unusual redox reaction to give impure copper metal: 

Cu 2 S(/) + 2 Cu 2 0(s) —> 6 Cu(/) + S0 2 (g) 

The pyrometallurgical process has a number of advantages: its chemistry and 
technology are well known; there are many existing copper smelters; it is a fast 
process. The process also has disadvantages: the ore must be fairly concen¬ 
trated; there is a large energy requirement for the smelting process; there are 
large emissions of sulfur dioxide. 

Most metals are extracted by pyrometallurgical processes, using high tem¬ 
peratures and a reducing agent such as carbon monoxide. However, as men¬ 
tioned, pyrometallurgy requires high-energy input, and the wastes are often 
major air and land pollutants. Hydrometallurgy —the extraction of metals by 
using solution processes—had been known for centuries but did not become 
widely used until the twentieth century and then only for specific metals, such 
as silver and gold. This method has many advantages: its by-products are usu¬ 
ally less of an environmental problem than the flue gases and slag of a smelter; 
plants can be built on a small scale and then expanded, whereas a smelter 
needs to be built on a large scale to be economical; high temperatures are not 
required, so less energy is consumed than by smelting; hydrometallurgy can 
process lower-grade ores (less metal content) than can pyrometallurgy. 

In general, hydrometallurgical processes consist of three general steps: leach¬ 
ing, concentration, and recovery. The leaching is often accomplished by crushing 
and heaping the ore, then spraying it with some reagent, such as dilute acid (for 
copper extraction) or cyanide ion (for silver and gold extraction). Sometimes, 
instead of chemicals, solutions of the bacterium Thiobacillus ferrooxidans are 
used (this process is actually biohydrometallurgical ). This bacterium oxidizes 
the sulfide in insoluble metal sulfides to a soluble sulfate. The dilute metal ion 
solution is then removed and concentrated by a variety of means. Finally, the 
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metal itself is produced either by chemical precipitation using a single replacement 
reaction or by an electrochemical process. 

In the specific hydrometallurgical process for copper, copper pyrites is air- 
oxidized in acid suspension to give a solution of copper(II) sulfate: 

2 CuFeS 2 (s) + H 2 S0 4 (fl^) + 4 0 2 (g) 

2 CuS0 4 (ag) + 3 S(s) + Fe 2 0 3 (s) + H 2 0(/) 

Thus, in this method, sulfur is released in the forms of sulfate ion solution and 
solid elemental sulfur rather than as the sulfur dioxide produced in the pyro- 
metallurgical method. The copper metal is then obtained by electrolysis, and 
the oxygen gas formed can be utilized in the first step of the process: 

2 H 2 0(/) -> 0 2 (g) + 4 H + (aq) + 4 e" 

Cu 2+ (aq) + 2 —>Cu(s) 

Copper is refined electrolytically to give a product that is about 99.95 percent 
pure. This impure copper (formerly the cathode) is now made the anode of an 
electrolytic cell that contains pure strips of copper as the cathode and an elec¬ 
trolyte of copper(II) sulfate solution. During electrolysis, copper is transferred 
from the anode to the cathode; an anode sludge containing silver and gold is 
produced during this process, thus helping to make the process economically 
feasible: 

Cu (s) —»Cu 2Jr (aq) + 2e“ 

Cu 2+ (aq) + 2 e - —»Cu(s) 

Because there is no net electrochemical reaction in this purification step, the 
voltage required is minimal (about 0.2 V), and the power consumption is very 
small. Of course, the environmentally preferred route for our copper needs is 
the recycling of previously used copper. 

Pure copper has the highest thermal conductivity of all metals. For this 
reason, copper is used in premium cookware so that the heat is distributed 
rapidly throughout the walls of the container. An alternative approach is to 
apply a copper coating to the base of cookware made from other materials. 
Copper is second only to silver as an electrical conductor; hence, electrical wiring 
represents a major use of this metal. Copper is comparatively expensive for 
a common metal. To make penny coins of copper would now cost more than 
one cent, so more recent coins have an outer layer of copper over a core of the 
lower-priced zinc. 

Although copper is normally considered an unreactive metal, over time it 
is slowly oxidized in moist air to give a coating of green verdigris, a copper(II) 
carbonate hydroxide, also called basic copper(II) carbonate, Cu 2 (C0 3 )(0H) 2 .This 
characteristic green color can be seen on copper-covered roofs, such as the Parlia¬ 
ment buildings in Ottawa, Canada, and buildings in parts of northern Europe. 

Copper is a soft metal, and it is often used in alloys—brass (for plumbing 
fixtures) and bronze (for statues). It is often a minor component in nickel and 
silver alloys. Some of the common alloy compositions are shown in Table 20.5. 
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TABLE 20.5 1 

Important alloys of copper 


Alloy 

Approximate composition 

Properties 

Brass 

77% Cu, 23% Zn 

Harder than copper 

Bronze 

80% Cu, 10% Sn, 10% Zn 

Harder than brass 

Nickel coins 

75% Ni, 25% Cu 

Corrosion resistant 

Sterling silver 

92.5% Ag, 7.5% Cu 

More durable than pure silver 


Copper(ll) Compounds 

Although copper forms compounds in both the +1 and +2 oxidation states, 
it is the +2 state that dominates the aqueous chemistry of copper. In aqueous 
solution, almost all copper(II) salts are blue, the color being due to the presence 
of the hexaaquacopper(II) ion, [Cu(OH 2 )6] 2+ . 

The common exception is copper(II) chloride. A concentrated aqueous 
solution of this compound is green, the color caused by the presence of com¬ 
plex ions such as the nearly planar tetrachlorocuprate(II) ion, [CuC 1 4 ] 2 % When 
diluted, the color of the solution changes to blue. These color transformations 
are due to the successive replacement of chloride ions in the complexes by 
water molecules, the final color being that of the hexaaquacopper(II) ion. The 
overall process can be summarized as 

[CuCl 4 ] 2 “(fl< 7 ) + 6H 2 0(/) ^ [Cu(OH 2 ) 6 ] 2+ (ag) + 4 Cl ~{aq) 

If a solution of ammonia is added to a copper(II) ion solution, the pale blue 
color of the hexaaquacopper(II) ion is replaced by the deep blue of the square- 
planar tetraamminecopper(II) ion, [Cu(NH 3 ) 4 ] 2+ : 

[Cu(OH 2 ) 6 ] 2+ (^) + 4NH 3 (^)->[Cu(NH 3 ) 4 ] 2+ (^) + 6H 2 0(/) 

Although we commonly depict the process as a single reaction, the substi¬ 
tution of water ligands by ammonia is a stepwise process. Figure 20.18 shows 
the distribution of species with ammonia concentration. Because it is a log 
scale, pNH 3 (like pH), increasing ammonia concentration is to the left. For 
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simplicity, the coordinated water molecules are not included. We see that, as 
the concentration of ammonia is increased, so the [Cu(NH 3 )/?] 2+ complexes 
are formed in sequence. 

Addition of hydroxide ion to a copper(II) ion solution causes the precipita¬ 
tion of the copper(II) hydroxide, a blue-green gelatinous solid: 

Cu 2+ (aq) +2 0H'(fl ? )^Cu(0H) 2 (s) 



However, warming the suspension causes the hydroxide to decompose to the 
black copper(II) oxide and water: 

Cu(OH) 2 (s) CuO (s) + H 2 0(Z) 


Copper(II) hydroxide is insoluble in dilute base, but it dissolves in concen¬ 
trated hydroxide solution to give the deep blue tetrahydroxocuprate(II) ion, 
[Cu(OH) 4 ] 2 -: 

Cu(OH) 2 (s) + 2 OH“(^) -> [Cu(OH) 4 ] 2 “(^) 


Copper(II) hydroxide also dissolves in an aqueous solution of ammonia to 
give the tetraamminecopper(II) ion: 

Cu(OH) 2 (s) + 4NH 3 (aq) ^ [Cu(NH 3 ) 4 ] 2+ (^) + 2 0H"(flg) 


For most ligands, the copper(II) oxidation state is the more thermodynami¬ 
cally stable, although reducing ligands, such as iodide, will reduce copper(II) 
ions to the copper(I) state: 

2 Cu 2+ {aq) + 4 r(aq)->2 Cul (s) + 1 2 {aq) 


Jahn-Teller Effect 

Copper(II) often forms square-planar complexes. Six-coordinate copper(II) 
compounds usually have two axial ligands more distant from the metal than 
those in the equatorial plane, although in a few cases the axial ligands are closer 
than those in the equatorial plane. 

This preference for a distortion from a true octahedron 
can be explained simply in terms of the d-orbital splittings. In 
an octahedral d 9 electron configuration, a slight energy benefit 
can be obtained by a splitting of the d x 2_ y 2 and the d z 2 energies, 
one increasing in energy and the other decreasing in energy 
by the same amount. The electron pair will occupy the lower 
orbital, and the single electron will occupy the higher-energy 
orbital. Thus, two electrons will have lower energies and only 
one will have higher energy. This splitting is usually accom¬ 
plished by lengthening the axial bond and weakening the elec¬ 
tron-electron repulsion along the z-axis (Figure 20.19). The 
phenomenon of octahedral distortion is known as the Jahn- 
Teller effect. This effect can occur with other electron configu¬ 
rations, but it has been studied most in copper(II) compounds. 

A continuation of the distortion leads to the square-planar situation that is the d-orbital energies as a result 
found for some d s ions, such as nickel(II) (see Figures 19.22 and 20.16). of the Jahn-Teller effect. 
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Copper(l) Compounds 

In aqueous solution, the hydrated copper(I) ion is unstable and disproportionates 
into the copper(II) ion and copper, as the Frost diagram in Figure 20.1 predicts: 

2Cu + (aq) Cu 2+ {aq) + Cu (s) 

The copper(I) ion is stabilized in the solid phase by low-charge anions. For 
example, we can synthesize copper(I) chloride, bromide, iodide, and cyanide. 
Generally, copper(I) compounds are colorless or white, because the ion has a 
d m electron configuration. That is, with a filled set of d orbitals, there can be no 
d electron transitions to cause visible light absorption. 

We can also use an appropriate choice of ligands to change the preference 
between the oxidation states, just as we did for cobalt(II) and cobalt (III). The 
Pourbaix diagram in Figure 20.20a shows the fields of stability for the various 
copper species in aqueous solution. As can be seen, aqueous copper(I) is not 
thermodynamically preferred anywhere within the range. However, addition 
of cyanide ion changes the stability fields dramatically. In particular, Figure 
20.20 b shows that cyano species dominate over the entire range of accessi¬ 
ble pH and E. Thus the tetracyanocuprate(I) ion is preferred over all but the 
higher E values. This is not surprising, for as we discussed earlier, cyanide sta¬ 
bilizes low oxidation states. 
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FIGURE 20.20 A comparison of ( a ) the "normal" Pourbaix diagram for copper with (b) the 
Pourbaix diagram for copper in the presence of cyanide ion. [Modified from A. Napoli and 
L. Pogliani, Educ. Chem. 34, 51 (1997).] 
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These two approaches to the formation of copper(I) compounds can be il¬ 
lustrated by the reaction of copper metal with boiling hydrochloric acid. This 
reaction is particularly unexpected because hydrochloric acid is not a strong oxi¬ 
dizing acid. The copper(I) ion formed in the oxidation is rapidly complexed by 
the chloride ion to produce the colorless dichlorocuprate(I) ion, [CuCl 2 ]“. It is 
this second equilibrium step that lies far to the right and “drives” the first step: 

2 Cu(s) + 2 U + (aq ) ^ 2 Cu + («<?) + H 2 (g) 

Cu + (aq) + 2C\~{aq) ^ [CuCl 2 ]~(aq) 
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When the solution is poured into air-free distilled water, copper(I) chloride 
precipitates as a white solid: 

[CuCl 2 ] - (ag) —> CuCl(s) + CT[aq) 

It must be rapidly washed, dried, and sealed in the absence of air, because a 
combination of air and moisture oxidizes it to copper(II) compounds. 

In organic chemistry, the dichlorocuprate ion is used for converting ben¬ 
zene diazonium chloride into chlorobenzene (the Sandmeyer reaction ): 

[C 6 H 5 N 2 ] + (Cr)H)i^!^> C 6 H 5 C1(/) + N 2 (g) 

20.10 Biological Aspects 

Vanadium 

Vanadium is not widely used in nature, yet it does appear to be vital to one of 
the simplest groups of marine organisms: the tunicates, or sea squirts. These or¬ 
ganisms belong somewhere between invertebrates and vertebrates. One family 
of tunicates utilizes very high levels of vanadium in its blood plasma for oxygen 
transport. Why the tunicates should have picked such a unique element for a 
biochemical pathway is still unclear. The element also appears to be used by 
a very different organism, the poisonous mushroom Amanita muscaria. Here, 
too, the reason for this element being utilized is not well understood. 

In Chapter 21, Section 21.5, we discuss the importance of molybdenum 
in the bacteria attached to the roots of leguminous plants (including alfalfa, 
beans, clover, lentils, mesquite, peanuts, and peas). These bacteria convert at¬ 
mospheric nitrogen gas to absorbable and utilizable ammonia. In molybdenum- 
deficient soils, the bacteria utilize vanadium in place of molybdenum. 

Chromium 

Although chromium(VI) is carcinogenic when ingested or absorbed through the 
skin, we require small quantities of chromium(III) in our diet. Insulin and the 
chromium(III) ion regulate blood glucose levels. A deficiency of chromium(III) 
or an inability to utilize the chromium ion can lead to one form of diabetes. 

Manganese 

Manganese is a crucial element in a number of plant and animal enzymes. 
In mammals, it is used in the liver enzyme arginase, which converts nitrogen- 
containing wastes to the excretable compound urea. There is a group of enzymes 
in plants, the phosphotransferases, that incorporate manganese. Like most tran¬ 
sition metals, the biological role of manganese seems to be as a redox reagent, 
cycling between the +2 and +4 oxidation states. 

Iron 

The biological roles of iron are so numerous that whole books have been written 
on the subject. Table 20.6 summarizes some major iron-containing proteins in 
an adult human. 
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Major iron 

-containing proteins in an adult human 

Name 

Fe atoms per molecule 

Function 

Hemoglobin 

4 

0 2 transport in blood 

Myoglobin 

1 

0 2 storage in muscle 

Transferrin 

2 

Iron transport 

Ferritin 

Up to 4500 

Iron storage in cells 

Hemosiderin 

10 3 -10 4 

Iron storage 

Catalase 

4 

Metabolism of H 2 0 2 

Cytochrome c 

1 

Electron transfer 

Iron-sulfur proteins 

2-8 

Electron transfer 



FIGURE 20.21 The simplified 
structure of an iron-porphyrin 
complex. 


Here we focus on three specific types of iron-containing macromolecules: 
hemoglobin, ferritin, and the ferredoxins. In hemoglobin, iron has an oxidation 
state of +2. (We mentioned this compound in the context of oxygen uptake 
in Chapter 16, Section 16.23.) There are four iron ions in each hemoglobin 
molecule, with each iron ion surrounded by a porphyrin unit (Figure 20.21). 
Each hemoglobin molecule reacts with four molecules of dioxygen to form 
oxyhemoglobin. The bonding to the dioxygen molecules is weak enough that, 
on reaching the site of oxygen utilization such as the muscles, the oxygen can 
be released. Carbon monoxide is extremely toxic to mammals because the car¬ 
bonyl ligand bonds very strongly to the iron of the hemoglobin, preventing it 
from carrying dioxygen molecules. 

In oxyhemoglobin, the iron(II) is in the diamagnetic, low-spin state. It is 
just the right radius (75 pm) to fit in the plane of the porphyrin ring. Once 
the dioxygen is lost, iron in the deoxyhemoglobin molecule shifts below the 
plane of the porphyrin ring and away from the vacant coordination site, be¬ 
cause it has become a larger (radius 92 pm), paramagnetic, high-spin iron(II) 
ion. Throughout the cycle, the iron stays in the iron(II) state, merely alternating 
between high- and low-spin forms. It is only when exposed to air that the red 
iron(II)-containing hemoglobin is oxidized to the brown iron(III) species, an 
irreversible reaction. 

Both plants and animals need to store iron for future use. To accomplish 
this, members of an amazing protein family, the ferritins, are utilized. They 
consist of a shell of linked amino acids (peptides) surrounding a core of an 
iron(III) oxohydroxophosphate. This core is a cluster of iron(III) ions, ox¬ 
ide ions, hydroxide ions, and phosphate ions of average empirical formula 
[Fe0(0H)] 8 [Fe0(0P0 3 H 2 )].The molecule is very large, containing up to 4500 
iron ions. With its hydrophilic coating, this large aggregate is water-soluble, 
concentrating in the spleen, liver, and bone marrow. 

Plants and bacteria use a family of iron(III)-sulfur structures as the core of 
their redox proteins, the ferredoxins. These proteins contain covalently bonded 
iron and sulfur, and they act as excellent electron transfer agents. Figure 20.22 
shows the 4Fe-4S atom core of some of the ferrodoxins. 
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Cys 


Cys 


FIGURE 20.22 The 4Fe-4S atom 
core of some of the ferrodoxins; 
the cube is covalently bonded to 
cysteine amino acid units. 


Cobalt 

Cobalt is yet another essential biological element. Of particular importance, 
vitamin B 12 has cobalt(III) at the core of the molecule, surrounded by a ring 
structure similar to the porphyrin ring. Injections of this vitamin are used in 
the treatment of pernicious anemia. Certain anaerobic bacteria use a related 
molecule, methylcobalamin, in a cycle to produce methane. Unfortunately, this 
same biochemical cycle converts elemental mercury and insoluble inorganic 
mercury compounds in mercury-polluted waters to soluble, highly toxic methyl 
mercury(II), [HgCH 3 ] + , and dimethyl mercury(II), Hg(CH 3 ) 2 . 

Cobalt is also involved in some unidentified enzyme functioning in sheep. 
A deficiency (white liver) disease among sheep in Florida, Australia, Britain, 
and New Zealand was traced to a lack of cobalt in the soil. To remedy this, 
sheep are given a pellet of cobalt metal in their food, some of which remains in 
their digestive system for life. 

Nickel 

The biochemistry of nickel is the most poorly understood of all the 3 d transi¬ 
tion elements. Nickel ions are present in some enzyme systems in the form of 
porphyrin-type complexes. Certain bacteria, such as those that reduce carbon 
dioxide to methane, need nickel. The requirement for nickel was explained 
when it was found that most types of the enzyme hydrogenase contain nickel 
together with iron-sulfur clusters. Although in normal chemistry the +3 oxi¬ 
dation state of nickel is very rare, nickel(III) is involved in the enzyme redox 
cycle. Nickel is also found in some plants that accumulate metals. In fact, cer¬ 
tain tropical trees (nickel hyperaccumulators) concentrate nickel to such an 
extent that it makes up about 15 percent of their dry mass. 

Copper 

Copper is the third most biologically important d-block metal after iron and zinc. 
About 5 mg are required in the daily human diet. A deficiency of this element 
renders the body unable to use iron stored in the liver. There are numerous copper 
proteins throughout the living world, the most intriguing being the hemocyanins. 
These molecules are common oxygen carriers in the invertebrate world: crabs, 
lobsters, octopi, scorpions, and snails all have bright blue blood. In fact, there are 
parallel iron and copper compounds (with very different structures) for many 
biological functions (Table 20.7). Because it is the invertebrates that contain the 
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TABLE 20.7 


Some parallels between iron and copper proteins 


Function Iron protein Copper protein 


Oxygen transport 
Oxygenation 
Electron transfer 
Antioxidative function 
Nitrite reduction 


Hemoglobin 
Cytochrome P-450 
Cytochromes 
Peroxidases 
Heme containing 
Nitrite reductase 


Hemocyanin 
Tyrosinase 
Blue copper proteins 
Superoxide dismutase 
Copper containing 
Nitrite reductase 


copper systems, it can be argued that early life developed with copper as the 
functional metal and that only later did iron systems develop. 

At the same time, an excess of copper is highly poisonous, particularly to 
fish. This is why copper coins should never be thrown into fish pools for “good 
luck.” Humans usually excrete any excess, but a biochemical (genetic) defect 
can result in copper accumulation in the liver, kidneys, and brain. This illness, 
Wilson’s disease, can be treated by administering chelating agents, which com¬ 
plex the metal ion and allow it to be excreted harmlessly. 

20.11 Element Reaction Flowcharts 


Flowcharts are shown for titanium, vanadium, chromium, manganese, iron, cobalt, 
nickel, and copper. 

a/C/C 1 2 Mg 

Ti0 2 < TiCL — Ti 

L o, 4 


[H 2 V0 4 r Zn >V0 2+ Zn >V 3+ Zn >V 2+ 


HCrOi 


Ag 2 Cr0 4 • 


Ag + 


CrOz 


OH - 

7 _ OH' 


(NH 4 ) 2 Cr 2 0 7 - 
NH + 


►Cr 2 0 3 


OH 


Cr0 2 Cl 2 


h 2 so 4 

* NaCl 


► 0*7 O 


' 2^7 


2- +e 


►Cr(OH 2 ) 6 


3 + 


Zn 


k 2 o 2 o 7 0 2 (CH 3 COO) 4 


CrO, 


MnO^ 


• Mn(OH 2 ) 6 


2+ OH - 


► Mn(OH) 2 - 


►MnO(OH) 


OH - 


Mn0 2 


MnO, 


2 — / +e 
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[Fe(SCN)(OH 2 ) 5 ] 


2 + 


Fe(S 2 0 3 ) 2 - [Fe(NO)(OH 2 ) 5 ] 


2 + 


FeCL 


SCN~ 

Cl 


Fe(OH 2 ) 6 
OH 


3+ . 


NO/ 
■Fe(OH 2 ) 6 2+ *= 
OH - 


Cl ? 


►Fe^ 
HOC 


FeCU 


FeCF 


FeO(OH) - Fe(OH) 2 


OH 


CoCl 4 2- 

Cl" 

Co(OH 2 ) 6 3+ *=* Co(OH 2 ) 6 2+ 

nh 3 

Co(NH 3 ) 6 3+ « ° 2 Co(NH 3 ) 6 2+ 


Co(OH ) 4 


2 - 


OH“ 


OH - 

► Co(OH)/ 


CoO(OH) 


NiCl 4 2_ 

cr 

CO — H + 

Ni(CO) 4 •*====► Ni ^5— Ni(OH 2 ) 6 2+ Ni(OH) 2 

nh 3 

Ni(NH 3 ) 6 2+ 


CuCl 2 
HC1 


Cu« 


Zn 


CuCl 4 2 
ci- 
>Cu(OH 2 ) 6 
NH 

Cu(NH 3 ) 4 


2 + < 


2 + 


=^Cu(OH) 2 <=^= 

OH - > z OH - 


CuO 


► Cu(OH ) 4 


2 - 


KEY IDEAS 

• The early transition metals show higher oxidation states 
than the later members. 

• The most important compound of titanium is titanium 
(IV) oxide. 

• Vanadium can be reduced easily from vanadium(V) to 
vanadium(II). 

• Chromate and dichromate ion dominate the chemistry 
of chromium. 

• Manganese exhibits common oxidation states from +2 
to +7, and their relative stability depends on the pH of the 
environment. 


• Iron compounds exist in the +2 and +3 oxidation states. 

• Cobalt(II) complexes can have octahedral or tetra¬ 
hedral environments, depending on the ligands. 

• Cobalt(III) can be formed by oxidation using an appro¬ 
priate choice of ligands and oxidizing agents. 

• In addition to forming octahedral and tetrahedral com¬ 
plexes, nickel(II) forms a few square-planar complexes. 

• Copper compounds are almost all in the +2 oxidation 
state. 
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EXERCISES 

20.1 Write balanced equations for (a) the reaction 
between titanium(IV) chloride and oxygen gas; (b) sodium 
dichromate with sulfur at high temperature; (c) the warming 
of copper(II) hydroxide. 

20.2 Write balanced equations for (a) the reduction of 
vanadyl ion by zinc metal in acidic solution (two equations); 
(b) the oxidation of chromium(III) ion to dichromate ion 
by ferrate ion, which itself is reduced to iron(III) ion in 
acid solution (write initially as two half-equations); (c) the 
addition of excess hydroxide ion to copper(II) hydroxide; 
(d) the reaction between copper(II) ion and iodide ion. 

20.3 Discuss briefly how the stability of the oxidation 
states of the 3d transition metals changes along the row. 

20.4 Identify uses for (a) titanium(IV) oxide; (b) chromium- 
(III) oxide; (c) silver nitrate. 

20.5 What evidence do you have that titanium(IV) chloride 
is a covalent compound? Suggest why this is to be expected. 

20.6 The equation for the first step in the industrial ex¬ 
traction of titanium is 

Ti0 2 (s) + 2 C(s) + 2 Q 2 (g) —»TiCl 4 (g) + 2 CO(g) 

Which element is being oxidized and which is being reduced 
in this process? 

20.7 Write balanced half-equations for the reduction of 
permanganate ion in (a) acidic solution; (b) basic solution. 

20.8 Aluminum is the most abundant metal in the Earth’s 
crust. Discuss the reasons why iron, not aluminum, is the 
more important metal in the world’s economy. 

20.9 Contrast how iron(II) chloride and iron(III) chloride 
are synthesized. 

20.10 In the purification of nickel metal, tetracarbonyl- 
nickel(0) is formed from nickel at a lower temperature, 
while the compound decomposes at a higher temperature. 
Qualitatively discuss this equilibrium in terms of the ther¬ 
modynamic factors, enthalpy, and entropy. 

20.11 Identify each metal from the following tests and 
write balanced equations for each reaction: (a) Addition of 
chloride ion to a pink aqueous solution of this cation gives 
a deep blue solution, (b) Concentrated hydrochloric acid 
reacts with this metal to give a colorless solution. On dilu¬ 
tion, a white precipitate is formed, (c) Addition of acid to 
this yellow anion results in an orange-colored solution. 

20.12 Identify each metal from the following tests and 
write balanced equations for each reaction: (a) Acidifying 


a solution of this cation gives a pale violet solution and, 
on addition of chloride ion, a yellow solution is formed, 
(b) Addition of ammonia to this pale blue cation gives a deep 
blue solution, (c) Addition of thiocyanate solution to this 
almost colorless cation gives a deep red color. 

20.13 A solution containing a colorless anion is added to a 
cold solution containing a pale yellow solution of a cation. A 
violet solution is formed that becomes colorless on warming 
to room temperature. Identify the ions and write a balanced 
chemical equation for each step. 

20.14 You wish to prepare a tetrahedral complex of 
vanadium(II). Suggest the best choice of a ligand (two 
reasons). 

20.15 The highest oxidation state for nickel in a simple 
compound is found in the hexafluoronickelate(IV) ion, 
[NiF 6 ] 2_ . (a) Why would you expect fluoride to be the ligand? 
(b) Would you expect the complex to be high spin or low 
spin? Give your reasoning. 

20.16 When iron(III) salts are dissolved in water, a yellow- 
brown color is observed. Only after addition of a few drops 
of dilute nitric acid can the very pale purple color of the 
hexaaquairon(III) ion be seen. Explain. 

20.17 The ferrate(VI) ion, Fe0 4 2_ , is such a strong oxidiz¬ 
ing agent that it will oxidize aqueous ammonia to nitrogen 
gas, itself being reduced to iron(III) ion. Write a balanced 
equation for the reaction. 

20.18 When iron(III) forms a complex with dimethylsulf- 
oxide, (CH 3 ) 2 SO, is the ligating atom likely to be the oxygen 
or the sulfur? Explain your reasoning. 

20.19 Of the two common oxides of chromium, chromium- 
(VI) oxide and chromium(III) oxide, which should have the 
lower melting point? Explain your reasoning. 

20.20 Of the two common oxides of chromium, chromium- 
(VI) oxide and chromium(III) oxide, which should be acidic? 
Explain your reasoning. 

20.21 Suggest why chromium(III) nitrate dissolves in water 
to form an acidic solution. 

20.22 There is only one simple anion of cobalt(III) that is 
high spin. Identify the likely ligand and write the formula of 
this octahedral ion. 

20.23 Suggest why copper(I) chloride is insoluble in water. 

20.24 Taking the Jahn-Teller effect into account, how many 
absorptions would you expect from d electron transitions 
for the octahedral copper(II) ion? 
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20.25 Use the Pourbaix diagrams in Figures 8.6 and 20.12 
to suggest what is the most likely form of iron in (a) a well- 
aerated lake; (b) a lake suffering from the effects of acid 
rain; (c) bog water. 

20.26 Identify each of the following ions and write net 
ionic equations for each reaction: (a) A pale pink cation that 
gives a deep blue color with chloride ion. The cation gives a 
blue solid with hydroxide ion. (b) A yellow anion that gives 
a yellow precipitate with barium ion. Addition of acid to the 
anion causes a color change to orange. The orange anion is 
reduced by sulfur dioxide to give a green cation; the other 
product is a colorless anion that gives a white precipitate 
with barium ion. (c) A pale blue cation that reacts with zinc 


metal to give a red-brown solid. Addition of the pale blue 
cation to excess ammonia gives a deep blue color. 

20.27 What are the similarities and differences between 
aluminum and iron(III) chemistry? 

20.28 Identify which transition metal(s) is(are) involved in 
each of the following biochemical molecules: (a) hemocyanin; 
(b) ferrodoxin; (c) vitamin B 12 . 

20.29 Write balanced chemical equations corresponding 
to each transformation in the element reaction flowcharts 
for titanium, vanadium, chromium, manganese, iron, cobalt, 
nickel, and copper (pages 572-573). 


BEYOND THE BASICS 

20.30 On the basis of the following thermodynamic data: 
(a) Calculate the equilibrium constant, K , for the formation 
of tetracarbonylnickel(O) from nickel and carbon monox¬ 
ide under standard conditions, (b) Calculate the tempera¬ 
ture above which the complex is favored, that is, when K 
becomes 1.00 or greater. 



AH^kJ-mol 1 ) 

S 6 (J nior'-A 1 ) 

Ni(s) 

0.0 

29.9 

CO(g) 

-110.5 

197.7 

Ni(CO ) 4 (g) 

- 602.9 

410.6 


Explain how these calculations relate to the purification 
of nickel metal. Assume that AH and S are temperature 
independent. 

20.31 Cobalt(II) undergoes the equilibrium 

[Co(OH 2 ) 6 f + (aq) + 4 Cl~(aq) ^ 

pink [C 0 CI 4] 2 ((IQ) + 6 H 2 0(/) 

blue 

Suggest an explanation why addition of an anhydrous cal¬ 
cium compound to the mixture drives the equilibrium to 
the right, while addition of an anhydrous zinc compound 
drives the equilibrium to the left. 

20.32 Copper(I) fluoride crystallizes in a sphalerite struc¬ 
ture, whereas copper(II) fluoride adopts a rutile structure. 
Calculate the enthalpy of formation of each of these com¬ 
pounds. What are the crucial terms in the respective Born- 
Haber cycles that contribute to the stability of each one? 
Qualitatively, what influence does the entropy of formation 
play in the feasibility of the reactions? 


20.33 When lead(II) ion is added to a solution of dichro¬ 
mate ion, lead(II) chromate precipitates. Using chemical 
equations, explain why this happens. 

20.34 Cobalt(II) perchlorate reacts with dimethylsulfox- 
ide, (CH 3 ) 2 SO, abbreviated to DMSO, to form a pink com¬ 
pound that is a 1:2 (one cation to two anions) electrolyte 
in DMSO solution. Cobalt(II) chloride reacts with DMSO 
to give a 1:1 electrolyte. The cations are the same in both 
cases, but the anion in the latter compound also contains 
a complex ion of cobalt. Deduce the identity of the two 
compounds. 

20.35 (a) When potassium cyanide is added to aqueous 
nickel(II) ions, a green precipitate initially forms. What is the 
identity of the product? (b) Further addition of cyanide ion 
results in the dissolution of the precipitate to give a yellow 
solution. A salt can be isolated from the yellow solution. What 
is the identity of this product? What is the geometry of the 
complex ion? (c) A large excess of potassium cyanide gives a 
red solution. Isolation of the product gives a compound that 
is a 3:1 electrolyte. What is the identity of the compound? 

20.36 For the (unbalanced) reaction 

VO 2+ (aq) + Cr 2 + (aq) —>\ 2 + (aq) + Cr 3 + (aq) 

write a balanced redox equation, then use appropriate data 
tables to calculate the equilibrium constant and deduce a 
probable two-step mechanism for the process. 

20.37 Explain why: (a) Iron(III) perchlorate is soluble 
in water, whereas iron(III) phosphate is insoluble in wa¬ 
ter. (b) Complexes with the ligands NH 3 and H 2 0 are very 
common, whereas those of PH 3 and H 2 S are quite unusual. 
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(c) Iron(III) bromide is more intensely colored than iron(III) 
chloride. 

20.38 Tungsten forms iodides of empirical formula WI 2 and 
WI 3 . What do you suggest is the likely product from the reac¬ 
tion of tungsten metal with fluorine gas? Give your reasoning. 

20.39 Nickel forms a compound of formula NiS 2 . What are 
the probable oxidation states of nickel and sulfur? Give 
your reasoning. 

20.40 The precipitation of iron(III) hydroxide is used to 
clarify wastewaters because the gelatinous compound is 
very efficient at the entrapment of contaminants. Ignoring 
the many hydroxoiron(III) species, we can write a simpli¬ 
fied equilibrium as 

Fe 3+ (a<?) + 3 H 2 0(/) ^ Fe(OH) 3 (s) + 3 H + (aq) 

(a) Using the ion product constant at 25°C of 
1.0 X 1CT 14 and given the solubility product for iron(III) 
hydroxide as 2.0 X 1CT 39 , calculate the mathematical 
relationship between [Fe 3+ ] and [H + ]. 

(b) If iron(III) hydroxide is used to clarify a water 
supply, what concentration of free iron(III) ion will 
enter the water system if the water supply has a pH 
of 6.00? 

(c) What mass of iron(III) hydroxide will be dis¬ 
solved during the passage of 1 X 10 6 L of water? 

20.41 Dilute hydrochloric acid was added to a metallic- 
looking compound (A). A colorless gas (B) with a charac¬ 
teristic odor was formed together with a pale green solution 
of the cation (C). 

The gas (B) was burned in air to give another colorless 
gas (D) that turned yellow dichromate paper green. Mixing 

(B) and (D) gave a yellow solid element (E). Depending on 
the mole ratios, (E) reacted with chlorine gas to give two 
possible chlorides, (F) and (G). 

Addition of ammonia to a sample of the green cation 
solution (C) gave a pale blue complex ion (H). Addition of 
hydroxide ion to another sample of the green solution gave 
a green gelatinous precipitate (I). Addition of zinc metal to 
a third sample of the green solution gave a metal (J) that 
on drying could be reacted with carbon monoxide to give a 
compound (K) with a low boiling point. 

Identify each of the substances and write balanced 
chemical equations for each reaction. 

20.42 When a very pale pink salt (A) is heated strongly, 
a brown-black solid (B) is produced; a deep brown gas 

(C) is the only other product. Addition of concentrated 
hydrochloric acid to (B) gives a colorless solution of salt (D), 
a pale green gas (E), and water. When the pale green gas is 


bubbled into a solution of sodium bromide, the solution turns 
brown. The yellow-brown substance (F) can be extracted 
into dichloromethane and other low-polarity solvents. 

The brown solid (B) can also be produced when a deep 
purple solution of the anion (G) is reacted in basic solution 
with a reducing agent, such as hydrogen peroxide. The other 
product is a gas (H), which will relight a glowing splint. The 
anion of compound (A) does not form any insoluble salts, 
whereas the gas (C) is in equilibrium with colorless gas (I), 
the latter being favored at low temperatures. 

Identify (A) through (I), writing balanced equations 
for each step. 

20.43 A transition metal, M, reacts with dilute hydrochloric 
acid in the absence of air to give M 3+ (aq). When the solution 
is exposed to air, an ion, MO 2+ (aq), is formed. Suggest the 
identity of metal M. 

20.44 When chromium(II) oxide, CrO, is synthesized from 
pure chromium and oxygen, the actual stoichiometry is 
found to be Cr 0 . 9 2 0 10 o, y et the crystals are electrically neutral. 
Suggest an explanation. 

20.45 Suggest why 84 percent of all chromium atoms are 
the chromium-52 isotope. 

20.46 Iron(III) iodide has been synthesized in the total ab¬ 
sence of air and water. Suggest a mechanism for the decom¬ 
position of this compound involving these two reagents. 

20.47 Chromium forms a variety of dimeric species such 
as the blue [(H 3 N) 5 Cr—O—Cr(NH 3 ) 5 ] 4+ ion. What is the 
formal oxidation state of each chromium atom? The ion has 
a linear Cr—O—Cr arrangement. Suggest an explanation 
for this. If it existed, would the equivalent ion with cobalt 
instead of chromium probably be linear or bent? Explain. 

20.48 To stoichiometrically oxidize a particular solution of 
iron(II) ion to iron(III) ion, 20 mL of an acidified perman¬ 
ganate ion solution was required. However, in the presence 
of a large excess of fluoride ion, 25 mL of the permanganate 
ion solution was required. Suggest an explanation. 

20.49 Sulfur dioxide will reduce iron(III) ion to iron(II) 
ion in a solution acidified with a few drops of dilute hy¬ 
drochloric acid. However, in a solution of concentrated 
hydrochloric acid, very little reduction occurs. Suggest an 
explanation. 

20.50 Copper(I) cyanide, though insoluble in water, dis¬ 
solves in aqueous potassium cyanide. Write a balanced net 
ionic equation to explain why the solution process occurs. 

20.51 The colors of the silver halides are the result of 
charge transfer processes. Explain why the color becomes 
more intense in the order Cl<Br<I. 
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20.52 A mixed nickel-cobalt oxide, NiCo 2 0 4 , is known but 
not CoNi 2 0 4 . Suggest an explanation. 

20.53 The mineral braunite has the ideal composition 
3Mn 2 0 3 -MnSi0 3 . In fact, the ore usually contains small 
proportions of the following elements: aluminum, calcium, 
iron, and titanium. Suggest at which element/ion site each 
substituted element would probably be found. 

20.54 Manganese forms five common oxides: MnO, 
Mn 3 0 4 , Mn 2 0 3 , Mn0 2 , and Mn 2 0 7 . (a) Calculate the oxida¬ 
tion number of manganese in each oxide, (b) Suggest an 
explanation for your answer for the oxidation number of 
manganese in Mn 3 0 4 . Which other transition metal forms 
an oxide of this stoichiometry? (c) Which oxide should be 
basic? Which oxide should be strongly acidic? Give your 
reasoning, (d) Which common oxide of manganese has the 
same element-to-oxygen ratio as a common oxide of its 
main group analog, chlorine? 

20.55 The nickel-dimethylglyoxime complex is planar. 
From the structure (Figure 20.16) suggest a reason why 
planar geometry would be favored. 


20.56 Calculate the enthalpy change for the two methane 
re-forming reactions used for the production of direct- 
reduced iron: 

CH 4 (g) + C0 2 (g) —>2 CO(g) + 2 H 2 (g) 

CH 4 (g) + H 2 0(g) CO(g) + 3 H 2 (g) 

20.57 The iron produced by the DRI process is a low- 
density porous lump material. The high surface area makes 
it more reactive than bulk iron. DRI is usually stored in 
heaps open to the air. (a) Write a chemical equation for 
the reaction that will occur over the surface air-exposed 
layer, (b) A sodium silicate solution can be sprayed over 
the surface to minimize oxidation. Explain why this treat¬ 
ment is effective, (c) In 1996, there was a fire and explosion 
on a freighter carrying DRI. The DRI had begun to oxidize 
rapidly and exothermically. The crew had sprayed seawater 
over the DRI to cool it down. How would the water have 
reacted with the hot iron? What would have caused the 
explosion? 


ADDITIONAL RESOURCES 

For answers to odd-numbered questions: www.whfreeman.com/descriptive5e 
For accompanying video clips: www.whfreeman.com/descriptive5e 
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CHAPTER 21 


Properties of the 4 d 
and 5 d Transition Metals 



Zr 

Nb 

Mo 

Tc 

Ru 

Rh 

Pd 

Ag 

Hf 

Ta 

W 

Re 

Os 

Ir 

Pt 

Au 


Whereas there are clear trends down each of the main groups, this is not 
the case with the transition metals. Descending each of the transition metal 
groups, apparent similarities in compound formulas mask considerable 
difference in properties and sometimes very dramatic differences in 
structures. On the other hand, the metals of each 4d-5d pair are much more 
similar in structure than consecutive members of main groups. One of the 
biggest differences from the main groups is that the 4d-5d transition metals 
tend to favor high-oxidation-state species, whereas the 3d transition metals 
are more commonly found in lower oxidation states, such as +2. Also, cluster 
compounds are particularly prevalent for the 4d-5d transition metals. 


T he so-called heavy transition metals (those of the 4 d and 5 d 
periods) are often overlooked in the study of the transition metals. 
This is unfortunate since there is so much rich chemistry to be found 
among them. In fact, it is a major challenge to make some sense of these 
elements without going into mind-numbing detail of the plethora of 
species. Thus, as in other chapters, we will describe some patterns and 
trends, together with selected unique features of each of the elements. 



21.1 Comparison of the Transition 
Metals 

21.2 Features of the Heavy 
Transition Metals 

21.3 Group 4: Zirconium and 
Hafnium 

21.4 Group 5: Niobium and 
Tantalum 

21.5 Group 6: Molybdenum and 
Tungsten 

21.6 Group 7: Technetium and 
Rhenium 

Technetium: The Most Important 
Radiopharmaceutical 

21.7 The Platinum Group Metals 

21.8 Group 8: Ruthenium and 
Osmium 

21.9 Group 9: Rhodium and 
Iridium 

21.10 Group 10: Palladium and 
Platinum 

21.11 Group 11: Silver and Gold 

21.12 Biological Aspects 
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A football made of iridium or 
osmium would have a mass of 
320 kg. 


21.1 Comparison of the Transition Metals 


The heavy transition metals are differentiated from the 3d transition metals by 
being much denser and having significantly higher melting points. In fact, 10 of 
the Ad-5d metals have melting points above 2000°C and 3 above 3000°C (tanta¬ 
lum, tungsten, and rhenium), indicative of the strong metallic bonds within the 
structures. The densities increase as 3d < Ad < 5 d, with the highest values be¬ 
ing those of osmium and iridium (23 g*cm“ 3 ). Chemically, the metals themselves 
are relatively unreactive, with later metals such as gold and platinum particularly 
chemically inert. 

One consistent factor found in each transition metal group is the increase 
in the crystal field splitting, A (see Chapter 19, Section 19.7), from Period 4 to 
Period 6 elements. For example, in the series [Co(NH 3 ) 6 ] 3+ , [Rh(NH 3 ) 6 ] 3+ , and 
[Ir(NH 3 ) 6 ] 3+ , the A oct values are 23 000, 34 000, and 41 000 cm -1 , respectively. 
Because of the larger crystal field splittings for the 4 d and 5 d transition metals, 
almost all compounds of these elements are low spin. 

Ionic Radii 

For the main group elements, there are clear trends down each group. For the 
transition metals, the 4 d and 5 d elements show very strong similarities in their 
chemistry within a group. This similarity is, to a large extent, a result of the fill¬ 
ing of the 4/orbitals in the elements that lie between these two rows. Electrons 
in these orbitals are poor shielders of electrons in the outer 6s and 5 d orbitals. 
With the greater effective nuclear charge, the atomic, covalent, and ionic radii 
of the Period 6 transition elements are reduced to almost the same as those in 
Period 5. This lanthanoid contraction is illustrated in Table 21.1, where the ionic 
radii of the Groups 2 and 5 metals are compared. The radii of the Group 2 metals 
increase down the group, whereas the niobium and tantalum ions have identical 
radii. It is the similarity in radii (and hence charge densities) that results in the 
strong resemblance in properties between the 4 d and 5 d members of a group. 


TABLE 21.1 

Comparison of the metallic radii of the Group 2 and Group 5 metals 

Group 2 

Radius (pm) 

Group 5 

Radius (pm) 

Calcium 

194 

Vanadium 

171 

Strontium 

219 

Niobium 

198 

Barium 

253 

Tantalum 

200 


Trends in Formulas 

There are some superficial similarities in the chemistries of the Ad and 5 d tran¬ 
sition metals to those of the 3d elements. For example, chromium, molybde¬ 
num, and tungsten all form oxides with an oxidation number of +6. 

However, parallel formulas can be misleading. For example, chromium 
forms a chromium(II) chloride, CrCl 2 , and tungsten forms an apparently analogous 
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compound, WC1 2 . The former does contain the chromium(II) ion, but the lat¬ 
ter is known to be [W 6 Cl 8 ] 4+ -4Cr (see Section 21.5). The high strength of the 
tungsten metal-metal bond makes it thermodynamically unfavorable to form 
a (theoretical) W 2+ ion. As a result, like WC1 2 , many compounds of the 4d-5d 
transition metals contain groups of metal ions, and these are called metal clus¬ 
ter compounds (see Section 21.2). 

Trends in Oxidation States 

In Chapter 20, Section 20.1, we saw that for the 3d transition metals, the oxida¬ 
tion numbers are higher for the first half of each row than for the later members. 
Table 21.2 shows the common oxidation states for the 3d-4d-5d transition metal 
series. For groups 4 to 7, though the preferred oxidation states do not differ 
significantly, it is the relative stability that does (see below). Among the later 
transition elements, higher oxidation states are found on descending the group. 
As an example, osmium in Group 8 exhibits even the +8 oxidation state in some 
compounds, such as osmium(VIII) oxide, 0s0 4 (see Section 21.8). 


TABLE 21.2 


Common oxidation states of the 3d-4d-5d transition metals 


Group 4 

Group 5 

Group 6 

Group 7 

Group 8 

Group 9 

Group 10 

Group 11 

Ti 

V 

Cr 

Mn 

Fe 

Co 

Ni 

Cu 

+2, +3, +4 

+2, +3, +4, +5 

+3, +4, +6 

+2, +3, +4, +7 

+2, +3 

+2,+3 

+2 

+1, +2 

Zr 

Nb 

Mo 

Tc 

Ru 

Rh 

Pd 

Ag 

+4 

+2, +4, +5 

+2, +4, +6 

+4,+7 

+4,+8 

+3, +4 

+2, +3 

+ 1 

Hf 

Ta 

W 

Re 

Os 

Ir 

Pt 

Au 

+4 

+2, +4, +5 

+4, +6 

+3, +4, +6, +7 

+4, +8 

+3, +4 

+2, +4, +6 

+3 


21.2 Features of the Fleavy Transition Metals 


For the main group metals, trends down groups tend to be systematic, such as 
the reactivity of the Group 2 metals with water (see Chapter 12, Section 12.1). 
By contrast, for the transition metals, there is an abrupt change in chemical 
behavior between the 3d and 4 d members of a group, while the 4 d and 5 d 
members tend to have very similar chemistries as a result of the lanthanoid 
contraction (see above). The following subsections provide some examples of 
these behaviors. 

Comparative Stability of Oxidation States 

Whereas the high oxidation states for the 3d transition metals are strongly oxi¬ 
dizing, those of the 4 d and 5 d metals are often the more stable oxidation states. 
For example, chromium(VI) oxide, Cr0 3 , is a powerful oxidizing agent, while 
molybdenum(VI) oxide, M 0 O 3 , and tungsten(VI) oxide, W0 3 , are the “normal” 
oxides of these metals. Conversely, the +2 state, which is often the most stable 
for the 3d metals, is nonexistent for nearly all of the 4 d and 5 d metals. 
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Coordination Number 

As we discussed in Chapter 20, four- and six-coordination is most common for 
the 3 d transition metals. For the later heavy transition metals, six-coordination 
is also common. Stereochemistry and charge sometimes seem to be deciding 
factors in the existence and stability of ions over periodic trends in oxidation 
state. For example, all of the 5 d transition elements from tantalum to gold form 
mono-negative octahedral fluoro complexes in which the metal has a +5 oxidation 
state; that is,TaF 6 “, WF 6 - , ReF 6 - , OsF 6 - , IrF 6 - , PtF 6 _ , and AuF 6 - . 

Among the early 4 d and 5 d metal complexes, with the large size of the atoms, 
we find coordination numbers greater than six. For example, the heptafluoro- 
zirconate(IV) ion, [ZrF 7 ] 3_ , has a pentagonal bipyramid structure (Figure 
21.1), while the solid-phase stereochemistry of the octacyanomolybdate(IV) 
ion, [Mo(CN) 8 ] 4- , depends on the counter-ion but is usually dodecahedral 
(Figure 21.2). 




Metal Cluster Compounds 

For the 3d metals, most of the common complexes are 
monomeric—a single metal ion or atom surrounded by 
ligands. For the early Ad and 5 d metals particularly, clus¬ 
ter compounds are very common. Figure 21.3 shows the 
[Mo 6 0 19 ] 2_ cluster, with oxygen atoms linking six molyb¬ 
denum atoms bonded to a central octahedrally coordi¬ 
nated oxygen atom. As was mentioned above, many such 
clusters involve metal-metal bonds. 

Quadruple Bonds 

A unique feature of the mid-4<i and 5 d metals is the forma¬ 
tion of quadruple metal-metal bonds, which are now known 
to be particularly common among molybdenum and tung¬ 
sten compounds. The first quadruple bond complex ion to 
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be identified was [Re 2 Cl 8 ] 2_ (Figure 21.4), and since then isoelectronic 
[W 2 C1 8 ] 4- has been synthesized, together with [Mo 2 C1 8 ] 4_ . The crys¬ 
tal structure shows that the chlorine atoms are locked in the eclipsed 
position, with no rotation about the quadruple bond. 

The bonding is believed to consist solely of ^-orbital overlap. 
A a bond can form by end-to-end overlap of d z 2 orbitals, a tt bond 
can formed by diagonal overlap of a pair of d xz or d yz orbitals, and a 
8 bond can be formed by side-to-side overlap of a pair of d xy orbitals 
(Figure 21.5). For the quadruple bond, as can be seen from the molecular- 
orbital-energy-level diagram (Figure 21.6), one cr bond, two tt bonds, 
and one 8 bond are involved. 


A 


A 







FIGURE 21.5 Orbitals involved in the formation 


5 

of the quadruple bond. 


For the isostructural [Os 2 Cl 8 ] 2- ion, which has two more electrons, the 
bond length is greater (a triple bond) and the chlorine atoms are not locked in 
the eclipsed position. As can be seen from Figure 21.6, an added electron pair 



FIGURE 21.6 Orbital energy levels involved in the formation of the quadruple bond. 
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would occupy the 8* (antibonding) orbital, reducing the bond order from four 
to three. Without the 8 bond, rotation about the Os—Os bond can occur. 

Isoelectronic Series 

In Chapter 9, Section 9.3, we described isoelectronic series, primarily among 
the Period 2 elements. Isoelectronic series are also prevalent among the early 
4 d and 5 d transition metals; for example, there is an isoelectronic octafluoro 
complex series of the early 5 d transition metals: HfF 8 4- ,TaF 8 3 ~, WF 8 2- , ReF 8 - . 
Table 21.3 shows isoelectronically overlapping hexafluoro and oxopenta- 
fluoro series for the early 5 d metals. A particularly curious isoelectronic pair 
is [ReOCl 4 ]~ and [OsNC 1 4 ]~. In fact, it is not uncommon for N 3- to substitute 
for O 2- ; another example is the isoelectronic pair of 0s0 4 and [Os0 3 N] _ . 


TABLE 21.3 


Formulas of isoelectronic series of hexafluoro and oxopentafluoro 
early 5 d transition metal complexes 


Group 4 

Group 5 

Group 6 

Group 7 

[ZrF 6 f~ 

[NbF 6 ]“ 

MoF 6 



[NbOF 5 ] * 2 ~ 

[MoOF 5 ]- 

TcOF 5 


21.3 Group 4: Zirconium and Hafnium 


Of all the 4d-5d transition metal pairs, zirconium and hafnium are the most 
similar, having almost identical ionic radii. It was not until 1923 that chem¬ 
ists realized a second element lurked within the samples of zirconium and its 
compounds. Zirconium and hafnium are both silvery lustrous metals with very 
high melting and boiling points. The only major difference is in density, where 
like the other 4d-5d pairs, hafnium is much denser than zirconium (13.3 g*cm -3 
compared with 6.5 g*cnT 3 ). 

Zirconium is the fourth most common transition metal in the Earth’s crust 
(iron, titanium, and manganese are more abundant). Zirconium and hafnium 
are usually found together in ores, with the rarer hafnium constituting about 

2 percent of the mixture, although the uncommon ore alvite, (Hf,Zr)Si0 4 *xH 2 0, 
can sometimes contain more hafnium than zirconium. 

Zirconium metal is used to make containers for nuclear fuel because it 
has a low capture cross section for neutrons—that is, it does not absorb the 
neutrons that propagate the fission process. By contrast, hafnium has a high 
capture cross section; thus, for fuel rod containers it is crucial to ensure that the 
zirconium metal has the lowest-possible hafnium content. 

Although the two metals are very chemically reactive, a tenacious coating 
of the respective oxide (analogous to aluminum; see Chapter 13, Section 13.6) 
makes zirconium useful as an alternative to stainless steel. The only common 
oxidation state is +4, and such a high charge density makes all hafnium or 
zirconium compounds essentially covalent. 
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Zirconium(IV) Oxide 

In the baddeleyite crystalline form of zirconium(IV) oxide, each zirconium(IV) 
ion is surrounded by seven oxide ions (Figure 21.7a). Above 2300°C, the com¬ 
pound rearranges to an eight-coordinate fluorite structure (Figure 21.1b), 
cubic zirconia, an excellent diamond substitute in jewelry. Although the refrac¬ 
tive index (and hence “sparkle”) and hardness of cubic zirconia are less than 
those of diamond, its melting point of 2700°C makes it more thermally stable 
than diamond. Zirconium(IV) oxide can be produced in a fibrous form by a 
patented process. These silky fibers have nearly uniform dimensions: 3 mm in 
diameter and 2 to 5 cm long. They can be woven into a material that is stable up 
to 1600°C, making zirconia cloth very useful for high-temperature purposes. 


21.4 Group 5: Niobium and Tantalum 


Just as zirconium and hafnium are found together in ores, so are the closely 
related niobium and tantalum. The ore, (Fe 2+ ,Mn 2+ )(Nb 5+ ,Ta 5+ ) 2 (0 2 ~) 6 , is 
called columbite if it is richer in niobium and tantalite if it is richer in tantalum. 
However, in contrast to the Group 4 heavy metals, the Group 5 metals exhibit 
compounds in oxidation states from +2 to +5. 

Naming Element 41 

The strong similarity between the two metals delayed the definite discovery 
of niobium. The discovery of a new element, columbium, was claimed in 1801, 
although this was possibly a mixture of niobium and tantalum. It was not until 
the 1860s that the element, named after the Niobe, daughter of Tantalus, of 
Greek mythology, was definitively identified. Element 41 retained the name 
columbium in the United States while Europe adopted niobium. In 1950, the 
name niobium was officially adopted by the International Union of Pure and 
Applied Chemistry (IUPAC). This was part of a nationalistic compromise: at 
the same time, IUPAC recommended the American preference of tungsten 
over the European preference for wolfram for element 74. Thus, each conti¬ 
nent had its choice for one of the two elements. Nevertheless, the name colum¬ 
bium and the symbol Cb are still used in the United States, especially in mining 
and mineral contexts. 

Metal Cluster Compounds 

The most interesting feature of these two metals is the formation of metal 
cluster halides. An example is the series of generic formula M 6 X 16 , where M is 
niobium or tantalum and X is a halide. In fact, the compounds have the true 
formulation of [M 6 X 12 ] 2+ *2X _ . The [M 6 X 12 ] 2+ cluster consists of an octahedron 
of metal atoms with the halogen atoms bridging each pair of metal atoms (Fig¬ 
ure 21.8). This cluster is remarkably stable and can undergo oxidative addition 
to form [M 6 X 18 ] 2- clusters, in which one halogen atom has attached terminally 
to each metal atom (Figure 21.9). 



(b) 


FIGURE 21.7 The zirconium(IV) 
oxide ion arrangements in [a) 
baddeleyite and (b) cubic zirconia. 
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M=Nb,Ta 
X=halide 


FIGURE 21.8 Structure of the [M 6 X 12 ] 2+ ion, 
where M = Nb or Ta and X = halide. 


Cl 



FIGURE 21.9 Structure of the [M 6 X 18 ] 2 ion, where 
M = Nb or Ta and X = a halogen. 


21.5 Group 6: Molybdenum and Tungsten 


Unlike the other 4d-5d heavy metal pairs, molybdenum and tungsten are rarely 
found together in ores. Instead, molybdenum is usually found as molybdenite, 
MoS 2 , while tungsten is found as the tungstate anion in scheelite, CaW0 4 , and 
wolframite, (Fe,Mn)W0 4 . The formation of the sulfide by molybdenum might 
indicate it is a “softer” metal using the HSAB concept than tungsten. The oxi- 
Tungsten has the highest melting dation number of +6 is thermodynamically preferred for both these metals, 
point of all metals (3422°C) but lower-oxidation-state compounds do exist. 

Molybdenum(IV) Sulfide 

Molybdenum(IV) sulfide, commonly called molybdenum disulfide, is the only 
industrially important compound of molybdenum. It is the common ore of the 
metal, and nearly half of the world’s supply is in the United States, mostly 
Colorado and New Mexico. The purified black molybdenum(IV) sulfide, MoS 2 , 
has a layer structure of tetrahedrally coordinated molybdenum atoms linked 
by sulfide bridges that resembles graphite. This property has led to its use as a 
lubricant, both alone and as a slurry mixed with hydrocarbon oils. 

Tungsten Bronzes 

In Chapter 16, Section 16.6, we described the perovskite unit cell, which is com¬ 
mon for oxides of formula MM'0 4 , where M is a large, lower-charge cation and 
M' is a small, higher-charge cation. Sodium tungstate, NaW0 3 , which adopts the 
perovskite structure, has very unusual properties. This compound can be prepared 
with less than stoichiometric proportions of sodium ion; that is, NaxW0 3 , where 
x < l.The stoichiometric tungstate is white, but as the mole proportion of sodium 
drops to 0.9, it becomes a metallic golden yellow. As the proportion drops from 0.9 
to 0.3, colors from metallic orange to red to bluish black are obtained. This mate¬ 
rial and its relatives, called the tungsten bronzes, are often used for metallic paints. 

Not only do the compounds look metallic but also their electrical conductiv¬ 
ity approaches that of a metal. In the crystal, increasing proportions of the cell 
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centers, where the large alkali metal would be found, are vacant. As a result, the 
conduction band, which in the stoichiometric compound would be full, is now 
partially empty. In these circumstances, electrons can move through the tt system 
along the cell edges by using tungsten ion d orbitals and oxide ion p orbitals. It is 
this electron mobility that produces the color and the electrical conductivity. 


Heteropolymolybdates and Heteropolytungstates 

Just as silicates can form clusters of Si0 4 tetrahedra to give polysilicates 
(see Chapter 14, Section 14.15), so molybdates, Mo0 4 2_ , and tungstates, 
W0 4 2- , can form clusters of octahedral M0 6 units. What is particularly 
interesting about this class of clusters is that they can incorporate within 


them a hetero-ion, such as phosphate, P0 4 , and silicate, Si0 4 . For 
example, mixing molybdate and phosphate ions and acidifying give the 
phosphomolybdate ion, [PMo 12 O 40 ] 3_ (Figure 21.10): 


F0 4 3 ~(aq) +12Mo0 4 2 “(^) + 24H + (^)- 


[PMo 12 O 40 f“H) + 12H 2 0(/) 

The phosphorus(V) sits in a tetrahedral hole, surrounded by four 
oxygens, in the center of the cluster. The heteropoly-ions are sometimes 
called Keggin clusters after J. F. Keggin, who first determined their struc¬ 
tures. The 1:12 clusters can be formed by both molybdenum and tungsten, while the 
hetero-ion can be any small ion that can fit into the tetrahedral hole. 

The formation of the phosphomolybdate is a useful test for the qualitative and 
quantitative analysis of phosphate ion; the intensity of the yellow color indicates 
the concentration of the complex ion. Alternatively, addition of a reducing agent 
reduces some of the molybdenum(VI) ions to molybdenum(V). With the result¬ 
ing charge defects, the ion becomes very deep blue—the heteropoly-blues —a very 
sensitive test for phosphate. 

The salts of small cations and the parent acids are very water-soluble, while 
salts of the larger cations, such as cesium and barium, are insoluble. With the 3- or 
4- ion charge delocalized over such an enormous cluster, the low charge density 
results in the acid being very strong and the conjugate base essentially neutral. 
The heteropoly-acid itself can be synthesized at very low pH. The compound 
12-tungstosilicic acid is one of the simplest to prepare: 

SiO 4 4 ~(aq) + 12 WO 4 2 ~(aq) + 28 H + (aq)^ 

H 4 SiW 12 O 40 -7H 2 O(s) + 5 H 2 0(/) 

The acid can then be titrated against sodium hydroxide like any typical strong 
acid: 

H 4 SiW 12 O 40 (a<7) + 4OH _ (^)-^[SiW 12 O 40 ] 4 "(^) + 4 H 2 0(Z) 



3- 


FIGURE 21.10 

[PMo 12 O 4 0 ] 3 ” ior 


Structure of the 


Phosphomolybdate salts are good 
flame retardants on fabrics. 


21.6 Group 7: Technetium and Rhenium 


As mentioned in Chapter 2, Section 2.3, technetium is the only transition ele¬ 
ment for which no stable isotopes exist. One artificially synthesized isotope, 
technetium-99, has a long half-life of 2 X 10 5 y. Considerable quantities have 
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been synthesized, and with such a long half-life, the radiation is low enough 
that the chemistry of the isotope can be studied in a conventional laboratory. 
Technetium has medical uses in radiotherapy and radioimaging. 



Technetium: The Most Important Radiopharmaceutical 


T he inside of a human body can be imaged in several 
different ways, such as with magnetic resonance 
imaging (MRI). However, it is particularly useful to be 
able to highlight a particular location of interest, such 
as a specific organ or a tumor. Metal compounds play 
a valuable role since they often concentrate in certain 
organs or in tumors. The reason why they concentrate 
in tumors is not well understood but probably relates to 
the increased metabolism and altered chemistry of the 
tumor cells. 

To be an effective radioactive isotope for diagnos¬ 
tic imaging, the nucleus must be a gamma emitter with 
a half-life long enough that the isotope can be produced 
and inserted into the patient’s body before much has de¬ 
cayed. However, the half-life must be short enough that 
the emission intensity is measurable at very low concen¬ 
trations. A short half-life also means that the patient is 
exposed to the radiation for only a brief period. A half- 
life of less than eight days is preferable. The nuclear- 
excited-state technetium-99m fits this role superbly, and 
it is used for over 80 percent of all radiodiagnostics. 

The technetium is obtained as the pertechnate ion, 
Tc0 4 _ , from the radioactive decay of the molybdate 
ion, Mo0 4 2_ . The synthesis is as follows. Nonradioac¬ 
tive molybdenum-98 is placed in a neutron source to 
give radioactive molybdenum-99: 

iMo + Jn-> 42 Mo 

Molybdenum-99 decays with a half-life of 66 hr to 
technetium-99m, the m indicating that the technetium-99 
is in a nuclear excited state. That is, just as electrons can be 
in excited states and release visible, ultraviolet, or infrared 
electromagnetic radiation as the electron descends to the 
ground state, so the proton formed in the nuclear decay is 
in an excited state and emits a gamma ray as it drops to the 
nuclear ground state. It is the emission of the gamma ray 
that is recorded in the radiodiagnostic procedure. 

^Mo -> "43TC+J}e ti = 66 hr 

2 

"gTc^Tc + fo ti = 6 hr 

2 


The ground-state technetium-99 has such a long half-life 
that the radiation level is low enough to be a negligible 
hazard: 

43 TC —» 44 RU + ti = 2.1 X 10 s years 

Although the nuclear chemistry is of great impor¬ 
tance in diagnostic imaging, the aqueous chemistry is 
also crucial. The technetium must be in forms that are 
soluble in body fluids. These fluids are typically near 
neutral and slightly oxidizing. The Pourbaix diagram 
in Figure 21.11 shows that the pertechnate ion is stable 
over much of the physiologically relevant range. This is 
unlike the element above it in the periodic table, man¬ 
ganese (see Figure 8.5), where most of the physiological 
range is occupied by insoluble oxides and hydroxides 
and the permanganate ion is only stable under highly 
oxidizing conditions. 

The pertechnate ion itself is about the same size (and 
charge density) as the iodide ion. Thus, the pertechnate 
ion has been used for the imaging of the iodine-rich thy¬ 
roid gland (see Chapter 17, Section 17.13). 



FIGURE 21.11 Pourbaix diagram for technetium. [From 
W. Kaim and B. Schwederski, Bioinorganic Chemistry: Inorganic 
Elements in the Chemistry of Life (New York: Wiley-VCH, 1994), 
ch. 18, p. 360.] 
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Rhenium, the last element to be discovered for which stable isotopes exist, is 
found in concentrations of up to 0.2 percent in molybdenite, MoS 2 . This kind 
of “diagonal relationship” (see Chapter 9, Section 9.7) between a 4 d transition 
metal and the 5 d metal of the following group may be a result of the similar 
atom radius (190 pm for molybdenum and 188 pm for rhenium). The inclusion 
of rhenium(IV) within molybdenum(IV) sulfide is also a reflection of the fact 
that, like manganese, rhenium readily forms the +4 oxidation state (together 
with +6 and +7). 


Rhenium-Rhenium Bonds 

In Section 21.2, we described how rhenium forms a quadruple-bonded 
blue [Re 2 Cl 8 ] 2_ species. Much of rhenium chemistry in its lower oxida¬ 
tion states involves compounds containing rhenium-rhenium bonds; for 
example, addition of chlorine to [Re 2 Cl 8 ] 2 ~gives [Re 2 Cl 9 ]“ with a very dif¬ 
ferent structure: a single rhenium-rhenium bond and three chlorine atoms 
bridging the two rhenium atoms (Figure 21.12). 



Rhenium Diboride 


FIGURE 21.12 Structure of the 


The search for new superhard materials has traditionally focused on borides, [Re 2 CI 9 ] _ ion. 
carbides, and nitrides of the lighter elements. This changed with the synthesis 
of rhenium diboride, ReB 2 , in 2007. Not only is the compound almost as hard 
as diamond, it is remarkably easy to synthesize without resorting to ultrahigh 
pressures and temperatures. For example, it can even be synthesized in a high- 
temperature double-replacement reaction, with the magnesium chloride re¬ 
moved subsequently by washing with water: 

2ReCl 3 (/) + 2Mg 3 B 2 (.v) —^ 2ReB 2 (.v) + 3MgCl 2 (.v) 


Rhenium diboride is a metallic-looking material with a high density close to 
that of rhenium itself since the boron atoms fit in the interstices between the 
rhenium atoms. The hardness comes from the very strong covalent bonds, which 
are almost nonpolar, since rhenium and boron have similar electronegativities. 


21.7 The Platinum Group Metals 

Under the old nomenclature system, Groups 8, 9, and 10 were collectively 
called Group VIII. This made chemical sense, for ruthenium, osmium, rhodium, 
iridium, palladium, and platinum share enough common chemistry to have the 
collective name the platinum metals. The platinum metals are very inert to all 
but the most extreme reagents, such as aqua regia , a mixture of concentrated 
hydrochloric and nitric acids. As a result of the platinum metals’ lack of chemi¬ 
cal reactivity, they are sometimes called the noble metals , by analogy with the 
noble gases. 

One source of all these metals is the nickel deposit at Sudbury, Ontario, 
Canada. This deposit resulted from a 10 km meteorite impact that occurred 
1.85 billion years ago. Even though the platinum metals are present in very 
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FIGURE 21.13 Structure of M 4 F 20 , 
where M = Ru, Os, Rh, Ir, or Pt. 


small concentrations, so much nickel is mined that significant quantities of the 
platinum metals are extracted. These “soft” metals are usually found as sulfides 
and arsenides, such as sperryite, PtAs 2 . The annual total production is about 
300 tonnes. 

These elements are all unreactive, silvery, lustrous metals, some of 
which is used to produce jewelry and bullion coinage, but most is used 
in the chemical industry as catalysts for various reactions, as we discuss 
in Chapter 23, Section 23.17. The densities of these metals show a strong 
horizontal relationship: the 4 d platinum metals have densities of about 
12 g*cm -3 , whereas the densities of the 5 d metals are about 21 g*cnT 3 . 
The melting points of the platinum metals are also high, with values 
ranging from 1500° to 3000°C. 

One of the several similarities among the platinum metals is the fluo¬ 
rides with the generic empirical formula MF 5 . In fact, these fluorides 
are all isostructural (but not isoelectronic) tetramers, M 4 F 20 , where M is 
ruthenium, osmium, rhodium, iridium, or platinum. The fluorine-bridged, 
eight-member ring structure of these compounds is shown in Figure 21.13. 


21.8 Group 8: Ruthenium and Osmium 


Although all the platinum metals have many similarities, in their chemical com¬ 
pounds ruthenium and osmium behave more like a continuation of the earlier 
transition metals, with their highest oxidation state +8, the d° electron con¬ 
figuration. In fact, the only important compound of osmium is osmium(VIII) 
oxide, Os0 4 . 

Osmium(VIII) oxide, usually called osmium tetroxide, has many similari¬ 
ties to xenon tetroxide (another example of the Group ( n ) and (n + 10) paral¬ 
lel; see Chapter 9, Section 9.5). Osmium(VIII) oxide is a pale yellow solid that 
melts at 40°C and boils at 130°C. It has a high vapor pressure at room tempera¬ 
ture, resulting in an ozone-like odor. The vapor is highly poisonous, even at 
low exposure levels, and in particular, inhalation at concentrations well below 
those at which a smell can be perceived can lead to pulmonary edema and sub¬ 
sequent death. Chronic exposure to very low levels of osmium(VIII) oxide can 
result in vision abnormalities, particularly seeing “halos” around light sources, 
as a result of the reaction of the compound with the cornea. 

The Os0 4 molecule is tetrahedral with osmium-oxygen double bonds, and 
it is isoelectronic and isostructural with the tungstate ion, W0 4 2- , and the per- 
rhenate ion, Re0 4 - . The compound is easily formed by heating osmium metal 
in oxygen gas: 

Os(s) + 2 0 2 (g) —> Os0 4 (s ) 

Osmium(VIII) oxide is widely used in organic synthesis, particularly to 
oxidize alkenes to diols, adding two hydroxyl groups on the same side (syn 
addition). The compound is also a widely used staining agent in transmission 
electron microscopy (TEM) to provide contrast to the image. As a lipid stain, 
it is also useful in scanning electron microscopy (SEM). 
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21.9 Group 9: Rhodium and Iridium 


Of the platinum metals, the chemistries of rhodium, iridium, palladium, and 
platinum are much closer to one another than to the chemistry of ruthenium 
and osmium. For example, the highest oxidation state for both Group 9 and 
Group 10 platinum metals is +6 instead of the group number, and the lower 
oxidation states are the “normal” ones. 

Both rhodium and iridium readily form complexes with the +3 oxidation 
state, which, like the cobalt analogs, are kinetically inert. Also closely resembling 
the 3d member of the group, rhodium and iridium both form simple aqueous 
ions [M(OH 2 ) 6 ] 3+ , where M = Rh or Ir. However, it is with these last groups of 
elements that we also find the most noticeable differences between the 4 d and 
5 d members; for example, the +4 oxidation state is quite common for iridium 
but rare for rhodium. 

21.10 Palladium and Platinum 


The most common oxidation states for palladium and platinum are +2 and +4 
(isoelectronic with the +1 and +3 states of rhodium and iridium, respectively). 
In the +2 state, the complexes are square planar; thus, their aqueous ions are 
[M(OH 2 ) 4 ] 2+ , where M = Pd or Pt. As we mentioned in Section 21.1, with the 
4 d and 5 d transition metals, formulas are not always what they seem, and as 
another example, palladium forms a fluoride of empirical formula PdF 3 , which 
is actually palladium(II) hexafluoropalladate(IV), (Pd 2+ )[PdF 6 ] 2_ . 

We discussed platinum(VI) fluoride in the context of the discovery of the first 
noble gas compounds (see Chapter 18, Section 18.4). Platinum(VI) fluoride is one 
of the strongest oxidizing agents known, even oxidizing molecular oxygen to the 
oxygenyl ion, itself being reduced to the more stable hexafluoroplatinate(V) ion: 

PtF 6 (^) + 0 2 (g)^(0 2 ) + [PtF 6 ]-(5) 

Palladium has the unusual property of absorbing hydrogen gas—in fact, it can 
reversibly absorb 900 times its own volume of hydrogen. In the crystal, palladium 
adopts a face-centered cubic lattice. As the hydrogen molecules are absorbed, 
they dissociate into atoms and rapidly diffuse through the structure, each hydro¬ 
gen atom occupying an octahedral hole in the palladium lattice. Metallic conduc¬ 
tivity slowly decreases with increasing hydrogen absorption until at about PdH 0 5 , 
the substance becomes a semiconductor. The maximum absorption corresponds 
to an empirical formula of about PdH 0 . 7 .The palladium-hydrogen standard refer¬ 
ence electrode is now favored over the traditional platinum-hydrogen electrode 
since the former does not require continuous bubbling of hydrogen gas over the 
electrode surface, the hydrogen being internally absorbed instead. 

21.11 Group 11: Silver and Gold 

Copper, silver, and gold are sometimes called the coinage metals , because his¬ 
torically they were the three metals used for this purpose. The reasons for this 
were fourfold: they can be found in the metallic state; they are malleable, so 
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disks of the metal can be stamped with a design; they are quite unreactive 
chemically; and, in the cases of silver and gold, the comparative rarity of the 
metals meant that the coins had the intrinsic value of the metal itself. 

In Chapter 20, Section 20.9, we mentioned that the yellow color of copper 
results from visible-region electron absorptions from the d band to the s-p band. 
The band separation in silver is greater, and the absorption is in the ultraviolet 
part of the spectrum. Relativistic effects (see Chapter 2, Section 2.5) lower the 
s-p band energy in the case of gold, again bringing the absorption into the blue 
part of the visible range, resulting in the characteristic yellow color. 

The chemistry of silver is dominated by the d 10 Ag + ion. As a result, silver 
often behaves more like a main group metal (see Chapter 9, Section 9.8). Gold, 
on the other hand, has a chemistry that frequently continues the patterns of 
the platinum metals. For example, like platinum (and the other 5 d transition 
metals; see Section 21.2), gold forms a hexafluoroaurate(V) ion for which the 
dioxygenyl salt, (0 2 ) + [AuF 6 ]“, can be isolated. 

Extraction of Silver 

Silver is found mostly as the free element and as silver(I) sulfide, Ag 2 S. Significant 
amounts of silver are also obtained during the extraction of lead from its ores and 
from the electrolytic refining of copper. One method of extraction of the metal 
involves the treatment of pulverized silver(I) sulfide with an aerated solution of 
sodium cyanide, a process that extracts the silver as the dicyanoargentate(I) ion, 
[Ag(CN) 2 ]-: 

2 AgS(s) + 8 CN ~(aq) + 0 2 (g) + 2 H,0(/) 

4 [Ag(CN) 2 ]“H) + 2 S(s) + 4 OH ~(aq) 

Addition of metallic zinc causes a single replacement reaction in which the 
very stable tetracyanozincate ion, [Zn(CN) 4 ] 2_ , is formed: 

2[Ag(CN) 2 ]>< ? ) + Zn(s)^2Ag(s) + [Zn(CN) 4 ] 2 -(a ? ) 

The pure metal is obtained by electrolysis, using an electrolyte of acidified silver 
nitrate solution with the impure silver as the anode and a strip of pure silver 
as the cathode: 

Ag(s) —» Ag + (aq) + e - (anode) 

Ag + {aq) + e~ —> Ag(s) (cathode) 

As discussed below, silver metal is used increasingly for its antibacterial 
properties. Of concern, laws are lacking to control the use of nanomaterials— 
particularly nanosilver. Existing regulatory systems fail to treat nanomaterials 
as new chemicals and remain based on the flawed assumption that the hazard 
of nanomaterials can be predicted from the same materials in their bulk form. 
For this reason, a large group of leading nanotoxicologists have called for nano¬ 
materials to be screened using particle number and surface area in addition to 
mass as critical dose characteristics. Until this is done, nanosilver particles will 
enter the environment, where they may have negative effects, such as killing the 
anaerobic bacteria that are essential for the breakdown of wastes in landfills. 
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Silver Halides 

In almost all the simple compounds of silver, the metal has a +1 oxidation 
number, and the Ag + ion is the only water-stable ion of the element. Hence, 
it is common to write “silver” for “silver(I).” The insolubility of silver chloride, 
bromide, and iodide was explained in terms of covalent character in Chapter 5, 
Section 5.3. The silver fluoride, AgF, is a white, water-soluble solid and is con¬ 
sidered to be ionic in both solid and aqueous solution. Silver chloride, bromide, 
and iodide are sensitive to light, and the ready reduction of the silver ion results 
in a darkening of the solid (which is why silver compounds and their solutions 
are stored in dark bottles): 

Ag + (s) + e“ —^Ag(^) 

In the laboratory, a standard solution of soluble silver nitrate is used to test 
for the presence of chloride, bromide, and iodide ion. In qualitative analysis, 
the halide can be identified by color: 


K sp = 2x KT 10 
K s p = 5 X 1(T 13 
K sp = 8x 1(T 17 


Ag + (aq) + Cl (aq) —» AgClfs) (white) 
Ag + (aq) + Br~(aq) —> AgBr(^) (cream) 
Ag + (aq) + \~(aq) —¥ Agl(^) (yellow) 


Because the intensity of the color depends on particle size, it can be difficult to 
differentiate chloride from bromide or bromide from iodide. Hence, there is a sec¬ 
ondary confirmatory test. This test involves addition of dilute ammonia solution. 
Silver chloride reacts with dilute ammonia solution to give the diamminesilver(I) 
ion: 

AgCl(s) + 2NH 3 (aq) [dil.] [Ag(NH 3 ) 2 ] + (aq) + Cl ~ (aq) 

Silver bromide is only slightly soluble, and silver iodide is insoluble in dilute 
ammonia. However, silver bromide will react with concentrated ammonia: 

AgBr(s) + 2NH $(aq) [cone.] —> [Ag(NH 3 ) 2 ] + (ag) + Br ~(aq) 

To understand this difference in behavior, we must compare the equation for 
the precipitation reaction (where X is any of the halides) with the equation for 
the complexation reaction: 


Ag + {aq) + X (aq) AgX(s) 

Ag + (aq) + 2NH 3 (fl 9 ) ^ [Ag(NU 3 ) 2 } + (aq) 


K stab = 2 x 10 7 


There are two competing equilibria for the silver ion. In qualitative terms, it is 
the one with the larger equilibrium constant that will predominate. Hence, in 
the case of very insoluble silver iodide, it is the precipitation equilibrium that 
will dominate. Conversely, the more soluble silver chloride will result in a silver 
ion concentration high enough to drive the complexation reaction to the right. 

Gold 

With its very high reduction potential, this element is usually found in nature 
as the free metal. Because gold is a very soft acid, the gold minerals that are 
known, such as calaverite, AuTe 2 , and sylvanite, AuAgTe 4 , involve the very soft 
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To diminish the need for summer 
air conditioning, the windows in 
some high-rise office buildings 
are coated with a reflective layer of 
10 -11 m of gold. 


base tellurium. For extraction of metallic gold from rock, the same cyanide 
process as that for silver metal is used. 

Gold forms a wide variety of complexes but few simple inorganic com¬ 
pounds. Gold(I) oxide, Au 2 0, is one of the few stable gold compounds in which 
the metal has an oxidation number of +1. Like copper, this oxidation state is 
only stable in solid compounds, because aqueous solutions of all gold(I) salts 
disproportionate to gold metal and gold(III) ions: 

3 Au + (aq) —>2 Au(s) + Au 3 + (aq) 

One of the most common compounds of gold is gold(III) chloride, Au 2 C1 6 , 
which has a chlorine-bridged structure analogous to that of aluminum chloride 
(see Chapter 13, Section 13.7). It can be prepared simply by reacting the two 
elements together: 

2 Au(s) + 3 Cl 2 (g) -> Au 2 C1 6 (s) 

Dissolving gold(III) chloride in concentrated hydrochloric acid gives the 
tetrachloroaurate(III) ion, [AuC 1 4 ] _ , an ion that is one of the components in 
“liquid gold,” a solution of gold species with thiol ligands that will deposit a 
film of gold metal when heated. 
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FIGURE 21.14 The iron-sulfur- 
molybdenum cofactor core 
structure of nitrogenase. The 
identity of X is unknown but is 
possibly nitrogen. 
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Molybdenum 

Molybdenum is the most biologically important member of Group 6. It 
is the heaviest (highest atomic number) element to have a wide range of 
functions in living organisms. Dozens of enzymes are known to rely on 
molybdenum, which is usually absorbed as the molybdate ion, [Mo0 4 ] 2_ . 
The most crucial molybdenum enzyme (which contains iron as well) is 
nitrogenase. This family of enzymes occurs in bacteria that reduce the 
“inert” dinitrogen of the atmosphere to ammonia, which is used in protein 
synthesis by plants. Some of these bacteria have a symbiotic relationship 
with the leguminous plants forming nodules on the roots. These bacte¬ 
ria process about 2 X 10 8 tonnes of nitrogen per year in the soils of this 
planet! Figure 21.14 shows the Fe 7 MoS 9 core of the nitrogenase enzyme. 

Outside of the nitrogenases is a family of molybdenum-containing 
enzymes, the molybdopterins, that have a core containing a MoS 2 group 
and an organic ring structure known as a pterin system. These enzymes 
often contain another metal, particularly an iron-sulfur system, and they 
perform the vital role of oxidants or reductants of toxic species in or¬ 
ganisms. For example, sulfite oxidase oxidizes sulfite ion to sulfate ion, 
carbon monoxide dehydrogenase oxidizes carbon monoxide to carbon 
dioxide, and nitrate reductase reduces nitrate ion to nitrite ion. Some common 
pterin-containing molybdenum enzymes are listed in Table 21.4. 

Why is a metal as rare as molybdenum so biologically important? There are 
a number of possible reasons. The molybdate ion has a high aqueous solubility 
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Some common molybdopterin enzymes 

Name 

Metal atoms per molecule 

Source 

Sulfite reductase 

2 Mo 

Mammalian livers 

Nitrate reductase 

2 Mo, 2 Fe 

Plants, fungi, algae, bacteria 

Trimethylamine 

Woxide reductase 

2 Mo, 1 Fe, l| Zn 

Escherichia coli 

Xanthine oxidase 

2 Mo, 4 Fe 2 S 2 

Cow’s milk, mammalian 
liver, kidney 

Formate dehydrogenase 

Mo, Se, Fe„S„ 

Fungi, yeast, bacteria, plants 

Carbon monoxide 
dehydrogenase 

2 Mo, 4 Fe 2 S 2 ,2 Se 

Bacteria 


at near-neutral pH values, making it easily transportable by biological fluids. 
The ion has a negative charge, making it more suitable for different environ¬ 
ments than are the cations of the 3 d transition metals. In fact, it is argued that 
the molybdate ion is transported by the same mechanism as the sulfate ion, 
S0 4 2- , another example of the similarities of ions of Group 6 and Group 16 (see 
Chapter 9, Section 9.5). The element has a wide range of oxidation states (+4, 
+5, and +6) whose redox potentials overlap with those of biological systems. 
Finally, molybdenum is about eighteenth in the order of abundances of metals 
in seawater, and much of the choice of elements for biochemical processes was 
probably determined when the only life on this planet was in the sea. 

Tungsten 

Tungsten-containing enzymes are found in some extremophile bacteria, the 
hyperthermalzlrc/zaca.The tungsten center acts as an electron sink and source, 
oscillating among tungsten +4, +5, and +6 oxidation states. Because these 
bacteria exist at very high temperatures, up to 110°C in some cases, it is argued 
that tungsten rather than molybdenum is utilized by the enzyme since tungsten 
has the stronger metal-ligand bond, enabling the enzyme to function at high 
temperatures without disintegrating. Linked to the bond strength, the rate of 
reaction of the tungsten enzyme at about 110°C is comparable to that of the 
molybdenum enzyme at 37°C. 

Nanosilver as Bactericide 

Silver has well-established antibacterial properties; in fact, in ancient Greece, 
silver coins were used to “purify” water. During World War I, wound dressings 
were impregnated with silver nitrate, but that was superseded as an antibacte¬ 
rial with the advent of antibiotics. More recently, drops of silver nitrate solu¬ 
tion are placed in newborn babies’ eyes to prevent bacterial eye infections. 
Silver(II) compounds are now becoming of interest as bactericides because 
they are water-soluble, unlike silver(I) salts (except nitrate and fluoride). 

However, silver nanoparticles in the size range of 1-50 nm have now become 
a popular method of controlling bacteria and viruses. Silver nanoparticles are 





596 


CHAPTER 21 


Properties of the 4 d and 5 d Transition Metals 


now the most prevalent nanomaterial used in consumer products, incorporated 
in products ranging from vacuum cleaners and washing machines to wound 
dressings and medical devices. This nanomaterial is also popular as a coating 
in antibacterial kitchenware, socks and other textiles, cleaning products and air 
filters, toothbrushes and toothpaste, and baby pacifiers and other baby products. 
In some countries, silver nanoparticles, in combination with titanium(IV) dioxide 
coating, are applied to touchable surfaces in train stations, to railroad car interior 
surfaces, and to surfaces in shopping malls. 

One of the most promising water purification systems for poorer countries 
involves silver particles. First devised by Guatemalan chemist Fernando Maz- 
ariegos, then produced more widely by the efforts of American potter Ron 
Rivera, the ceramic-silver filters have provided safe drinking water to count¬ 
less families around the world. The filters resemble a flowerpot and are made 
of local clays containing fragments of corn husks. When fired, the corn husks 
burn away, leaving a network of fine pores, which prevent the passage of larger 
organisms. The pots are then coated with colloidal silver to kill the remaining 
pathogens. The pots, made in locally owned small businesses, are used in at 
least ten countries so far. 

Gold in Medicine 

The application of gold compounds to medicine began in 1935 and is known 
as chrysotherapy or aurotherapy. Gold compounds are particularly efficacious 
in the treatment of rheumatoid arthritis by reducing inflammation, though the 
mechanism of action is still debated. Several gold compounds are used for this 
purpose; one of the most common has the pharmaceutical name auranofin, 
(C 14 H 19 0 9 )—S—Au=P(C 2 H 5 ) 3 . Gold compounds are claimed to be useful in 
the treatment of other medical conditions, but some of these claims have not 
been verified. 


KEY IDEAS 


• The 4 d and 5d transition elements show close similari¬ 
ties within each group. 

• The early 4 d-5d transition metals exhibit higher oxida¬ 
tion states than the later members. 


• Quadruple bonds are found among some of the earlier 
4 d-5d transition metals. 


• Metal cluster compounds are common among the ear¬ 
lier 4 d-5d transition metals. 


• The later 4 d-5d transition metals have sufficiently similar 
chemistry that they are collectively known as the platinum 
metals. 


EXERCISES 


21.1 Write balanced equations for (a) the reaction 
between the dicyanoargentate ion and zinc metal; (b) the 
reaction between gold and dichlorine. 


21.3 Discuss briefly how the stability of the oxidation 
states of the 4d-5d transition metals changes along the row, 
using the fluorides as examples. 


21.2 Write balanced equations for (a) the heating of 
osmium in oxygen; (b) the reaction of zirconium(IV) chloride 
with magnesium. 


21.4 Discuss briefly how the stability of the oxidation 
states of the 4 d-5d transition metals differ from those of the 
3d transition metals, using the fluorides as examples. 
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21.5 Identify a use for (a) molybdenum(IV) sulfide and 
(b) silver nitrate. 

21.6 Identify a use for (a) osmium(VIII) oxide and 
(b) zirconium(IV) oxide. 

21.7 What evidence do you have that osmium(VIII) oxide 
is a covalent compound? Suggest why this is to be expected. 

21.8 Identify the elements that are called the coinage 
metals. 

21.9 Identify the elements that are called the noble metals. 

21.10 Suggest why silver bromide and iodide are colored 
even though both silver and halide ions are colorless. 

21.11 Suggest two possible reasons why the highest- 
oxidation-state fluoride of manganese is MnF 4 , while that 
of technetium is TcF 6 and of rhenium is ReF 7 . 

21.12 What is the common coordination number of the 
silver(I) ion? What other ion in this group has the same 
coordination number? 

BEYOND THE BASICS 

21.19 Calculate the equilibrium constant (stability constant) 
for the complexation of gold(I) ion with cyanide ion, given 

Au + (aq) + e“ -^Au(s) E e = +1.68 V 

[Ag(CN) 2 ]“H) + e~ ^Au(^) + 2 CN“(a<?) 

E e = -0.60 V 

21.20 Tungsten forms iodides of empirical formula WI 2 
and WI 3 . What do you suggest is the likely product from 
the reaction of tungsten metal with fluorine gas? Give your 
reasoning. 

21.21 Rhenium forms the unusual compound K 2 [ReH 9 ]. 
What is the oxidation state of rhenium in this compound? 
Is this an expected oxidation state of rhenium? Is the oxi¬ 
dation state expected with hydrogen as a ligand? 

21.22 Contrast the solubilities of the silver halides with 
those of calcium. Suggest an explanation for the difference. 

21.23 On the basis of its chemistry, should silver be regarded 
as a transition metal? Discuss. Which main group element 
does silver most resemble? 

21.24 The 4 d-5d Group 4 ore, alvite, often has the formula 
(Hf,Th,Zr)Si04*xH 2 0. Suggest why thorium would isomor- 
phously substitute for hafnium or zirconium in the mineral 
structure. 

ADDITIONAL RESOURCES 


21.13 What are the common oxidation states of palladium 
and platinum? What are the common stereochemistries of 
these oxidation states? 

21.14 What is meant by (a) a Keggin cluster and (b) a hetero¬ 
poly blue. 

21.15 Explain briefly how a quadruple bond can be 
explained in terms of combinations of atomic orbitals. 

21.16 Platinum(IV) fluoride has a melting point of about 
600°C, while platinum(VI) fluoride has a melting point of 
61°C and a boiling point of 69°C. Comment. 

21.17 The rare nickel(III) oxidation state is found in the 
fluoride NiF 3 ; thus, the existence of PdF 3 was used as an 
illustration of a group trend. Why is this parallel invalid? 

21.18 Suggest reasons why molybdenum is utilized in 
many biological systems. 


21.25 The most common ore of niobium is NaCaNb 2 0 6 F. 
What is the oxidation state of niobium in this compound? 

21.26 The octahedral niobium core also forms an iodide, 
the complex cation of which is shown below. In what way 
does this cluster differ from those described in Section 
21.4? What is the empirical formula of the iodide? 



21.27 Reaction of the [Nb 6 Br 18 ] 4_ ion with azide ion gives 
[Nb 6 Br 12 (N 3 ) 6 ] 4_ . Suggest why only six bromide ions are 
replaced. What is the azide ion acting as? 

21.28 Using a reference source, describe the bonding in 
the tri-rhenium chloride, Re 3 Cl 9 . From this, it is possible to 
synthesize the [Re 3 Cl 12 ] 3 ~ ion. To where do the additional 
chloride ions bond? Why is this expected? 


For answers to odd-numbered questions: www.whfreeman.com/descriptive5e 
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The Group 12 Elements 




22.1 Group Trends 

22.2 Zinc and Cadmium 

22.3 Mercury 

22.4 Biological Aspects 
Mercury Amalgam in Teeth 

22.5 Element Reaction Flowchart 


The Group 12 elements, although at the end of the transition metal series, 
behave like main group metals. Zinc is the most commonly encountered 
member of the group, both chemically and biochemically. 


M ercury, the metal that flows like water, has been a source of 
fascination for millennia. Accounts of the metal are found in 
ancient Chinese and Indian writings, and Egyptian specimens date to 
about 1500 b.c. From 200 b.c., a mine in Spain supplied mercury (as 
mercury(II) sulfide) to the Roman Empire. One of the most feared 
punishments for Roman convicts was a sentence to the mercury mine, 
for working in this mercury-vapor-rich atmosphere almost guaranteed 
an agonizing death within months. The same mine continues in pro¬ 
duction to the present day. Not until 1665 was it made illegal to work 
in the mine more than eight days a month and more than six hours a 
day—although this concern for workers’ health was more related to 
production efficiency than to the welfare of the workers themselves. 

Medieval alchemists used mercury in their attempts to turn com¬ 
mon metals into gold. However, the surge in demand for mercury came 
when, in about 1570, it was realized that mercury could be used to ex¬ 
tract silver from silver-containing ores. The solution of silver in mercury 
was separated from the solid residue and then heated strongly—the 
mercury vaporized and dissipated into the atmosphere. This process 
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was obviously dangerous for the workers, and we are still living with the 
resulting mercury pollution 300 years later. It has been estimated that in the 
Americas alone, about 250 000 tonnes of mercury have been released into 
the environment by precious metal extraction, and the fate of most of this 
mercury is unknown. Even today, this primitive and environmentally dangerous 
method is being used, this time to extract gold from gold deposits in the 
Amazon basin. 


22.1 Group Trends 


This group of silvery metals superficially appears to belong to the transition 
metals, but in fact the chemistry of these elements is distinctly different. For 
example, the melting points of zinc and cadmium are 419°C and 321°C, respec¬ 
tively, much lower than the typical values of the transition metals, which are 
close to 1000°C.The liquid phase of mercury at room temperature can be best 
explained in terms of relativistic electron effects—namely, that the contraction 
of the outer orbitals makes the element behave more like a “noble liquid.” 

The Group 12 elements have filled d orbitals in all their compounds, so they 
are better considered as main group metals. Consistent with this assignment, 
most of the compounds of the Group 12 metals are white, except when the 
anion is colored. Zinc and cadmium are very similar in their chemical behav¬ 
ior, having an oxidation number of +2 in all their simple compounds. Mercury 
exhibits oxidation numbers of +1 and +2, although the Hg + ion itself does 
not exist; instead, an Hg 2 2+ ion is formed. The only real similarity between the 
Group 12 elements and the transition metals is complex formation, particularly 
with ligands such as ammonia, cyanide ions, and halide ions. All of the metals, 
but especially mercury, tend to form covalent rather than ionic compounds. 

As we discussed in Chapter 9, Section 9.5, there are strong similarities in 
behavior between the chemistry of magnesium and that of zinc (the n and 
n + 10 relationship). Also, we mentioned in Chapter 9, Section 9.8, that there 
is a “knight’s move” link between Zn(II) and Sn(II) and between Cd(II) and 
Pb(II). 

22.2 Zinc and Cadmium 


These two soft metals are chemically reactive. For example, zinc reacts with 
dilute acids to give the zinc ion: 

Zn(s) + 2U + (aq)^Zn 2+ (aq) + H z (g) 

The metal also burns when heated gently in chlorine gas: 

Zn(s) + Cl 2 (g) —> ZnCl 2 (g) 

Extraction of Zinc 

The principal source of zinc is zinc sulfide, ZnS, the mineral sphalerite (or 
zinc blende), the prototypical structure for tetrahedral ionic lattice structures 
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(see Chapter 5, Section 5.4). Sphalerite occurs in Australia, Canada, and the 
United States. 

The first step in the extraction of zinc is roasting the zinc sulfide in air at 
about 800°C, converting it to the oxide: 

2 ZnS(s) + 3 O 2 (g) 2 ZnO (s) + 2 SO 2 (g) 

It is then possible to use coke to reduce the metal oxide to the metal: 

ZnO(s) + C(s) -*-> Zn(s) + CO(g) 

The hot gaseous zinc metal is rapidly cooled by spraying it with molten lead. The 
two metals are then easily separated, because the liquid metals are immiscible. 
The zinc (density 7 g*cm“ 3 ) floats on the lead (density 11 g*cm“ 3 ), and the lead is 
recycled. 

Zinc is mainly used as an anticorrosion coating for iron. This process is 
called galvanizing, a term that recognizes the electrochemical nature of the 
process. Actually, the metal is not quite as reactive as one would expect. This 
results from the formation of a protective layer in damp air. Initially this is the 
oxide, but over a period of time the basic carbonate, Zn 2 (0H) 2 C0 3 , is formed. 
The advantage of zinc plating is that the zinc will be oxidized in preference to 
the iron, even when some of the iron is exposed. This is a result of the more 
negative reduction potential of the zinc than of the iron, the zinc acting as a 
sacrificial anode: 

Zn(s)—>Zn 2+ (aq) + 2 e~ E e = + 0.76 V 

F Q 2+ (aq) + 2 e“ e(s) E e = -0.44 V 


Zinc Salts 

Most zinc salts are soluble in water, and these solutions contain the colorless 
hexaaquazinc(II) ion, [Zn(OH 2 ) 6 ] 2+ . The solid salts are often hydrated; for 
example, the nitrate is a hexahydrate and the sulfate, a hep tahy dr ate, just like 
those of magnesium and cobalt(II). The structure of the sulfate heptahydrate 
is [Zn(0H 2 ) 6 ] 2+ [S0 4 -H 2 0] 2_ . 

The zinc ion has a d 10 electron configuration, so there is no crystal field 
stabilization energy. Hence, it is often the anion size and charge that determine 
whether the zinc ion adopts octahedral or tetrahedral stereochemistry. Solu¬ 
tions of zinc salts are acidic as the result of a multistep hydrolysis similar to 
that of aluminum or iron(III): 

[ Zn(OH 2 ) 6 ] 2+ (aq) — H 3 0 + (« ? ) + [Zn(OH)(OH 2 ) 3 ] + (a$) + H 2 0(Q 


Addition of hydroxide ion causes precipitation of white, gelatinous zinc hydroxide, 
Zn(OH) 2 : 

Zn 2+ (aq) + 2 OH ~{aq) -> Zn(OH) 2 (s) 

With excess hydroxide ion, the soluble tetrahydroxozincate(II) ion, [Zn(OH) 4 ] 2 “, 
is formed: 



Zn(OH) 2 (» + 2 0H ~(aq) -h> [Zn(OH) 4 ] 2 ~(a$) 
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The precipitate will also react with ammonia to give a solution of the 
tetraamminezinc(II) ion, [Zn(NH 3 ) 4 ] 2+ : 

Zn(OH) 2 (.s) + 4NH 3 (aq) -> [Zn(NH 3 ) 4 ] 2+ (ag) + 2 OH~(aq) 

The most commonly used zinc compound is zinc chloride. It is obtainable 
as the dihydrate Zn(OH 2 ) 2 Cl 2 and as sticks of the anhydrous zinc chloride. The 
latter is very deliquescent and extremely soluble in water. It is also soluble in 
organic solvents such as ethanol and acetone, and this property indicates the 
covalent nature of its bonding. 

Zinc chloride is used as a flux in soldering and as a timber preservative. 
Both uses depend on the ability of the compound to function as a Lewis acid. 
In soldering, the oxide film on the surfaces to be joined must be removed; 
otherwise, the solder will not bond to these surfaces. Above 275°C, the zinc 
chloride melts and removes the oxide film by forming covalently bonded com¬ 
plexes with the oxide ions. The solder can then adhere to the molecular-clean 
metal surface. When it is applied to timber, zinc chloride forms covalent bonds 
with the oxygen atoms in the cellulose molecules. As a result, the timber is 
coated with a layer of zinc chloride, a substance toxic to living organisms. 

Zinc Oxide 

Zinc oxide can be obtained by burning the metal in air or by the thermal 
decomposition of the carbonate: 

2 Zn(s) + 02 (g) 2 ZnO(s) 

ZnC0 3 (s) —^ ZnO(,s) + C0 2 (g) 

In the zinc oxide crystal, each zinc ion is surrounded tetrahedrally by four 
oxygen ions, and each oxygen ion is likewise surrounded by four zinc ions. Unlike 
other white metal oxides, zinc oxide develops a yellow color when heated. The 
reversible change in color that depends on temperature is known as thermochro- 
mism. In this case, the color change results from the loss of some oxygen from the 
lattice, leaving it with an excess negative charge. The excess negative charge (elec¬ 
trons) can be moved through the lattice by applying a potential difference; thus, 
this oxide is a semiconductor. Zinc oxide returns to its former color when cooled, 
because the oxygen that was lost during heating returns to the crystal lattice. 

Zinc oxide is the most important compound of zinc. It is used as a white 
pigment, as a filler in rubber, and as a component in various glazes, enamels, 
and antiseptic ointments. In combination with chromium(III) oxide, it is used 
as a catalyst in the manufacture of methanol from synthesis gas. 

Cadmium Sulfide 

The only commercially important compound of cadmium is cadmium sulfide, 
CdS. Whereas zinc sulfide has the typical white color of Group 12 compounds, 
^ cadmium sulfide is an intense yellow. As a result, the compound is used as a 
pigment. Cadmium sulfide is prepared in the laboratory and industry by the 
same route, the addition of sulfide ion to cadmium ion: 

Cd 2+ (aq) + S 2 ~(aq) -^CdS(s) 
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Even though cadmium compounds are highly toxic, cadmium sulfide is so 
insoluble that it presents little hazard. 

The NiCad Battery 

The most significant use of cadmium is in the rechargeable NiCad battery. In 
the discharge cycle, cadmium is oxidized to cadmium hydroxide, while nickel is 
reduced from the unusual oxidation state of +3 in nickel(III) oxide hydroxide, 
NiO(OH), to the more normal +2 state, as nickel(II) hydroxide. The electro¬ 
lyte is hydroxide ion: 

Cd(s) + 2 0H"(fl^)->Cd(0H) 2 (j) + 2e“ 

2 NiO(OH)(s) + 2 H 2 0(/) + 2 e~ ->2 Ni(OH) 2 (s) + 2 OH ~{aq) 

In the charging process, the reverse reactions occur. There are two major rea¬ 
sons for using a basic reaction medium: the nickel(III) state is only stable in 
base, and the insolubility of the hydroxides means that the metal ions will not 
migrate far from the metal surface, thus allowing the reverse reactions to hap¬ 
pen readily at the same site. The major problem with this battery is its disposal; 
with toxic cadmium, it is important that such cells be returned for recycling. 

22.3 Mercury 

With the weakest metallic bonding of all, mercury is the only liquid metal at 
20°C. Mercury’s weak bond also results in a high vapor pressure at room tem¬ 
perature. Because the toxic metal vapor can be absorbed through the lungs, 
spilled mercury globules from broken mercury thermometers are a major 
hazard in the traditional chemistry laboratory. Mercury is a very dense liquid 
(13.5 g-cm 3 ). It freezes at -39°C and boils at 357°C. 

Extraction of Mercury 

The only mercury ore is mercury(II) sulfide, HgS, the mineral cinnabar, al¬ 
though mercury is occasionally found as the free liquid metal. The deposits of 
mercury(II) sulfide in Spain and Italy account for about three-quarters of the 
world’s supply of the metal. Many mercury ores contain considerably less than 
1 percent of the sulfide, which accounts for the high price of the metal. Mercury 
is readily extracted from the sulfide ore by heating it in air. Mercury vapor is 
evolved and is then condensed to the liquid metal: 

HgS(s) + 0 2 (g) Hg(0 + S0 2 (g) 

Mercury is used in thermometers, barometers, electrical switches, and mer¬ 
cury arc lights. Solutions of other metals in mercury are called amalgams. So¬ 
dium amalgam and zinc amalgam are used as laboratory reducing agents, and 
the most common amalgam of all, dental amalgam (which contains mercury 
mixed with one or more of the metals silver, tin, and copper), is used for fill¬ 
ing cavities in back teeth. It is suitable for this purpose for several reasons. It 
expands slightly as the amalgam forms, thereby anchoring the filling to the 
surrounding material. It does not fracture easily under the extreme localized 
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pressures exerted by our grinding teeth. And it has a low coefficient of thermal 
expansion; thus, contact with hot substances will not cause it to expand and 
crack the surrounding tooth. In terms of total consumption, the major uses 
of mercury compounds are in agriculture and in horticulture; for example, 
organomercury compounds are used as fungicides and as timber preservatives. 

Mercury(ll) Compounds 

Virtually all mercury(II) compounds utilize covalent bonding. Mercury(II) nitrate 
is one of the few compounds believed to contain the Hg 2+ ion. It is also one of 
the few water-soluble mercury compounds. 

Mercury(II) chloride can be formed by bubbling chlorine gas through 
mercury: 

Hg(/) + Cl 2 (g) —»HgCl 2 (s) 

This compound dissolves in warm water, but the nonelectrically conducting 
behavior of the solution shows that it is present as HgCl 2 molecules, not as ions. 
Mercury(II) chloride solution is readily reduced to white insoluble mercury(I) 
chloride and then to black mercury metal by the addition of tin(II) chloride 
solution. This is a convenient test for the mercury(II) ion: 

2 HgCl 2 (ag) + SnCl 2 (ag) —> SnCl 4 (aq) + Hg 2 Cl 2 (s) 

Hg 2 Cl 2 (s) + SnCl 2 (ag) —> SnC\ 4 (aq) + 2 Hg(/) 

Mercury(II) oxide is thermally unstable and decomposes into mercury and 
dioxygen when heated strongly: 

2 HgO(s) 2Hg(/) + 0 2 (g) 

This decomposition is a visually interesting demonstration because mercury(II) 
oxide, a red powder, “disappears” as silvery globules of metallic mercury form 
on the cooler parts of the container. However, the reaction is very hazardous 
because a significant portion of the mercury metal escapes as vapor into the 
laboratory. The experiment is of historical interest, for it was the method used 
by Joseph Priestley to obtain the first sample of pure oxygen gas. 

Mercury(l) Compounds 

A unique feature of mercury chemistry is its ability to form the [Hg—Hg] 2+ 
ion, in which the two mercury ions are united by a single covalent bond. In fact, 
there are no known compounds containing the simple mercury(I) ion. 

Although mercury(I) chloride, Hg 2 Cl 2 , and mercury(I) nitrate, Hg 2 (N0 3 ) 2 , 
exist, compounds with other common anions, such as sulfide, have never been 
synthesized. To understand the reason for this, we must look at the dispropor¬ 
tionation equilibrium, 

Hg 2 2+ {aq) ^ Hg(/) + Hg 2+ {aq) 

which has an equilibrium constant, K dis , of about 6 X KT 3 at 25°C. The low value 
for the equilibrium constant implies that, under normal conditions, there is 
little tendency for the mercury(I) ion to disproportionate into the mercury(II) 
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ion and mercury. However, anions such as sulfide form highly insoluble com¬ 
pounds with mercury(II) ion: 

Ug 2+ (aq) + S 2 ~(aq) —>HgS(s) 

This precipitation “drives” the disproportionation equilibrium to the right. As 
a result, the overall reaction of mercury(I) ion with sulfide ion becomes: 

Hg 2 2+ (fi<?) + S 2- (ag) —»Hg(/) + HgS(s) 

For very compact power needs, such as hearing aids, mercury batteries are 
often used. In this cell, zinc is the anode and mercury(II) oxide (mixed with 
conducting graphite) is the cathode. The zinc is oxidized to zinc hydroxide 
while the mercury(II) oxide is reduced to mercury metal: 

Zn (s) + 2 OU~(aq) -»Zn(OH) 2 (s) + 2 e~ 

HgO(j) + H 2 0(/) + 2 e~ —> Hg(/) + 2 OH ~{aq) 

Because the electrolyte (hydroxide ion) concentration remains constant, there 
is a steady cell potential. 

Mercury(IV) Fluoride 

In Chapter 3, we discussed transient species, including molecules that can only 
be synthesized at very low temperatures and that decompose on warming. One 
such compound is mercury(IV) fluoride, HgF 4 . The synthesis of small amounts 
of this compound at a temperature of 4 K has been claimed. If this preparation 
is confirmed, mercury in this particular compound is behaving as a transition 
metal with an incomplete set of d electrons, specifically [Xe]5 d s , isoelectronic 
with iridium(I), platinum(II), and gold(III). Nevertheless, the existence of such 
a compound under extreme conditions does not require the shifting of the tran¬ 
sition metal boundary. For all mercury chemistry under realistic conditions, the 
element still behaves as a main group metal. 


22.4 Biological Aspects 


This group contains one essential element (zinc) and two very toxic elements. 


The Essentiality of Zinc 

Among trace essential elements, zinc is second only to iron in importance. 
Around the world, a lack of zinc is the most common soil deficiency. Beans, 
citrus fruit, coffee, and rice are the crops most susceptible to zinc deficiency. 

Zinc is an essential element for animals. Over 200 zinc enzymes have been 
identified in living organisms and their roles determined. Zinc enzymes that 
perform almost every possible type of enzyme function are known, but the most 
common function is hydrolysis; for example, the zinc-containing hydrolases 
are enzymes that catalyze the hydrolysis of P—O—P, P—O—C, and C—O—C 
bonds. With such a dependence on zinc enzymes, it is understandable that zinc 
is one of the most crucial elements in our diet. Yet it has been estimated that 
up to one-third of people in the Western world suffer from zinc deficiency. Such 
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deficiencies are not life threatening, but they do contribute to fatigue, lethargy, 
and related symptoms (and possibly to diminished disease resistance). 

The question arises as to what makes zinc such a useful ion, considering 
that it cannot serve a redox function. There are several reasons: 

1. Zinc is widely available in the environment. 

2. The zinc ion is a strong Lewis acid, and zinc functions as a Lewis acid in 
enzymes. 

3. Zinc, unlike many other metals, prefers tetrahedral geometries, a key fea¬ 
ture of the metal site in most zinc enzymes. Five- and six-coordinate geom¬ 
etries are also available, making transition states involving these coordination 
numbers possible. 

4. The zinc ion has a d 10 electron configuration, so there is no crystal field sta¬ 
bilization energy associated with exact geometries as there are with the transi¬ 
tion metals. Hence, the environment around the zinc can be distorted from the 
exact tetrahedral to allow for the precise bond angles needed for its function 
without an energy penalty. 

5. The zinc ion is completely resistant to redox changes at biological potentials; 
thus, its role cannot be affected by changing redox potentials in the organism. 

6. The zinc ion undergoes extremely rapid ligand exchange, facilitating its 
role in enzymes. 

The Toxicity of Cadmium 

Cadmium is a toxic element that is present in our foodstuffs and is normally 
ingested at levels that are close to the maximum safe level. The kidney is the 
organ most susceptible to cadmium; about 200 ppm causes severe damage. Cig¬ 
arette smokers absorb significant levels of cadmium from tobacco smoke. 

Exposure to cadmium from industrial sources is a major concern. In partic¬ 
ular, the nickel-cadmium battery is becoming a major waste disposal problem. 
Many battery companies now accept return of defunct NiCad batteries so that 
the cadmium metal can be safely recycled. Cadmium poisonings in Japan have 
resulted from cadmium-contaminated water produced by mining operations. 
The ensuing painful bone degenerative disease has been called itai-itai. 

The Many Hazards of Mercury 

As mentioned earlier, mercury is hazardous because of its relatively high 
vapor pressure. The mercury vapor is absorbed in the lungs, dissolves in the 
blood, and is then carried to the brain, where irreversible damage to the cen¬ 
tral nervous system results. The metal is also slightly water-soluble, again a 
result of its very weak metallic bonding. The escape of mercury metal from 
leaking chlor-alkali electrolysis plants into nearby rivers has led to major pol¬ 
lution problems in North America. 

Inorganic compounds of mercury are usually less of a problem because they 
are not very soluble. A note of historical interest: At one time, mercury ion solu¬ 
tions were used in the treatment of animal furs for hat manufacture. Workers in 
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the industry were prone to mercury poisoning, and the symptoms of the disease 
were the model for the Mad Hatter in the book Alice in Wonderland. 

The organomercury compounds pose the greatest danger. These compounds, 
such as the methylmercury cation, HgCH 3 + , are readily absorbed and are re¬ 
tained by the body much more strongly than the simple mercury compounds. 
The symptoms of methylmercury poisoning were first established in Japan, 
where a chemical plant had been pumping mercury wastes into Minamata Bay, 
a rich fishing area. Inorganic mercury compounds were converted by bacteria 
in the marine environment to organomercury compounds. These compounds, 
particularly CH 3 HgSCH 3 , were absorbed by the fatty tissues of fish, and the 
mercury-laden fish were consumed by the unsuspecting local inhabitants. The 
unique symptoms of this horrible poisoning have been named Minamata dis¬ 
ease. Another major hazard is the organomercury fungicides. In one particu¬ 
larly tragic case, farm families in Iraq were sent mercury-fungicide-treated 
grain, some of which they used for bread making instead of planting, being 
unaware of the toxicity. As a result, 450 people died, and over 6500 became ill. 


Mercury Amalgam in Teeth 


^ 4, sm * 

* 5* B> 1* 
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M any of us have mercury in our mouths in the form of 
dental fillings. The fillings consist of an amalgam—a 
homogeneous mixture of a liquid metal (mercury) and 
a number of solid metals. Typically, the dental amalgam 
has compositions in the following range: mercury (50-55 
percent), silver (23-35 percent), tin (1-15 percent), zinc 
(1-20 percent), and copper (5-20 percent). The soft mix¬ 
ture is placed in the excavated tooth cavity while it is still 
a suspension of particles of the solid metals in mercury. In 
the cavity, the mercury atoms infiltrate the metal struc¬ 
ture to give a solid amalgam (the equivalent of an alloy). 
As reaction occurs, there is a slight expansion that holds 
the filling in place. 

Mercury is a very toxic element. However, its amal¬ 
gamation with solid metals decreases its vapor pressure, 
so it does not present the same degree of hazard as pure 
liquid mercury. It is the verdict of the American Dental 
Association that mercury fillings are quite safe, but some 
argue that even at very low levels, the mercury released 
from fillings is dangerous. It is hard to quantify the degree 
of hazard. There have been claims of people having their 
mercury fillings removed and rapidly recovering from a 
chronic disease. Such sudden recoveries are unlikely to 
be related to the removal of the mercury, since it would 
take a long while for the mercury to be excreted from the 
body. In fact, the process of removal of mercury fillings 
will result in a short-term increase in mercury exposure. 


The real problem is that we currently have no sub¬ 
stitute that has the low thermal expansion and the high 
strength of the amalgam. Researchers are trying to 
synthesize a material that will chemically bond to the 
tooth surface and be strong enough to withstand the 
immense pressures that we place on our back (grind¬ 
ing) teeth. A significant portion of mercury pollution 
comes from dentists’ offices. For a dentist still using 
mercury amalgam for fillings of back teeth, over one- 
half a kilogram of mercury waste is produced per year, 
most of which is flushed down the drain into the sewer 
system. Depending on location, sewage sludge can 
be incinerated, spread on farmland, or dumped. Par¬ 
ticularly through incineration, the mercury can escape 
into the environment. To prevent this, in some juris¬ 
dictions, laws require dentists to install separators on 
their wastewater lines. The mercury waste can then be 
collected periodically from the trap and sent back to a 
mercury recycling center. 

As cremation becomes more common, particularly 
in heavily populated countries, we have to recognize the 
potential for mercury pollution from this source. During 
the incineration of the bodies, the mercury amalgam de¬ 
composes, releasing mercury vapor into the atmosphere. 
Thus, environmental controls of crematoria emissions 
are a new concern. 
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21.5 Element Reaction Flowchart 


The only flowchart shown is that for zinc. Notice the similarities with the flow¬ 
chart for copper (see Chapter 20, Section 20.10). 


Zn <====► Zn(OH 2 ) 6 2+ Zn(OH) 2 <==> Zn(OH) 4 2- 

nh 3 Nh + 

ZnO 

Zn(NH 3 ) 4 2+ “ 

ZnC0 3 


KEY IDEAS 

• Zinc and cadmium are similar in their chemistry, whereas 
that of mercury is very different. 

• All zinc compounds exist in the +2 oxidation state. 


• Mercury occurs in both the +2 and +1 (Hg 2 2+ ) oxidation 
states. 

• Zinc is an essential element, whereas cadmium and mer¬ 
cury are both highly toxic. 


EXERCISES 

22.1 Write balanced chemical equations for the following 
chemical reactions: 

(a) zinc metal with liquid bromine 

(b) the effect of heat on solid zinc carbonate 

22.2 Write balanced chemical equations for the following 
chemical reactions: 

(a) aqueous zinc ion with ammonia solution 

(b) heating mercury(II) sulfide in air 

22.3 Suggest a two-step reaction sequence to prepare 
zinc carbonate from zinc metal. 

22.4 Explain briefly the reasons for considering the 
Group 12 elements separately from the transition metals. 

22.5 Compare and contrast the properties of (a) zinc and 
magnesium; (b) zinc and aluminum. 

22.6 Normally, metals in the same group have fairly simi¬ 
lar chemical properties. Contrast and compare the chemis¬ 
try of zinc and mercury by this criterion. 


22.7 Write the two half-equations for the charging pro¬ 
cess of the NiCad battery. 

22.8 Cadmium sulfide adopts the zinc sulfide (wurtzite 
and zinc blende) structure, but cadmium oxide adopts the 
sodium chloride structure. Suggest an explanation for the 
difference. 

22.9 Cadmium-coated paper clips were once common. 
Suggest why they were used and why their use was 
discontinued. 

22.10 Compare and contrast the chemistry of calcium 
(Group 2) and cadmium (Group 12). 

22.11 Write balanced chemical equations correspond¬ 
ing to each transformation in the element reaction 
flowchart of zinc (above). 
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BEYOND THE BASICS 

22.12 Both cadmium ion, Cd 2+ , and sulfide ion, S 2_ , are 
colorless. Suggest an explanation for the color of cadmium 
sulfide. 

22.13 Mercury(I) selenide is unknown. Suggest an expla¬ 
nation. 

22.14 Mercury(II) iodide is insoluble in water. However, 
it will dissolve in a solution of potassium iodide to give a 
dinegative anionic species. Suggest a formula for this ion. 

22.15 In the industrial extraction of zinc, molten lead is 
used to cool the zinc vapor until it liquefies. The molten 
zinc and molten lead do not mix; thus, they can be easily 
separated. Suggest why the two metals do not mix to any 
significant extent. 

22.16 You are an artist and you wish to make your “cadmium 
yellow” paint paler. Why is it not a good idea to mix in some 
“white lead,” Pb 3 (C 0 3 ) 2 ( 0 H) 2 , to accomplish this? 

22.17 When mercury(II) forms a complex with dimethyl- 
sulfoxide, (CH 3 ) 2 SO, is the ligating atom likely to be the 
oxygen or the sulfur? Explain your reasoning. 

22.18 The only common ore of mercury is mercury(II) 
sulfide, whereas zinc is found as a sulfide and a carbonate. 
Suggest an explanation. 

22.19 The acid-base chemistry of liquid ammonia often 
parallels that of aqueous solutions. On this basis, write a 
balanced equation for 

(a) the reaction of zinc amide, Zn(NH 2 ) 2 , with am¬ 
monium ion in liquid ammonia 

(b) the reaction of zinc amide with amide ion, 
NH 2 “, in liquid ammonia 

22.20 A compound (A) of a dipositive metal ion is dis¬ 
solved in water to give a colorless solution. Hydroxide ion 
is added to the solution. A gelatinous white precipitate 

(B) initially forms, but in excess hydroxide ion, the precipi¬ 
tate redissolves to give a colorless solution of complex ion 

(C) . Addition of concentrated ammonia solution to the pre¬ 
cipitate (B) gives a colorless solution of complex ion (D). 


Addition of sulfide ion to a solution of compound (A) gives 
a highly insoluble white precipitate (E). Addition of silver 
ion to a solution of compound (A) results in a yellow pre¬ 
cipitate (F). Addition of aqueous bromine to a solution of 
(A) gives a black solid (G), which can be extracted into an 
organic solvent and gives a purple solution. The solid (G) 
reacts with thiosulfate ion to give a colorless solution con¬ 
taining ions (H) and (I), the latter being an oxyanion. 

Identify (A) to (I) and write balanced equations for 
each reaction. 

22.21 Which would you expect to have a higher melting 
point, zinc oxide or zinc chloride? Explain your reasoning. 

22.22 For the reaction 

Hg(/) + \ 0 2 (g) —> HgO(s) 

the value of the free energy change, AG, reverses its sign 
from negative to positive above about 400°C. Explain why 
this happens. 

22.23 When hydrogen sulfide is bubbled into a neutral so¬ 
lution of zinc ion, zinc sulfide precipitates. However, if the 
solution is first acidified, no precipitate forms. Suggest an 
explanation. 

22.24 The following are four different forms of mercury, 
each of which poses a different level of health hazard: Hg(/), 
Hg(CH 3 ) 2 (/), HgC\ 2 (aq), HgS^). Which of these forms, on 
ingestion, 

(a) will pass unchanged through the digestive 
tract (for digestion, substances must be water- or fat- 
soluble)? 

(b) will be most easily eliminated through the 
kidneys? 

(c) will be the greatest hazard for absorption 
through the skin? 

(d) will most readily pass from blood into the 
(nonpolar) brain tissue? 

(e) will be absorbed by inhalation through the 
lungs? 


ADDITIONAL RESOURCES 

For answers to odd-numbered questions: www.whfreeman.com/descriptive5e 
For accompanying video clips: www.whfreeman.com/descriptive5e 
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Organometallic Chemistry 


Approximately half the world s research publications in chemistry are currently 
about organometallic compounds. This field, bridging inorganic and organic 
chemistry, will be of continuing importance throughout the twenty-first 
century. Organometallics play a vital role in the economy, with about 10 of the 
world s top 30 chemicals being produced using organometallic catalysts. 


A crucial event in the history of organic chemistry was the acci¬ 
dental discovery that an inorganic compound could be con¬ 
verted into an organic compound. It was the German chemist 
Friedrich Wohler who, in 1828, synthesized the inorganic compound 
ammonium cyanate, (NH 4 )(NCO), and found that it spontaneously 
isomerized to urea, (NH 2 ) 2 CO. Likewise, in the history of organo¬ 
metallic chemistry, it was the discovery that an inorganic compound 
could be converted to an organometallic compound that initiated 
the study of the field. Though we think of organometallic chemistry 
as a relatively new area of research, this synthesis was performed in 
1760. It was in that year the French chemist Louis Claude Cadet de 
Gassicourt mixed potassium ethanoate (acetate) with diarsenic tri¬ 
oxide and obtained “Cadet’s fuming liquid.” This poisonous, oily red 
liquid with a garlic odor we now know to be mainly cacodyl oxide, 
As 2 (CH 3 ) 4 0 (Figure 23.1). The traditional name cacodyl derives 
from the Greek kakodes, for “evil-smelling.” The reaction for the 
production of cacodyl oxide is 

4 CH 3 COOK + As 2 0 3 —> As 2 (CH 3 ) 4 0 + 2 K 2 C0 3 + 2 C0 2 

Table 23.1 lists the key early discoveries in the history of organometal¬ 
lic chemistry together with the location of where each compound is 
first mentioned in this chapter. 


/CK 

As As 

H 3 C ''J i X CH 3 

h 3 c ch 3 

FIGURE 23.1 The structure of 
cacodyl oxide, As2(CH 3 ) 4 0. 
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TABLE 23.1 


Key early discoveries in the history of organometallic chemistry 


Date Discoverer Discovery 


Section 


1760 

Louis Cadet 

Methyl-arsenic compounds 

Introduction 

1820s 

William Zeise 

Platinum-ethene complex 

Section 23.11 

1849 

Edward Frankland 

Diethylzinc 

Section 23.5 

1890 

Ludwig Mond 

Tetracarbonylnickel(O) 

Section 23.8 

1899 

Phillipe Barbier 

Methyl magnesium iodide 

Section 23.5 


23.1 Introduction to Organometallic Compounds 


Organometallic compounds straddle both inorganic and organic chemistry. 
To be a member of this class, the compound must contain at least one direct 
metal-to-carbon covalent bond. The metal can be a transition, main group, or 
/-group metal, and the term “metal” is often stretched to include boron, silicon, 
germanium, arsenic, antimony, selenium, and tellurium. The carbon-containing 
group(s) may be carbonyl, alkyl, alkene, alkyne, aromatic, cyclic, or heterocy¬ 
clic. Unlike inorganic compounds, many organometallic compounds are pyro¬ 
phoric (spontaneously flammable) and thermodynamically unstable. 

However, it is the transition metal organometallic compounds that provide 
us with richness and variety in their structures and bonding types since transi¬ 
tion metals can utilize s, p, and d orbitals in bonding. Each orbital type can either 
donate or accept electron density, and the d orbitals on the metal are particu¬ 
larly well suited to interact with s and p orbitals on the organic species in similar 
ways to thebondingin coordination compounds (see Chapter 19,Sectionl9.10). 
Unlike conventional transition metal complexes, the central metal atom in 
an organometallic compound is often in a very low oxidation state. As a re¬ 
sult of the flexibility in bonding and the ability to transfer electron density, 
transition metal organometallic compounds are of industrial importance as 
catalysts. 

Unlike the other chapters in this text, this chapter does not show chemical 
equations with symbols indicating solid, gas, or liquid phase or solution. This is 
the normal convention in organometallic chemistry, and it should be assumed 
that all reactions are carried out in an organic solvent. 


23.2 Naming Organometallic Compounds 

In addition to the general rules that we use to name simple inorganic com¬ 
pounds or transition metal complexes, a few supplementary rules are used to 
give additional information about the nature of the bonding within the organo¬ 
metallic molecule. First, we need to introduce a selection of the many organic 
species that act as ligands in organometallic chemistry (Table 23.2). 
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TABLE 23.2 


Some common ligands in organometallic chemistry 


Formula 


Name 


Abbreviation 


CO 

Carbonyl 


ch 3 

Methyl 

Me 

ch 3 ch 2 ch 2 ch 2 

ft-Butyl 

"Bu 

(CH 3 ) 3 C 

Tertiary-butyl 

'Bu 

[c 5 h 5 ]- 

Cyclopentadienyl 

Cp 

C 6 H 5 

Phenyl 

Ph 

C 6 H 6 

Benzene 


(C 6 H 5 ) 3 P 

Triphenylphosphine 

PPh 


Tf 

(a) 


The number of carbon atoms within an organic species that 
are directly interacting with the metal is specified by the pre¬ 
fix iq (the Greek letter eta). This is called hapticity, and most 
ligands bond through one atom only, so they are described 
as monohapto. Some ligands, especially those with multiple 
7 T bonds, may bond in more than one way. For example, benzene 
may bond to a metal center through one, two, or three of benzene’s tt bonds. 
Consequently, we can describe benzene as di-, tetra-, or hexahapto and use 
the notation iq 2 , iq 4 , and nq 6 , respectively, depending on if the bonding is across 
two-, four-, or six-ligand atoms (Figure 23.2). Species that can bridge two metal 
centers, such as carbonyl (Figure 23.3), halide, or carbine ligands, are indicated 
by the prefix jx (the Greek letter mu). 

In main group chemistry, covalent s-block compounds are named accord¬ 
ing to the substituent names used in organic chemistry, as in methyllithium, 
Li 4 (CH 3 ) 4 . Similarly, p-block compounds are named as simple organic spe¬ 
cies, such as trimethylboron, B(CH 3 ) 3 . Alternatively, they may be named as 
derivatives of the hydride, for example, trimethylborane. Ionic compounds are 
named as salts, such as sodium naphthalide, Na + [C 10 H 8 ]~. In d- and /-block 
species, the usual rules for naming coordination compounds are followed, 
with the additional use of iq and jx. For example, (nn 5 -C 5 H 5 )Mn(CO) 3 is named 
pentahaptocyclopentadienyltricarbonylmanganese(I). 



(b) (c) 


FIGURE 23.2 The benzene 
molecule bonded to a metal via 
f a ) two carbon atoms, (j b ) four 
carbon atoms, and (c) all six 
carbon atoms. 


O 

C 

/\ 

M—M 




O 

c 


M- 


\ 


-M 


M 

3 




FIGURE 23.3 Carbonyl ligands 
bridging (a) two metal centers and 
(j b ) three metal centers. 


23.3 Counting Electrons 


Formal oxidation numbers (see Chapter 8) of metallic species can be useful in 
keeping track of electrons in both the structures and the reactions of organo¬ 
metallic compounds. For organometallics, the electron count helps in predict¬ 
ing compound stability. 

There are two conventions when it comes to counting electrons and charges 
on some organic ligands. As an example, the cyclopentadienyl ligand can be con¬ 
sidered as an anionic species, C 5 H 5 _ , formed on removal of a proton from C 5 H 6 : 

C 5 H 6 C 5 H 5 “ + H + 
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FIGURE 23.4 (Ti 5 -C 5 H 5 ) 2 Fe, 
ferrocene. 


This is known as the ionic convention. Alternatively, the cyclopentadienyl 
ligand can be regarded as a neutral radical, C 5 H 5 : 

C 5 H 6 C 5 H 5 ’ + H’ 

This is known as the covalent or radical convention. The choice has an effect 
on the formal charge that is assigned to the metal center, an important point 
when considering the relative stabilities of low and high oxidation states. The 
two conventions are shown here for (nn 5 -C 5 H 5 ) 2 Fe, commonly called ferrocene 
(Figure 23.4): 


Ionic convention Covalent or radical convention 


C 5 H 5 

6 e 

c 5 h 5 - 

5 e 

c 5 h 5 

6 e - 

c 5 h 5 - 

5 e“ 

Fe 2+ 

d 6 

Fe 

d 8 

Total electrons 

18 e” 

Total electrons 

18 e“ 


The convention chosen makes no difference in the count of the final number 
of electrons. In fact, both systems are in widespread use, and, provided there 
is consistency, it really does not matter which one is adopted. The approach 
used throughout this chapter will be the ionic convention. Electron counts and 
charges for some common ligands are provided in Table 23.3. 


TABLE 23.3 1 

Details of some common ligands for organometallic compounds 

Ligand 

Formal charge 

Electrons donated 

H 

-1 

2 

F, Cl, Br, I 

-1 

2 

CN 

-1 

2 

p-F, Cl, etc. 

-1 

4 

CO 

0 

2 

p-CO 

0 

2 

pr 3 , px 3 

0 

2 

CH 3 , C 2 H 5 , etc. 

-1 

2 

Pl-CH 3 

-1 

2 

NO 

0 

2 

ti 5 -[c 5 h 5 ]- 

-1 

6 

ri 6 -C 6 H 6 

0 

6 

23.4 Solvents for Organometallic Chemistry 


Synthesis and reactions of transition metal coordination compounds are often 
performed either in aqueous solution or in moderately polar solvents such as 
ethanol and acetone. However, reactions of organometallic compounds are 
very rarely accomplished in an aqueous solution. Because most organometallic 
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TABLE 23.4 


Some typical solvents for organometallic chemistry 


Name 


Formula 


Common name/abbreviation 


Dichloromethane 

2-Propanol 

2-Propanone 

Diethylether 

Oxacyclopentane 


CH 2 C1 2 

CH 3 CH(OH)CH 3 

ch 3 coch 3 

ch 3 ch 2 och 2 ch 3 

(ch 2 ch 2 ) 2 o 


DCM 

Isopropanol 

Acetone 

Ether 

Tetrahydrofuran, THF 


compounds decompose in water, reactions are performed in organic solvents, 
many of which are of low polarity (see Chapter 7, Section 7.1). Some common 
solvents for organometallic chemistry are listed in Table 23.4. In addition to 
reacting with water, many organometallic compounds react with oxygen and 
thus must be prepared under an inert atmosphere, such as nitrogen or argon. 


23.5 Main Group Organometallic Compounds 

Organometallic compounds of the main group elements have many structural 
and chemical similarities to the analogous hydrogen compounds. This is be¬ 
cause the electronegativities of carbon and hydrogen are similar; hence, M—C 
and M—H bonds have similar polarities. 


Organometallic Compounds of the Alkali Metals 

All organometallic compounds of Group 1 elements are labile and pyrophoric. 
Organic species that readily lose protons form ionic compounds with the 
Group 1 metals. For example, cyclopentadiene reacts with sodium metal: 

Na + C 5 H 6 —»Na + [C 5 H 5 ] - + |H 2 

Sodium and potassium form intensely colored compounds with aromatic 
species. The oxidation of the metal results in transfer of an electron to the 
aromatic system, which produces a radical anion. A radical anion is an anion 
that possesses an unpaired electron, for example, the naphthalide anion in the 
deep blue sodium naphthalide: 


Na + 



Na + [C 10 H 8 ]“ 


Colorless sodium and potassium alkyls are solids that are insoluble in or¬ 
ganic solvents and, when stable enough, have fairly high melting temperatures. 
They are produced by transmetallation reactions. Transmetallation is a com¬ 
mon method for the synthesis of main group organometallic compounds. It 
involves the breaking of the metal-carbon bond and the forming of a metal- 
carbon bond to a different metal. Alkylmercury compounds are convenient 
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H 3 C-Li 



FIGURE 23.5 The structure of 
methyl lithium, Li 4 (CH 3 ) 4 . 


starting materials in these reactions; for example, we can synthesize methylsodium 
by reacting sodium metal with dimethylmercury: 

Hg(CH 3 ) 2 + 2Na -> 2NaCH 3 + Hg 

Lithium alkyls and aryls are by far the most important Group 1 organome¬ 
tallic compounds. They are liquids or low-melting-point solids, are more ther¬ 
mally stable than other Group 1 organometallic compounds, and are soluble 
in organic and nonpolar solvents. Synthesis can be accomplished from an alkyl 
halide and lithium metal or by reacting the organic species with n -butyl lithium, 
Li(C 4 H 9 ), commonly abbreviated to "BuLi: 

"BuCl + 2 Li —> "BuLi + LiCl 

"BuLi + C 6 H 6 —> Li(C 6 H 5 ) + C 4 H 10 

A feature of many main group organometallic compounds is the presence 
of bridging alkyl groups. When ethers are the solvent, methyllithium exists as 
Li 4 (CH 3 ) 4 , with a tetrahedron of lithium atoms and bridging methyl groups, 
with each carbon atom essentially six-coordinate (three hydrogens of the 
methyl and three lithiums; Figure 23.5). In hydrocarbon solvents, Li 6 (CH 3 ) 6 
is present, and its structure is based on an octahedral arrangement of lithium 
atoms. Other lithium alkyls adopt similar structures except when the alkyl 
groups become very bulky, as in the case of t-butyl, (CH 3 ) 3 C—, when tetramers 
are the largest species formed. 

Organolithium compounds are very important in organic synthesis. They 
act in a similar way to Grignard reagents (see below) but are much more reac¬ 
tive. Among their many applications, organolithium compounds are used to 
convertp-block halides to organo compounds; for example, n-butyllithium can 
be reacted with boron trichloride to give the organoboron compound: 

BC1 3 + 3 "BuLi^B("Bu) 3 + 3 LiCl 

The driving force for this and many other reactions of organometallic compounds 
is the formation of the halide of the more electropositive metal. This is a common 
feature in organometallic chemistry. 

Lithium alkyls are important industrially in the stereospecific polymeriza¬ 
tion of alkenes to form synthetic rubber. /r-Butyllithium is used as an initiator 
in solution polymerization to produce a wide range of elastomers and poly¬ 
mers. The composition and molecular weight of the polymer can be carefully 
controlled to produce varied products suitable for a wide range of different 
uses, such as footwear, hoses and pipes, adhesives, sealants, and resins. Organo¬ 
lithium compounds are also used in the synthesis of a range of pharmaceuti¬ 
cals, including vitamins A and D, analgesics, antihistamines, antidepressants, 
and anticoagulants. 

Organometallic Compounds of the Alkaline Earth Metals 

The organometallic compounds of calcium, strontium, and barium are gener¬ 
ally ionic and very unstable, whereas those of beryllium and magnesium are 
much more important and will be discussed in detail. 
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Organometallic compounds of beryllium are pyrophoric and readily 
hydrolyzed. They can be prepared by transmetallation from methylmercury. 
The synthesis of methylberyllium by transmetallation is shown here: 

Hg(CH 3 ) 2 + Be-+Be(CH 3 ) 2 + Hg 


Another synthetic route is by halogen exchange or metathesis reactions, in 
which a metal halide reacts with an organometallic compound of a different 
metal. The products are the halide of the second metal and the organo deriva¬ 
tive of the first metal. In this way the halide and organo groups are effectively 
“transferred” between the two metals. Once again, the halide of the more elec¬ 
tropositive metal is formed. Two examples are 


2 "BuLi + BeCl 2 —> Be(TBu) 2 + 2LiCl 
2Na(C 2 H 5 ) + BeCl 2 —> Be(C 2 H 5 ) 2 + 2NaCl 


Methylberyllium, Be(CH 3 ) 2 , is a monomer in the vapor phase 
and polymerizes in the solid (Figure 23.6). There are insufficient 
electrons, so the polymer is held together by 3-center, 2-electron 
bridging bonds. This bond type was described in Chapter 13, 

Section 13.4, in the context of diborane. Bulkier alkyl groups in¬ 
hibit or prevent polymerization; for example, t-butyl beryllium is a monomer 
even in the solid phase. 

Alkyl and aryl magnesium halides are very well known as Grignard reagents 
and are widely used in synthetic organic chemistry. They are prepared from mag¬ 
nesium metal and an organohalide. The reaction is carried out in ether and is 
initiated by a trace of iodine. A general reaction is shown in the following, where 
R is used as a generic symbol for any alkyl group. 


v- ch w ch< 


CH 3 , 

Be""""' '""Be' 

% s 

^CH f 


CH 3 

FIGURE 23.6 The structure 
of methyl beryllium in the solid 
phase. 


Mg + RBr —> RMgBr 


The compounds produced in this way are not pure, often containing other species 
such as R 2 Mg. To synthesize the pure compounds, we employ transmetallation, 
using a mercury compound: 

Mg + RHgBr —» RMgBr + Hg 

The structure of these compounds is not simple. They have a coordination 
number of 2 only in solution and when the alkyl group is bulky. Otherwise, 
they are solvated with a tetrahedral magnesium atom (Figure 23.7). 

Grignard reagents must be produced in an ether solvent, and the reagents 
must be absolutely dry. The reagent is never isolated but used in situ. Virtually 
all alkyl halides will form Grignards. Reactions of Grignards generally fall into 
two types: they either attack a hydrogen attached to an O, N, or S, or they add 
to a compound containing multiple bonds such as C=0, C=S, or N=0. 

Recent research has identified Grignard-type reagents that can be used 
in aqueous solution. These reagents are formed between an alkyl halide and 
tin, zinc, or indium. With tin, the yield is improved if powdered aluminum is 
also added or if the reaction mixture is heated. The zinc reaction needs traces 
of acid as a catalyst and tetrahydrofuran (THF) as an additional solvent. The 


(c 2 H 5 ) 2 o 


K = 0(C 2 H 5 ) 2 

Br 

FIGURE 23.7 A solvated 


molecule of a Grignard reagent, 
RMgBr[0(C 2 H 5 ) 2 ] 2 . 
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Grignard Reagents 


V ictor Grignard, born in Cherbourg, France, in 1871, 
started his academic career in mathematics at the 
University of Lyons (pronounced Lee-on) but later 
switched to chemistry. The reagent was actually dis¬ 
covered by Phillipe Barbier in 1899. Barbier had been 
searching for a metal to replace zinc in reactions used to 
insert a methyl group into organic compounds. The dis¬ 
advantage with zinc was that the zinc compounds caught 
fire on contact with air. Barbier found that magnesium 
was a superior substitute. (Of course, a link between zinc 
and magnesium would be expected on the basis of the ( n ) 
and (n + 10) relationship—see Chapter 9, Section 9.5.) 

Barbier asked his junior colleague, Grignard, to 
study the reaction in more detail. The comprehen¬ 
sive study of the reaction and of its applicability 


to a wide range of syntheses formed the basis of 
Grignard’s doctoral thesis in 1901. Though originally 
called the Barbier-Grignard reaction, Barbier gener¬ 
ously insisted that credit should go to Grignard, even 
though it had been Barbier who first synthesized 
the key species, methyl magnesium iodide. In 1912, 
Grignard was awarded the Nobel Prize in Chemistry. 
It is certainly true that Grignard’s demonstration of 
the many applications of Grignard reactions revolu¬ 
tionized synthetic organic chemistry, but it is unfortu¬ 
nate that Barbier’s pioneering contribution and kind 
gesture toward his young colleague has been for¬ 
gotten. Grignard later succeeded Barbier as senior 
professor at the University of Lyons. 


reaction based on indium, however, requires no catalyst and will proceed under 
very mild conditions in 100 percent water. 


'o, 

—R 

/ 

FIGURE 23.8 A molecule of an 
alkyl borane, BR 3 . 


Organometallic Compounds of the Group 13 Elements 

In Group 13, the organometallic compounds of boron and aluminum are the 
most important, and we will focus mainly on them. 

Organoboranes of the type BR 3 can be prepared by the reaction of an 
alkene with diborane. This is an example of hydroboration and involves insertion 
of the alkenyl group between a boron-hydrogen bond: 

B 2 H 6 + 6 CH 2 =CH 2 2 B(CH 2 CH 3 ) 3 

Alternatively, organoboranes can be produced from a Grignard reagent (where 
X is a halogen): 

(C 2 H 5 ) 2 0:BF 3 + 3 RMgX —» BR 3 + 3 MgXF + (C 2 H 5 ) 2 0 

Alkylboranes are all stable to water but are pyrophoric, whereas the aryl species 
are more stable. They are all monomeric and planar. Like boron trifluoride (see 
Chapter 13, Section 13.5), the organoboron species are electron deficient and 
consequently act as Lewis acids and form adducts easily (Figure 23.8). 

An important anion is the tetraphenylborate ion, [B(C 6 H 5 ) 4 ] _ , more com¬ 
monly written as [BPh 4 ]“, analogous to the tetrahydridoborate ion, [BL[ 4 ] - 
(see Chapter 13, Section 13.4). The sodium salt can be obtained by a simple 
addition reaction: 


BPh 3 + NaPh —» Na + [BPh 4 ] - 

The sodium salt is water-soluble, but the salts of most massive, monopositive 
ions are insoluble. Consequently, the anion is useful as a precipitating agent 
and can be used in gravimetric analysis. 
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Alkyl aluminum compounds can be prepared on a laboratory scale by trans- 
metallation of a mercury compound, such as the dimeric trimethylaluminum: 


4 A1 + 3 Hg(CH 3 ) 2 —> A1 2 (CH 3 ) 6 + 3 Hg 


Trimethylaluminum (Figure 23.9) is synthesized commercially by the reaction 
of aluminum metal with chloromethane to give A1 2 C1 2 (CH 3 ) 4 . This compound 
is then reacted with sodium to give A1 2 (CH 3 ) 6 . These dimers are similar in 
structure to the dimeric halides (see Chapter 13, Section 13.7), but the bond¬ 
ing is different. In the halides, the bridging A1—Cl—A1 bonds are two-center, 
two-electron bonds; that is, each A1—Cl bond involves an electron pair. In the 
alkyls, the A1—C—A1 bonds are longer than the terminal A1—C bonds, sug¬ 
gesting that they are 3-center, 2-electron bonds with one bonding pair shared 
across the A1—C—Al, somewhat analogous to the bonding in diborane, B 2 H 6 
(see Chapter 13, Section 13.4). 

Triethylaluminum and higher alkyl compounds are prepared from the metal, 
an appropriate alkene, and hydrogen gas at elevated temperatures and pressures: 

2A1 + 3H 2 + 6CH 2 =CH 2 6°°-iio°C io- 20 Mp a> A i 2 ( C h 2 cH 3 ) 6 


/ C \ J ,#“3 
"Al AT 

CH f \h 3 Xh 3 

FIGURE 23.9 Representation of 
trimethylaluminum, AI 2 Me 6 . 


This cost-effective route has resulted in aluminum alkyls finding many commer¬ 
cial applications. In particular, triethylaluminum, often written as the monomer, 
A1(QH5) 3 , is of major industrial importance, as we will see in Section 23.18. 

Steric factors have a powerful effect on the structures of aluminum alkyls. 
While dimers are favored, the long, weak, bridging bonds are easily broken, 
and this tendency increases with the bulkiness of the ligand. So, for example, 
triphenylaluminum is a dimer, but the mesityl, 2,4,6-(CH 3 ) 3 C 6 H 2 —, compound 
is a monomer. 


Organometallic Compounds of the Group 14 Elements 

Some Group 14 organometallic compounds are of great commercial impor¬ 
tance. Silicon forms the widely used silicones (see Chapter 14, Section 14.17), 
which can be oils, gels, or rubbers depending on the organic function. Organotin 
compounds are used to stabilize PVC (polyvinyl chloride) and as antifouling 
agents on ships, as wood preservatives and pesticides. Tetraethyllead has been 
widely used as an antiknock agent in leaded fuels (see Chapter 14, Section 
14.21). Generally, organometallic compounds of these elements are tetravalent 
and have low-polarity bonds. Their stability decreases from silicon to lead. 

All tetraalkyl and tetraaryl silicon compounds are monomeric with a tetra¬ 
hedral silicon center, resembling the carbon analogs. The carbon-silicon bond 
is strong, so all the compounds are fairly stable. They can be prepared in a 
variety of ways, such as 

SiCl 4 + 4 RLi —» SiR 4 + 4LiCl 

SiCl 4 + RLi —> RSiCl 3 + LiCl 

The Rochow process provides industry with a cost-effective route to methylchlo- 
rosilane, an important starting material: 

n MeCl + Si/Cu —> Me„SiCl( 4 _„) 
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These methylchlorosilanes, Me„SiCl( 4 _„), where n = 1 -3, can be hydrolyzed to 
form silicones and siloxanes: 

(CH 3 ) 3 SiCl + H 2 0 —»(CH 3 ) 3 SiOH + HC1 

2 (CH 3 ) 3 SiOH —> (CH 3 ) 3 SiOSi(CH 3 ) 3 + H 2 0 

The reaction yields oligomers that contain the tetrahedral silicon group and 
oxygen atoms with Si—O—Si bridges. Dimers can condense to form chains or 
rings (Figure 23.10). The hydrolysis of MeSiCl 3 produces a cross-linked polymer. 


FIGURE 23.10 Structures of 
some silicones: (a) a dimer, 

(5) a chain, and (c) a ring structure. 
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FIGURE 23.11 A tetraalkyl tin 
molecule. 


CH 3 h 3 c 


Sn 
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ch 3 


H3C 'CHj 

FIGURE 23.12 The zigzag 
backbone in (CH 3 ) 3 SnF. 


Silicone polymers have a range of structures and uses, their properties de¬ 
pending on the degree of polymerization and cross-linking. The structures are 
determined by the choice and the mix of reactants and the use of dehydrating 
agents such as sulfuric acid and elevated temperatures. 

Silicone products have many commercial uses. Silicones are responsible 
for the “silky” feel of personal-care products such as shampoos, conditioners, 
shaving foams, hair gels, and toothpastes. In industry, silicone greases, oils, and 
resins are used as sealants, lubricants, varnishes, waterproofing, synthetic rub¬ 
bers, and hydraulic fluids. 

Organotin compounds differ from silicon and germanium compounds in 
several ways. There is a greater occurrence of the +2 oxidation state and a 
greater range of coordination numbers, and halide bridges are often present. 
Most organotin compounds tend to be colorless liquids or solids that are stable 
to air and water. The structures of R 4 Sn compounds are all similar, with a 
tetrahedral tin atom (Figure 23.11). 

The halide derivatives, R 3 SnX, often contain Sn—X—Sn bridges and 
form chain structures. The presence of bulky R groups may affect the 
shape; for example, in (CH 3 ) 3 SnF, the Sn—F—Sn backbone is in a zigzag 
arrangement (Figure 23.12), in Ph 3 SnF the chain has straightened, and 
(Me 3 SiC)Ph 2 SnF is a monomer. The haloalkyls are more reactive than the 
tetraalkyls and are useful in the synthesis of tetraalkyl derivatives. 
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Alkyl tin compounds may be prepared in a variety of ways, including via a 
Grignard reagent and by metathesis: 

SnCl 4 + 4 RMgBr —» SnR 4 + 4MgBrCl 

3 SnCl 4 + 2 A1 2 R 6 —> 3 SnR 4 + 2A1 2 C1 6 

Organotin compounds have the widest range of uses of all main group organo¬ 
metallic compounds, and the worldwide industrial production of organotin 
complexes has probably now passed the 50 000-tonne level. The major use of 
tin organometallic compounds is in the stabilization of PVC plastics. Without 
the additive, halogenated polymers are rapidly degraded by heat, light, or at¬ 
mospheric dioxygen to give discolored, brittle products. 

Organotin(IV) compounds have a wide range of applications relating to 
their biocidal effects. They are used as fungicides, algaecides, wood preserva¬ 
tives, and antifouling agents, but their widespread use has caused environmen¬ 
tal concerns. High levels of organotin compounds have been found in harbor 
regions where boats are treated with organotin compounds to prevent fouling, 
barnacles, etc. There is evidence that high concentrations of organotin com¬ 
pounds kill some species of marine life and affect the growth and reproduction 
of others. Many nations now restrict the use of organotin compounds to vessels 
over 25 m long. 

R 4 Pb compounds can be made in the laboratory via either a Grignard reagent 
or an organolithium compound: 

2 PbCl 2 + 4 RLi —» R 4 Pb + 4LiCl + Pb 

2 PbCl 2 + 4 RMgBr —»R 4 Pb + Pb + 4MgBrCl £H 3 

They are all monomeric molecules with a tetrahedral lead center. 

However, the halide derivatives may contain bridging halide atoms to 
form chains, although monomers are favored with more bulky organic 
substituents. For example, Pb(CH 3 ) 3 Cl (Figure 23.13) exists as a chain 
structure with bridging chloride atoms, whereas the mesityl derivative, 

Pb(Me 3 C 6 H 2 ) 3 Cl, is a monomer. 


"CF 


H 3 C 


'CF 


Pb" 


r 


'Pb" 


ch 3 


'Cl' 


c 

FIGURE 23.13 The chain 
structure of Pb(CH 3 ) 3 CI. 


Organometallic Compounds of the Group 15 Elements 

Organometallic compounds of arsenic(III), antimony (III), and bismuth(III) can 
be prepared by the use of a Grignard or organolithium compound or from the 
element and an organohalide. The three alternatives are shown in the following: 

AsC1 3 + 3 RMgCl —> AsR 3 + 3MgCl 2 

2 As + 3RBr-^> AsRBr 2 + AsR 2 Br 

AsR 2 Br + R'Li —» AsR 2 R' +LiBr 

The compounds are all readily oxidized but stable to water. The aryl compounds 
are more stable than the alkyls. They are all trigonal pyramidal, and the M—C 
bond strength decreases for a given R group in the order As > Sb > Bi. 

In addition to forming single M—C bonds, arsenic, antimony, and bismuth 
form M=C double bonds. Arsenine (commonly called arsabenzene), C 5 H 5 As 
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FIGURE 23.14 The structure of 
arsabenzene. 



FIGURE 23.15 The structure of 
arsenole. 


(Fig. 23.14), is stable up to 200°C; stibabenzene, C 5 H 5 Sb, can be isolated but 
readily polymerizes; and bismabenzene, C 5 H 5 Bi, is very unstable. These com¬ 
pounds exhibit typical aromatic character, although arsabenzene is 1000 times 
more reactive than benzene. A related group of compounds have the Group 15 
atom as part of a five-membered ring, C 4 H 4 M: arsenole (commonly called 
arsole) (Figure 23.15), stibole, and bismuthole. 

MR 5 compounds are usually trigonal bipyramidal, for example, BiMe 5 and 
AsPh 5 (Figure 23.16a). However, SbPh 5 is a square-based pyramid (Figure 23.1 6b). 
All MR 5 compounds are thermally unstable, and the stability decreases down the 
group. 


Ph 

Ph 

_-Ph 

ph -sl" ph 

Ph—As'" 

^^Ph 

Ph 

Pl^ ^Ph 

(a) 

(b) 


FIGURE 23.16 The structures of (a) AsPh 5 and {b) SbPh 5 . 

Organometallic Compounds of the Group 12 elements 

The chemistry of the organometallic compounds of zinc, cadmium, and mercury 
resembles the chemistry of the Group 2 elements much more than that of the 
transition metals. 

The alkyl compounds are linear, monomeric species with two-center, two- 
electron bonds. Unlike the Group 2 analogs, they do not form polymeric chains 
through alkyl bridges. They can be prepared by metathesis with an aluminum 
alkyl. For example, diethylzinc, first synthesized by Edward Frankland in 1849, 
can be obtained as follows: 

CH Cl 

ch 3 // /0t / vX \N\CH 3 OV///,. / \ x x*\CH 3 

ZnCl 2 + ’’A1 AY'' - ► Zn(CH 3 ) 2 + 'Al AY' 

CH 3 ^ \ / ^VCH, CH 3 <^ \ / 

CH 3 Cl 


Alkyl zinc compounds are pyrophoric and are readily hydrolyzed in air, 
whereas the alkyl cadmium compounds are less reactive. Alkyl mercury com¬ 
pounds are prepared by metathesis reactions between mercury(II) halides and 
a Grignard or organolithium compound. 

2 CH 3 MgCl + HgCl 2 —> Hg(CH 3 ) 2 + MgCl 2 

Dimethylmercury is stable to air oxidation. Alkyl mercury compounds are ver¬ 
satile starting materials for the synthesis of the organometallic compounds of 
more electropositive metals. 
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The Death of Karen Wetterhahn 


* fr \ 


M any organometallic compounds are highly poi¬ 
sonous; for example, tetracarbonylnickel(O), once 
referred to as “liquid death.” Thus, organometallic chem¬ 
ists are very safety conscious, but even they can underes¬ 
timate the hazards. 

August 14, 1996, would seem like a normal day for 
Karen Wetterhahn, professor of chemistry at Dartmouth 
College, New Hampshire. Wetterhahn was one of the 
foremost experts on metal toxicology, the study of the 
effects of heavy metals on biological systems, and on 
that day, she was using dimethylmercury, (CH 3 ) 2 Hg. She 
took all the required precautions: lab coat, goggles, and 
disposable latex gloves. Because of the compound’s high 
vapor pressure, Wetterhahn handled it in a fume hood. 
As she transferred the compound to a tube, one or two 
drops of the liquid dripped from the pipette onto her left 
glove. Completing the task, she removed the gloves and 
thoroughly washed her hands. 

Five months later, Wetterhahn found herself walking 
into walls and slurring her speech. She was admitted to 
the hospital, where her symptoms were matched to se¬ 
vere mercury poisoning. The only mercury incident that 
she could recall was the drips of dimethylmercury—but 
she had used gloves as required. The chelation therapy 
administered had no effect. Three weeks later, she went 
into a coma and died on June 8,1997. 


All of the material safety data sheets (MSDS) stated 
that gloves were needed when handling dimethylmer¬ 
cury, but they did not stipulate any type. To that time, no 
research had been done on the permeability of materi¬ 
als to dimethylmercury. Following the accident, a testing 
laboratory reported horrifying results: it took less than 
15 seconds for the dimethylmercury to pass through the 
glove. Other glove types were no better. Only a special 
laminated glove, SilverShield, delayed the passage of the 
liquid for any significant length of time. 

Dimethylmercury was known to be very toxic. In 
fact, the two British chemists who first synthesized the 
compound both died from mercury poisoning. How¬ 
ever, no one realized the extreme toxicity of the com¬ 
pound. As one chemist commented, if compounds were 
rated on a safety scale from 1 to 10, with 10 being the 
most toxic, we now realize dimethylmercury would rate 
a “15.” 

Laboratory chemistry is always accompanied by 
some degree of risk, as is crossing a highway. For chem¬ 
ists, the MSDS provide an awareness of the hazards of 
particular compounds and of classes of compounds. It is 
essential for any practicing chemist to read such safety 
information. Unfortunately for Wetterhahn, the extreme 
risk of this particular volatile compound had not previ¬ 
ously been realized. 


23.6 Organometallic Compounds of the Transition Metals 


Looking at the formulas of many transition metal organometallic compounds, 
one might expect their physical and chemical properties to be very similar 
to those of many of the coordination compounds. In fact, the properties of 
organometallics are much more “organic” in nature, as the contrast in the fol- 


lowing shows: 


Properties of typical coordination 

Properties of typical organometallic 

compounds 

compounds 

Water-soluble 

Hydrocarbon-soluble 

Air-stable 

Air-sensitive 

High-melting solids (> 250° C) 

Low-melting solids, or liquids 


This difference in properties between transition metal complexes and transi¬ 
tion metal compounds involving metal-carbon bonds can be explained in terms 
of bonding, as will be discussed below. 
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The 18-Electron Rule 

As we have seen, main group organometallic compounds generally obey the 
octet rule and share their valence electrons to form a bonds with the organo 
group. For example, tin forms the stable tetramethyltin, SnMe 4 . 

The 18-electron rule for transition metal organometallics is based on a 
similar concept—the central transition metal ion can accommodate electrons 
in the d, s, and p orbitals, giving a maximum of 18. Thus, to the number of 
electrons in the outer electron set, a metal can add electron pairs from Lewis 
bases to bring the total up to 18. This rule is not satisfactory for “classical” 
transition metal complexes for, as we saw in Chapter 19, coordination chem¬ 
istry is dominated by the presence of incompletely filled d orbitals. However, 
organometallic complexes of transition metals do, to a significant extent, obey 
the 18-electron rule. 

The classic examples are the complexes in which carbon monoxide is the 
ligand. In Chapter 20, Section 20.8, for example, we mentioned tetracarbonyl- 
nickel(O), [Ni(CO) 4 ] a compound used in the purification of nickel metal. In 
this compound, nickel has an oxidation state of zero. It is important to realize 
that, although in gaseous atoms the As level is filled before the 3d, for example, 
Ni = [Ax\As 2 3d 8 , in a chemical environment, the 4? is always higher in energy; 
that is, Ni° = [Ar]3d 10 . 

As we discussed in Section 23.3, each carbon monoxide molecule is taken 
as a two-electron donor. Thus, the bonding of four carbon monoxide molecules 
would provide eight additional electrons, resulting in a total of 18: 

Nickel (0) electrons (3d 10 ) = 10 

Carbon monoxide electrons =4X2= 8 

total = 18 

Similarly, pentacarbonyliron(O), [Fe(CO) 5 ], has iron in a zero oxidation state, 
giving 8 d electrons and a total of 10 electrons from the five CO groups. The 
total is once again 18, and this compound, too, is stable. 

16-Electron Species 

Although most stable organometallic compounds obey the 18-electron rule, 
stable complexes do exist with electron counts other than 18, since factors such 
as crystal field stabilization energy, steric bulk, and the nature of the bonding 
between the metal and the ligand affect the stability of the compound. 

The most widely encountered exceptions to the rule are 16-electron com¬ 
plexes of the transition metals on the right-hand side of the d block, particu¬ 
larly Groups 9 and 10. These 16-electron, square-planar complexes commonly 
have d 8 electron configurations, for example, Rh(I), Ir(I), Ni(II), and Pd(II). 
Examples of such complexes include the anion of Zeise’s salt, K + [PtCl 3 C 2 H 4 ] _ , 
and the iridium complex [IrCl(CO)(PPh 3 ) 2 ], Vaska’s compound. Crystal field 
stabilization energy favors low-spin square-planar d 8 configurations for large 
values of A. Values of A are larger in Periods 5 and 6. Consequently, there are 
many square-planar complexes of rhodium, iridium, palladium, and platinum. 
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These square-planar complexes are all low spin (see Chapter 19, Section 19.7). 
The d xy , d xz , d yz , and d z 2 orbitals all contain two electrons, while the high-energy 
d x 2- y 2 orbital remains empty. The greater the crystal field splitting, the more 
stable the complexes will be. 

Odd-Electron Species 

Odd-electron complexes do exist, although they often act as electron acceptors 
to give an even-electron species. For example, [V(CO) 6 ], a 17-electron species, 
readily attains the 18-electron configuration by accepting an electron from a 
reducing agent: 

[V(CO) 6 ] + Na->Na + [V(CO) 6 ]“ 

17 e~ 18 e“ 

Other odd-electron species may acquire an additional electron by dimerizing 
with another molecule. For example, [Mn(CO) 5 ] has 17 electrons. Two mol¬ 
ecules “share” their odd electron in order to form an Mn—Mn bond. Conse¬ 
quently, each Mn becomes an 18-electron species. 

2 [Mn(CO) 5 ] —> [Mn 2 (CO) 10 ] 

17 e" 18 e“ 


Metal-Metal Bonding and the 18-Electron Rule 

The 18-electron rule can be useful in predicting the number of metal-metal 
bonds in an organometallic compound that contains multiple metal atoms. 
Such a molecule will be most stable if the number of electrons around each 
metal atom is 18. As we have seen from the previous example, the metal may 
gain additional electrons by forming covalent bonds to another metal atom. For 
example, if we examine the compound [(nn 5 -C 5 H 5 ) 2 Mo(CO) 2 ] 2 , we see that for 
each molybdenum center, there are 5 4 d electrons from the molybdenum(I), 
6 electrons from the cyclopentadienyl ligand, and 4 electrons from the carbonyl 
ligands. This gives a total of 15 electrons per molybdenum, which is 3 short 
of 18. This deficit is made up by forming 3 bonds to the other molybdenum, and 
they result in the structure shown in Figure 23.17. 


molybdenum(l) electrons (4<i 5 ) = 5 

cyclopentadienyl electrons = 6 

carbon monoxide electrons = 2X2 = 4 

Mo—Mo shared electrons = 3 

total 18 



FIGURE 23.17 The structure of 

[(t, 5 -C 5 H 5 ) 2 Mo(CO) 2 ] 2 . 


23.7 Transition Metal Carbonyls 


Transition metal carbonyls are the most important class of transition metal 
organometallic compounds. The classic a-bonding ligands form complexes 
with both main group and transition metals, but this is not true of carbon 
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FIGURE 23.18 Partial simplified 
molecular-orbital-energy-level 
diagram for carbon monoxide. 


monoxide as a ligand. With the exceptions of borane carbonyl, H 3 BCO, and 
the potassium carbonyl, K 6 (CO) 6 , the only known carbonyls are those of tran¬ 
sition metals. In transition metal carbonyls, the cr bonding is reinforced by 
additional tt bonding that stabilizes the complexes and also stabilizes very low 
oxidation states of the metal. Many carbonyl compounds exist with the metal 
in a zero oxidation state, for example, hexacarbonylchromium(O), [Cr(CO) 6 ]. 
These very low oxidation states are not found with a-bonding-only ligands 
such as water and ammonia. 

Carbonyl compounds are volatile and toxic. Their toxicity arises from their 
interaction with hemoglobin in red blood cells. In hemoglobin, iron has an oxi¬ 
dation state of +2. There are four iron ions in a hemoglobin molecule, each 
iron ion being surrounded by a porphyrin unit (see Chapter 20, Section 20.6). 
Each hemoglobin molecule reacts with four molecules of dioxygen to form 
oxyhemoglobin. The bonding to the dioxygen molecules is weak, and the oxy¬ 
gen can be released quite readily. However, the carbonyl ligand bonds almost 
irreversibly to the iron of the hemoglobin due to the strength of the a and 
tt contributions to the bonding, thus preventing the iron from carrying dioxygen 
molecules. 

Bonding in Carbonyl Compounds 

As mentioned previously, it is the nature of the bonding between carbon mon¬ 
oxide and a transition metal that makes carbon monoxide so lethal. This bond¬ 
ing is also the reason why so many transition metal carbonyl compounds exist, 
why they are so stable, why they can exist in low oxidation states, and why main 
group carbonyls are very rare. Thus, we need to look at the bonding between 
transition metals and carbon monoxide in some detail. 

In Chapter 3, Section 3.5, we saw that the bonding in heteronuclear diatomic 
molecules can be represented by a molecular orbital diagram. Because the 
effective nuclear charge differs between the constituent atoms, the orbital en¬ 
ergies are lower for the atom with the higher effective nuclear charge. Fig¬ 
ure 23.18 shows a simplified molecular orbital diagram for the carbon mon¬ 
oxide molecule (a more sophisticated representation would mix in some 2s 
component to the bonding). 
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For the carbon monoxide molecule, the highest-energy occupied molecu¬ 
lar orbital (HOMO) is a cr 2/7 orbital essentially derived from the high-energy 
2 p carbon and oxygen atomic orbitals. We assume this orbital resembles a lone 
pair on the carbon atom. The lowest-energy unoccupied molecular orbitals 
(LUMOs) are the tt * 2p antibonding orbitals. Again, the predominant contribu¬ 
tion comes from the 2 p atomic orbitals of carbon, so they, too, are focused around 
the carbon rather than around the oxygen atom. Approximate shapes of these 
orbitals are shown in Figure 23.19. 

We can picture an overlap of the end of the a HOMO of the carbon mon¬ 
oxide with an empty d orbital of the metal (Figure 23.20); that is, the carbon 
monoxide is acting as a Lewis base and donating a pair of electrons to the 
metal that acts as a Lewis acid. 

This leads to high electron density on the metal. Imagine six ligands simul¬ 
taneously donating electrons to a metal center, which, if it is in a low oxidation 
state, will already be electron-rich. At the same time, there is an overlap of a 
full d orbital on the metal with the tt* LUMO of the carbon monoxide (Fig¬ 
ure 23.21). These two orbitals have the correct symmetry to allow this interac¬ 
tion, and thus the electron density is removed from the metal center back onto 
the carbonyl ligand to some extent. 

This additional bond is a tt bond. So, the carbon monoxide is said to be 
a a donor and a tt acceptor, and the metal is a cr acceptor and a tt donor. 
Thus, there would be a flow of electrons from the carbon monoxide to the 
metal through the a system and a flow (back bonding or synergistic bonding) 
through the tt system in the reverse direction. This synergistic effect leads to 
a strong, short, almost double covalent bond between the metal and carbon 
atoms. 

It is the removal of electron density from the metal by the carbonyl ligand 
that enables us to account for the stabilization of low oxidation states of tran¬ 
sition metals. In a low or zero oxidation state, the metal would have a full, or 
nearly full, complement of electrons even before the bonding of the carbonyl 
ligands. The even higher electron density that results from coordination is then 
effectively removed to the ligands by the synergistic effect. 

According to this representation of the bonding, electrons would be 
“pumped” into the tt antibonding orbital of the carbon monoxide. An increased 
occupancy of antibonding orbitals would lead to a reduction of the bond or¬ 
der below its value of 3 in the free carbon monoxide molecule. Experimental 
measurements have shown that, indeed, the carbon-oxygen bond in these car¬ 
bonyl compounds is longer and weaker than that in carbon monoxide itself. 
This is good evidence for the validity of our molecular orbital bonding model. 
As added evidence, nearly all stable neutral metal carbonyl compounds are 
found in the middle transition metal groups (Groups 6 to 9), where the metal 
has some d electrons available for donation into the carbonyl tt system but few 
enough that other d orbitals are empty and capable of accepting electron pairs 
from carbonyl ligands. 

Other ligands can bond to transition metals in this way, for example, alkenes 
and phosphines, but they are not as good tt acceptors as carbon monoxide. 


Oc=oo 


c=o 
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FIGURE 23.19 The highest- 
energy occupied molecular 
orbital (a) and the lowest-energy 
unoccupied molecular orbital (tt*) 
for carbon monoxide. 
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FIGURE 23.20 Sigma donation 
from the carbonyl ligand to the 
metal. 
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FIGURE 23.21 Pi back bonding 
from the metal to the carbonyl 
ligand. 
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Evidence for Synergistic Bonding 

Infrared spectroscopy is a useful tool for investigating the structures of carbonyl 
compounds. The C=0 bond vibrates around 2143 cm -1 in the gaseous state. The 
vibration frequency in carbonyl compounds lies within the range 2150-1850 cm -1 , 
depending on the structure and nature of other ligands present. 

If the synergistic bonding model is valid, then we would expect the length 
and strength of the C—O bond to be affected as electrons are pushed into the 
tt* orbital. As the bond becomes weaker and longer, it should vibrate at a lower 
frequency. (Think about “twanging” a tight elastic band. This is like a strong 
bond and vibrates at a high frequency. Now compare this to what happens when 
you twang a less taut elastic band. This represents the “weaker” bond and will 
vibrate at a lower frequency.) The fact that C=0 bonds in carbonyl compounds 
do vibrate at lower frequencies than gaseous carbon monoxide does, indeed, 
support this model. 

The C—O stretching frequency is very sensitive to the electronic environ¬ 
ment around the metal. For example, a higher electron density on the metal will 
cause an increase in the extent of the back bonding as more electron density 
is removed. This leads to an increase in the electron density in the tt* orbital, 
a lengthening of the bond, and a decrease of the C—O stretching frequency. 
This effect can be seen in the isoelectronic series 

[Fe(CO) 4 2 “] 1790 cm -1 

[Co(CO) 4 “] 1890 cm -1 

[Ni(CO) 4 ] 2060 cm -1 

All of these species have eight d electrons. However, the effective nuclear 
charge increases from iron to nickel (see Chapter 2, Section 2.5). This means 
that the residual negative charge of the metal is greater for iron than for nickel. 
As the negative charge on the complex increases, the metal has a higher elec¬ 
tron density to be dispersed and so the back bonding is increased. Conse¬ 
quently, the electron density in the rr* will be increased, and the bond between 
the carbon and oxygen will become weaker and vibrate at a lower frequency. 

In substituted carbonyls, the extent of back bonding can be observed by 
examining CO frequencies: 

[Ni(CO) 3 PMe 3 ] 2064 cm -1 

[Ni(CO) 3 PPh 3 ] 2069 cm -1 

[Ni(CO) 3 PF 3 ] 2111 cm -1 

The methyl groups on PMe 3 show an inductive effect. An inductive effect 
is the shifting of electrons in a bond in response to the electronegativity of 
nearby atoms. In other words, a highly electronegative atom will tend to pull 
electron density toward itself, while an electropositive group will act as an elec¬ 
tron source. In this case, electron density will be pushed toward the metal. This 
leads to an increase in the extent of back bonding, stronger M—C bonds, and 
a weaker C—O interaction, shown by the lower infrared stretching frequency. 
By contrast, fluorine in PF 3 is electron withdrawing and will remove electron 
density from the metal. This leads to a reduction in the extent of back bonding 
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required, and so the C—O bond remains stronger and shorter, indicated by the 
higher stretching frequency. 

Symmetry in Carbonyl Compounds 

As we have seen, infrared spectroscopy can be used to provide information 
about the electronic environment of a carbonyl ligand. Infrared spectroscopy 
can also be used to probe the structures of transition metal carbonyl com¬ 
pounds. A molecule is infrared active if a stretching mode results in a change 
in a dipole (see Chapter 3, Section 3.14). If we consider an octahedral carbonyl 
complex, [M(CO) 6 ], a symmetrical stretch of each C—O bond gives no overall 
change in dipole, so this stretching mode is not seen in the infrared spectrum 
of the compound. 

However, we have to consider all other possible stretching modes. We can 
use the symmetry of the molecule and group theory to calculate the expected 
number of infrared (and Raman) active stretching modes for a molecule. 
These calculations are beyond the scope of this text, so we will use a short¬ 
cut that applies the results of the group theoretical approach. To predict the 
expected number of C—O peaks in an infrared spectrum of a carbonyl com¬ 
pound, we consider the shape of the M—CO part of the molecule only and 
refer to Table 23.5. 


1 Number of C- 

— 0 stretching bands 

in the infrared spectrum 

Residual shape 

Point group 

Number of bands 

Linear 

£>och 

1 

Bent 

c 2v 

2 

Planar triangle 

T>3h 

2 

Pyramid 

Qv 

2 

Tetrahedral 

T d 

1 

Square planar 

T>4h 

1 

Trigonal bipyramid 

D 3h 

2 

Square pyramid 

Q v 

2 

Octahedral 

o h 

1 


CO 

oa x | ^co 

^ I 

oc^ I ^co 

Br 


For example, [W(CO) 6 ] is octahedral with the point group O h . Table 23.5 
indicates that one stretching mode is infrared active, and, in fact, one peak is 
observed in the infrared spectrum of [W(CO) 6 ]. If we substitute 
one CO group by a halide (Figure 23.22), the overall molecule is 
still octahedral, but the shape made by the M—CO is a square 
pyramid with a C 4v point group. Table 23.5 shows that there are 
two infrared active stretching modes, and two peaks are indeed ob¬ 
served in the infrared spectrum. Infrared spectroscopy can be used 
to distinguish between isomers. For example, consider the cis and trans isomers 
of the square-planar Pt(CO) 2 Cl 2 (Figure 23.23). The cis isomer gives a bent 
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W(CO) 5 Br. 
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FIGURE 23.23 Structure of 
(a) cis and (b) trans Pt(CO) 2 CI 2 . 
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arrangement of M—CO bonds, which gives rise to two infrared active stretch¬ 
ing modes and two peaks. The trans isomer gives a linear arrangement of 
M—CO bonds, which gives rise to one infrared active stretching mode and one 
peak in the infrared spectrum. 

Types of Carbonyl Bonding 

As we described in Section 23.2, the carbonyl ligand may bond to transition metal 
centers in several ways. It may bond as a terminal ligand, as in simple complexes 
such as [Mo(CO) 6 ], in which it acts as a two-electron donor.The carbonyl infrared 
stretching frequency for these groups is usually in the range 2010-1850 cm -1 . 

The carbonyl ligand may also bridge two or more metal centers (see Fig¬ 
ure 23.3). In this case, the carbonyl infrared stretching frequency is in the 
range 1850-1750 cm" 1 . A carbonyl that bridges two metals atoms is identified 
by the prefix p, or, more precisely, p, 2 , and donates one electron to each metal 
species. An example of a complex with bridging carbonyl groups is [Co 2 (CO) 8 ] 
(see Section 23.8). 

When carbonyl ligands bridge three metal centers, the carbonyl infrared 
stretching frequencies lie in the range 1675-1600 cm” 1 . These most often occur 
in “cluster” compounds and are given the prefix p, 3 , for example, [Rh 6 (CO) 6 ]. 


CH 3 OCH 2 CH 2 



ch 3 och 2 ch 2 

FIGURE 23.24 Structure of 
diglyme. 
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Carbonyls of the Group 4 Elements 

Titanium has a d 4 electron configuration. The 18-electron rule suggests that 
the stable carbonyl would be [Ti(CO) 7 ], but titanium has insufficient electron 
density for this to be formed. However, substituted carbonyls are known. For 
example, [(nn 5 -C 5 H 5 ) 2 Ti(CO) 2 ] is a red, 18-electron compound that is prepared 
from titanium(IV) chloride: 


TiCl 4 + 2 UC 5 H 5 



Hexacarbonylvanadium(O), [V(CO) 6 ], a 17-electron species, is a green- 
black, paramagnetic solid that decomposes at 70°C. It can be prepared 
from vanadium(III) chloride via an 18-electron anionic intermediate using 
2-methoxyethyl ether, abbreviated to diglyme (from the common name 
diethyleneglycol dimethyl ether), as solvent (Figure 23.24): 

VC1 3 + 4Na + CO diglyme > [Na(diglyme) 2 ] + [V(CO) 6 ]“ [V(CO) 6 ] 


Carbonyls of the Group 6 Elements 

Hexacarbonylchromium(O), [Cr(CO) 6 ], is a stable, 18-electron, octahedral mol¬ 
ecule that can be synthesized in the same way as [V(CO) 6 ]. All three Group 6 
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hexacarbonyls, [Cr(CO) 6 ], [Mo(CO) 6 ], and [W(CO) 6 ], are white crystalline solids 
that will sublime under vacuum. They are the most stable binary carbonyl com¬ 
pounds and do not react until heated. 


Carbonyls of the Group 7 Elements 

Manganese forms the 17-electron pentacarbonylmanganese(O), [Mn(CO) 5 ]. It 
readily dimerizes to give the 18-electron, yellow, crystalline [Mn 2 (CO) 10 ], as 
we mentioned in Section 23.6 (Figure 23.25). The Mn—Mn bond is long and 
weak and is easily broken. For example, the reaction with sodium amalgam 
leads to cleavage of the Mn—Mn bond and reduction of the manganese to 
manganese(-I): 


CO CO 

I / C ° I / C ° 

OC —Mn-Mn— CO 

/| /| 

OC CO OC CO 

FIGURE 23.25 Structure of 
Mn 2 (CO)io- 


[Mn 2 CO 10 ] + 2Na^2Na[Mn(CO) 5 ] 


The reaction with a halogen leads to cleavage of the bond and oxidation of the 
manganese to manganese(I): 

[Mn 2 (CO) 10 ] + Br 2 —» 2 [Mn(CO) 5 Br] 

The corresponding carbonyls of the lower members of the group, [Tc 2 (CO) 10 ] 
and [Re 2 (CO) 10 ], are both white, crystalline solids. 


Carbonyls of the Group 8 Elements 

Pentacarbonyliron(O), [Fe(CO) 5 ], is a yellow, toxic liquid that is used for 
making magnets and iron films. It can be prepared by heating finely divided 
iron under carbon monoxide. [Fe(CO) 5 ] reacts photochemically to give 
the yellow dimer [Fe 2 (CO) 9 ]. When heated, it forms the dark green solid 
[Fe 3 (CO) 12 ]: 
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Ruthenium and osmium form [Ru(CO) 5 ] and [Os(CO) 5 ], which are both color¬ 
less liquids. They also form corresponding cluster compounds, [Ru 3 (CO) 12 ] and 
[Os 3 (CO) 12 ], although their structures are different from that of [Fe 3 (CO) 12 ]. 
The structure of [Os 3 (CO) 12 ] is shown in Figure 23.26. 

Carbonyls of the Group 9 Elements 

Cobalt has an odd number of electrons, so the carbonyl compound, [Co(CO) 4 ], 
has 17 electrons and dimerizes to give [Co 2 (CO) 8 ], an orange, low-melting solid. 
This compound is interesting because it exists in two isomeric forms. The solid 
contains a metal-metal bond and bridging carbonyl groups. When the solid is 
dissolved in hexane, the bridging carbonyl bands disappear from the infrared 
spectrum and the staggered structure is formed. The energy difference between 
these two forms is only approximately 5 kJ-mor 1 , so the interconversion occurs 
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FIGURE 23.26 Representation 
of Os 3 (CO) 12 . 
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easily. Such interconversions and intramolecular rearrangements are common 
in organometallic chemistry. 
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Cobalt also forms the cluster compounds [Co 4 (CO) 12 ] and [Co 6 (CO) 16 ], 
which are both black solids. Rhodium and iridium also form cluster com¬ 
pounds of the same formula. The structures are similar to those of the cobalt 
compounds. [Ir 6 (CO) 16 ] exists as a red isomer and a black isomer. 


Carbonyls of the Group 10 Elements 

Tetracarbonylnickel(O), [Ni(CO) 4 ], is a toxic, colorless liquid synthesized by 
direct interaction of carbon monoxide with the finely divided metal. The reac¬ 
tion takes place a little above room temperature and at atmospheric pressure. 
The reaction is the basis of the Mond process for extraction and purification of 
nickel (see Chapter 20, Section 20.8). 

Ni + 4 CO —»[Ni(CO) 4 ] 


Carbonyls of the Group 11 Elements 

Copper has very high electron density and no vacant d orbitals. A few substi¬ 
tuted carbonyl compounds are known, but they are all very unstable. 


23.9 Reactions of Transition Metal Carbonyls 


The most important reactions of metal carbonyls are substitution reactions. 
Carbonyl ligands can be displaced by other ligands such as phosphines and 
unsaturated hydrocarbons. The substitution may be activated by either heat 
or light, and the products usually still obey the 18-electron rule. For example, 
for an octahedral complex such as [Co(CO) 6 ], the reaction with another ligand 
may lead to a trisubstituted carbonyl: 
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Subsequent substitutions by the incoming ligand always happen cis to the 
initial ligand. This is because the substitution of any ligand that is a better 
a donor but poorer tt acceptor than carbonyl will lead to an increase in the 
back bonding between the metal and the carbonyl ligand trans to the incom¬ 
ing ligand. The substitution reaction rarely proceeds further than [M(CO) 3 L 3 ] 
because the electron density on the metal would be too great. 
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These substitution reactions of 18-electron complexes follow a dissociative 
mechanism , which means that a species that is coordinatively unsaturated 
is produced as an intermediate. An associative mechanism would produce a 
7-coordinate intermediate, a complex with more than 18 electrons: 

[M(CO) 6 ] [M(CO)s] [M(CO) s L] 

18 e 16 e 18 e 

Complexes of 4 d transition metals react much more quickly than those of 
the 5 d metals. As a result, ruthenium, rhodium, and palladium are much more 
widely used in catalysis than osmium, iridium, and platinum, as we will see later 
in the chapter. Some typical substitution reactions are the following: 

[Cr(CO) 6 ] + 3 MeCN —»[Cr(CO) 3 (NCMe) 3 ] + 3 CO 

[Ni(CO) 4 ] + 2 PF 3 —>[Ni(CO) 2 (PF 3 ) 2 ] + 2 CO 

[Mo(CO) 6 ] + C 6 H 6 ^[Mo(CO) 3 ('n 6 -C 6 H 6 )] + 3 CO 

[Mo(CO) 6 ] + CH 2 =CH—CH=CH, (CO) 4 Mo ^j+ 2 CO 

Another important type of reaction is the formation of carbonylate anions 
by reaction with reducing agents or alkali. The species that form anions most 
readily are odd-electron species, particularly 17-electron species, and dimers. 
The species formed are 18-electron complexes. For example, 

[Fe(CO) 5 ] + 3 NaOH —> Na[HFe(CO) 4 ] + Na 2 C0 3 + H 2 0 

[Co 2 (CO) 8 ] + 2Na/Hg 2 Na[Co(CO) 4 ] 

A related reaction of dimers is the formation of halides by reaction with a halogen 
and cleavage of the metal-metal bond: 

[Mn 2 (CO) 10 ] + Br 2 —» 2 [Mn(CO) 5 Br] 


23.10 Other Carbonyl Compounds 

Metal Carbonyl Anions 

As we have already mentioned, the reduction of metal carbonyls gives rise to 
anionic species that are very reactive. These are most often prepared by react¬ 
ing a carbonyl compound with an alkali metal or sodium borohydride: 

[Cr(CO) 6 ] Na 2 [Cr 2 (CO) 10 ] 

[Mn 2 (CO) 10 ] Li[Mn(CO) 5 ] 

Some of these compounds form hydrides, such as [HMn(CO) 5 ], when acidi¬ 
fied. Manganese, iron, and cobalt carbonyl hydrides are colorless or yellow 
liquids. Studies have shown that the hydrogen is directly attached to the metal. 
The [HMn(CO) 5 ] and [H 2 Fe(CO) 4 ] compounds are quite acidic in aqueous 
solution. The cobalt compound, [FtCo(CO) 4 ], is insoluble in water but is a 
strong acid in methanol. 
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Metal Carbonyl Hydrides 

Metal carbonyl hydrides are highly reactive, and most reactions involve the 
insertion of another species into the M—H bond. Some typical reactions of 
metal hydrides are the following: 

[(CO) 5 MnH] + CH 2 =CH 2 —> [(CO) 5 MnCH 2 CH 3 ] 

[(CO) 5 MnH] + C0 2 —> [(C0) 5 MnC0 2 H] 

[(CO) 5 MnH] + CH 2 N 2 —> [(CO) 5 MnCH 3 ] + N 2 


Metal Carbonyl Halides 

Most metals that form stable carbonyls also form carbonyl halides. Their struc¬ 
tures are analogous to the carbonyl for monomeric species. Dimers are always 
bridged through the halide rather than through the carbonyl. They are usually 
white or yellow solids and are made by the reaction of a halogen with a metal 
carbonyl at high temperatures and pressures. For example, 

[Fe(CO) 5 ] + I 2 —> [Fe(CO) 4 I 2 ] + CO 


They are soluble in organic solvents but decompose in water. Most of the car¬ 
bonyl halides obey the 18-electron rule. The most notable exception is Vaska’s 
compound, trans -[(Ph 3 P) 2 lr(CO)C\\. This compound undergoes a wide range 
of addition reactions during which the metal atom achieves 18 electrons in the 
valence shell. During these reactions, the square-planar compound is converted 
to an octahedral one and the iridium is oxidized by 2 charge units. This type of 
reaction is known as oxidative addition.The scheme for the oxidative addition of 
Vaska’s complex with hydrogen is shown in the following. Note the 3-centered 
intermediate formed between the metal and the H 2 . 


Cl PPh 3 

Ph 3 P CO 


Cl 

Ph 3 p 





CO 


H 

H 


Oxidative addition is a common reaction of organometallic compounds, and 
it is key to many catalytic processes. For an oxidative addition reaction to occur, 
there must be two free sites for coordination of incoming ligands and the metal 
must be able to exist in stable oxidation states separated by 2 units. During the re¬ 
action, two ligands are associated to the metal, which is simultaneously oxidized by 
2 units. The reverse of the reaction is, not surprisingly, called reductive elimination. 


23.11 Complexes with Phosphine Ligands 


We have already seen that metal carbonyl complexes may react with ligands 
such as triphenyl phosphine and phosphorus trichloride. Phosphine ligands are 
so important that they deserve a whole section for discussion. 

Phosphines are able to accept some electron density through back bonding 
via the P—C (antibonding) a* orbital. The extent of this back bonding depends 
on the nature of the ligand. For example, alkyl phosphines, such as P(CH 3 ) 3 , are 
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strong electron donors but fairly weak electron acceptors due to the inductive 
effect of the alkyl group. Conversely, the phosphine halides are weak donors 
but strong electron acceptors due to the electron-withdrawing properties of the 
halide atoms, tt -Acidity is the term used to describe the ability of a species to 
accept electron density through a rr-type overlap of orbitals. The order of in¬ 
creasing 77 acidity is given by 


PCBu) 3 < P(Me) 3 < P(OMe) 3 < PC1 3 < CO 

So, the stability of a phosphine-containing species 
is affected by the electronic characteristics of the 
phosphine. A further important factor in deter¬ 
mining the stability and structure of phosphine- 
containing ligands is the shape and size of the 
ligand, the steric bulk. The “bulkiness” of a ligand 
is defined by its Tolman cone angle. Figure 23.27 
shows that a small, compact, substituted ligand 
gives a small Tolman cone angle, whereas a large, 
bulky, substituted phosphine gives a large cone 
angle. Some examples are given in Table 23.6. 




FIGURE 23.27 The Tolman cone angle for (a) a small and (j b ) a bulky 
phosphine ligand. 


TABLE 23.6 

Tolman cone angles for phosphine ligands 

Ligand 

0/deg 

ph 3 

87 

pf 3 

104 

PMe 3 

118 

PMe 2 Ph 

123 

PMePh 2 

136 

PPh 3 

145 

P"Bu 3 

183 


With the crowding resulting from bulky ligands, it is not surprising that a 
ligand can sometimes be expelled. For example, tetrakis(triphenylphosphine) 
platinum(O), [Pt(PPh 3 ) 4 ], readily loses a ligand to form tris(triphenylphosphine) 
platinum(O), [Pt(PPh 3 ) 3 ]. These two factors, the amount of electron density on 
the metal and the bulkiness of the ligand, determine the reactivity and the coor¬ 
dination number of the complex. 

23.12 Complexes with Alkyl, Alkene, and Alkyne Ligands 


The making and breaking of M—C bonds play an important role in organometallic 
chemistry and are central to its application in catalysis. Whenever alkanes, alkenes, 
or alkynes are generated, polymerized, or functionalized, metal alkyl intermediates 
are involved. About 75 percent of all products produced by the chemical industry 
pass through a catalytic cycle involving an organometallic catalyst at some stage. 
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FIGURE 23.28 Bipyridine. 


Transition metals form simple alkyls, but, with the exception of zinc and 
mercury, they are unstable. Most stable organometallic compounds are formed 
with alkenes, alkynes, and unsaturated ring systems. The first truly organo¬ 
metallic compound to be synthesized was the yellow, crystalline Zeise’s salt, 
K[PtCl 3 (C 2 H 4 )], in 1830. 

Transition metal organometallic compounds with metal-alkyl bonds are 
known with both a and tt interactions. In general, most compounds obey the 
18-electron rule with the exception of alkyl groups, which are only cr-bonded 
to the metal. Some of these, such as Zeise’s salt, mentioned above, have only 
16 electrons. They are square planar and are said to be coordinatively unsatu¬ 
rated , which means that they can accept other ligands to give a maximum of 
six-coordination. Such coordinative unsaturation is an extremely important fea¬ 
ture of transition metal homogeneous catalysis. Simple a-bonding alkyls can be 
understood by analogy with metal halides and hydrides. So a methyl ligand will be 
considered to have a formal charge of -1 and donate two electrons to the metal. 

Alkyls that contain no other groups are very unstable. For example, 
[Ti(CH 3 ) 4 ] decomposes at -50°C, whereas [Ti(bipy)(CH 3 ) 4 ] (bipy is the ab¬ 
breviation for bipyridine, Figure 23.28) can be warmed to 30°C. Alkyls are sta¬ 
bilized by the presence of rr-bonding ligands such as bipyridine, carbonyl, and 
triphenylphosphine, which results in an increase in stability since the electron 
density can be removed from the metal. 

Synthesis of Transition Metal Alkyls 

The most widely used method for preparing transition metal alkyls is alkyla¬ 
tion, often using a Grignard reagent or a lithium alkyl: 

[(C 5 H 5 ) 2 MoC 1 2 ] + 2 CH 3 Li -> [(C 5 H 5 ) 2 Mo(CH 3 ) 2 ] + 2 LiCl 


[(R 3 P) 2 PtClJ + LiCH 2 CH 2 CH 2 CH 2 Li 



Low-valent complexes, especially iridium(I), nickel(O), palladium(O), and plati¬ 
num^) complexes stabilized by phosphines, can be synthesized by oxidative 
addition with an alkyl halide. In this case, we have a coordinatively unsaturated, 
square-planar complex containing labile ligands that is simultaneously oxidized 
and has the coordination number expanded to 6. Whether the final product is 
cis or trans is influenced by the solvent. For example, for Yaska’s compound: 


CU /PPh 3 

+ Mel 

ph 3 p / a:o 


PPh 3 



CO 


Complexes of alkenes, alkynes, and poly conjugated systems are prepared 
when other ligands, often carbonyl, are displaced. The 18-electron rule can be 
used to predict the formulas of the products since each tt bond can replace a 
lone pair donated by another ligand: 
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[W(CO) 6 ] + Na(C 5 H 5 ) 



[PdCl 4 ] 2 + 



+2 Cl" 


Another common method of synthesis is to insert a molecule into an M—H 
bond. For example: 

[PtCl(PPh 3 ) 2 H] + C 2 H 4 —»[PtCl(PPh 3 ) 2 C 2 H 5 ] 

and 


[(CO) 4 CoH] 


(CO) 4 Co. 


Polar, unsaturated ligands (for example, carbonyl) are susceptible to nucleophilic 
attack. A nucleophile is a reagent that is “nucleus loving,” having electron-rich 
sites that can form a bond by donating an electron pair to an electron-poor site. 
Nucleophiles are often, though not always, negatively charged. The converse is 
an electrophile, an electron-poor species that will accept an electron pair, some¬ 
times a positively charged species. This pair of definitions might sound familiar 
(see Chapter 7, Section 7.6). Lewis bases are electron donors and usually behave 
as nucleophiles, whereas Lewis acids are electron acceptors and usually behave 
as electrophiles. The main difference is that the terms nucleophile and electrophile 
are normally used in the context of bonds to carbon. In the following reaction, 
the ethyl anion, C 2 H 5 ~, is the nucleophile, and the carbon of a carbonyl is the 
electrophile: 

O 


[Fe(CO) 5 ] + LiC 2 H 5 


Li + [(CO) 4 FeCC 2 H 5 r 




oc 


I 

^_M<x 

oc'oo 


ch 3 


As with the carbonyl complexes, most transition metal alkyls obey the 
18-electron rule (Figure 23.29) or have 16 electrons for the square-planar d 8 
system. On the other hand, there are numerous complexes for which the sta¬ 
bility cannot be explained on the basis of the 18-electron rule. These species 
often have very low numbers of electrons and owe their stability to the kinetic 
stabilization provided by sterically demanding, bulky ligands. These ligands are Me 3 SiH 2 C 
often too bulky to allow the metal to bind to enough donor ligands in order to 
achieve the higher electron count but provide an effective “umbrella,” shield¬ 
ing the metal from incoming ligands. Examples are found mainly among early 
transition metals (Figure 23.30). 

Metal alkyls, alkenes, and alkynes are highly reactive. The reactions generally 
involve M—C bond cleavage and insertion reactions. Simple diatomic molecules 
such as halogens and hydrogen promote bond cleavage reactions and lead to the 
formation of halides and hydride species: 


FIGURE 23.29 Structure of the 
18-electron compound 
[(t, 5 -C 5 H 5 )Mo(CO)3(CH 3 )]. 


CH 2 SiMe 3 

i ^CH 2 SiMe 3 
CH 2 SiMe 3 

FIGURE 23.30 Structure 
of the 8-electron compound 
[Ti(CH 2 SiMe 3 ) 4 ]. 


[PtCl 3 C 2 H 5 ] 2 “ + Cl 2 -> [PtCl 4 ] 2 “ + C 2 H 5 C1 
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Another common reaction is the insertion of carbon monoxide into a 
metal-carbon bond to form a metal acyl derivative: 

[C 2 H 5 Mn(CO) 5 ] + CO —> [C 2 H 5 COMn(CO) 5 ] 


The mechanism of this reaction is not as straightforward as it might seem at first 
glance. The inserted carbonyl group is actually one of those originally coordi¬ 
nated to the metal center. The reaction takes place by intramolecular nucleo¬ 
philic attack followed by alkyl migration: 



Alkenes and alkynes may also insert in a metal-carbon bond: 

[(C 5 H 5 )(CH 2 CH 2 )NiR] CH ^ 2 > [(C 5 H 5 )(CH 2 CH 2 )NiCH 2 CH 2 R] 

An industrially important example of this reaction uses the Ziegler-Natta catalyst 
for alkene polymerization (see Section 23.18). 


^ * 


am 

* 

ir 




Vitamin B 12 —A Naturally Occurring Organometallic Compound 


A; 


deficiency of vitamin B 12 in the diet can result 


cin pernicious anemia, with symptoms that can 
inlude fatigue, dizziness, palpitations, and headache. 
Vitamin B 12 is found in meat, particularly liver, and it 
is the only vitamin that is not produced in plants. The 
compound was discovered when it was observed 
that eating large amounts of liver was an effective 
treatment for pernicious anemia. Very strict vegans 
can suffer from vitamin B 12 deficiency, which has to 
be remedied by injections of the vitamin. 

Vitamin B 12 is a rare example of a naturally oc¬ 
curring organometallic compound. It is also known as 
cyanocobalamin and contains an octahedral Co(III) 
ion at the center of a square planar corrin ring. The 
fifth and sixth coordination sites are taken up by an al¬ 
kyl group and cyano group (Figure 23.31). The cyano 
group is introduced when the vitamin is isolated. In 
the body it is replaced by a hydroxide ion, water, or an 
organic group, such as methyl in methylcobalamin. 

Methylcobalamin is important in the metabo¬ 
lism of methane-producing bacteria. These bac¬ 
teria can cause ecological problems because they 
are able to transfer methyl groups to some metals, 
including mercury. Thus, elemental mercury and 
mercury compounds can be converted to the highly toxic 
dimethylmercury by these bacteria in lakes and rivers. 



FIGURE 23.31 Structure of vitamin B r 
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M — CH 2 CH = CH 3 


Propenyl species can bond to transition metals via the terminal carbon atom 
or, more usually, through the delocalized allyl system, forming an iq 3 complex 
(Figure 23.32). 

iq 3 -Allyl-containing molecules can be formed via a a-bonded iq 1 -intermediate 
followed by expulsion of another ligand, often carbon monoxide. For example, 


Na[WCp(CO) 3 ] + CH 2 = CHCH 2 C1 


OC 



CO 



2 -electron donor 

(a) 



^electron donor 

( b) 

FIGURE 23.32 A propenyl 
species bonding via [a) the 
terminal carbon atom and (b) the 
delocalized allyl system. 


The ^-complexes may be prepared in a variety of ways, including by the 
deprotonation of a coordinated propene ligand, as shown for palladium: 


Me 



[PdCl 4 ] 2 “+CH 3 CH = CH 2 -► /-Pel . 

cr ^cr 

Me 




and by the protonation of a coordinated 1,3-butadiene ligand, as shown for 
iron: 



OC 



Me 


HCl -► Fe . 

OC / \ Cl 
OC CO 
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Fe 


( 00) 3 

(b) 

FIGURE 23.33 Structure of 

(a) [Fe(CO) 4 (Ti 2 -CH 2 CHCHCH 2 )] and 

(b) [Fe(CO) 3 (Ti 4 -CH 2 CHCHCH 2 )]. 


1,3-Butadiene ligands may bond to transition metals via one or both tt bonds, 
thereby donating either two or four electrons while the number of other coor¬ 
dinating ligands reduces accordingly. The most important of these compounds 
are the iron carbonyl derivatives (Figure 23.33). 

The iron tricarbonyl-1,3-diene derivatives are important in organic syn¬ 
thesis. The coordinated diene is difficult to hydrogenate and does not undergo 
the classic organic Diels-Alder reactions , typical of 1,3-dienes. The Fe(CO) 3 
group acts as a protecting group for the diene, preventing additions to the 
double bonds and allowing reactions to be carried out on other parts of the 
molecules. In the example shown, the iron tricarbonyl is used to protect two 
C=C bonds against hydrogenation while it takes place readily at the third 
C=C bond: 




23.14 Metallocenes 


Metallocenes are sandwich compounds in which the metal center lies be¬ 
tween two rr-bonded iq 5 -cyclopentadienyl rings. By far the most important 
of these is ferrocene [(nn 5 -C 5 H 5 ) 2 Fe], the structure of which was shown in 
Figure 23.4. The accidental synthesis of ferrocene in 1951 by Peter Pauson 
and Tom Kealy at Duquesne University and separately by Samuel Miller of 
the British Oxygen Company was one of the greatest chemical discoveries 
of the twentieth century, and it greatly stimulated interest in organometallic 
chemistry. 

Ferrocene is a paramagnetic, orange solid with a melting point of 174°C. It 
is a very stable compound and can be heated to 400°C without decomposing. 
In the gas phase, the two cyclopentadienyl rings are eclipsed, but at room tem¬ 
perature, the two rings rotate freely and all the hydrogen atoms appear equiva¬ 
lent. The cyclopentadiene rings are aromatic and can be derivatized in many 
ways (that is, substitution reactions can be performed on the rings themselves). 
A selection of reactions is shown in the following: 
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Uses of Ferrocene 

Ferrocene and ferrocene-related compounds find many different applications 
because of the interesting redox properties of the iron, the fact that ferrocene 
acts as an aromatic compound, and the fact that the cyclopentadienyl rings can 
be derivatized. 

Ferrocene and its derivatives have found uses as a liquid hydrocarbon fuel 
additive. Its addition to diesel fuel results in reduced smoke emissions and in¬ 
creased fuel economy. Ferrocene is also used in the formulation of high-grade 
lead-free gasoline fuels, being one of the compounds that replaced tetraethyllead 
as an antiknock agent. The additive improves the performance of these fuels, be¬ 
cause the combustion of ferrocene produces iron ions, which react with oxygen 
to give iron oxides, promoters of the hydrocarbon combustion reaction. 

Ferrocene compounds have been developed as electron transfer catalysts 
in the formation of compounds with specific magnetic and conducting proper¬ 
ties. It is the redox properties of the ferrocene that make these applications 
possible. Another application arising from the redox properties is the use of 
ferrocene derivatives as a molecular switch. 

Ferrocene derivatives are also used in biosensors. One such example uses 
vinyl ferrocene cross-linked with an acrylamide monomer to form a conduct¬ 
ing polymer gel. Enzymes may be trapped in the gel, and then this is used in 
sensors for determining amounts of the enzyme in solution. 


Other Metallocenes 

Metallocenes are known for first row transition metals: vanadium(II), 
chromium(II), manganese(II), cobalt(II), and nickel(II). With the exception of 
vanadium, where the starting compound is vanadium(III) chloride, they can all 
be prepared by the following reaction: 

MC1 2 + 2 Na[C 5 H 5 ] -> [(t 1 5 -C 5 H 5 ) 2 M] + 2 NaCl 
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Unlike ferrocene, most of the other metallocenes are air-sensitive or pyrophoric 
since they are not 18-electron systems: 

[(nn 5 -C 5 H 5 ) 2 V] is an air-sensitive violet solid. 

[(nn 5 -C 5 H 5 ) 2 Cr] is an air-sensitive red solid. 

[(Ti 5 -C 5 H 5 ) 2 Mn] is a pyrophoric brown solid. At room temperature 
manganocene is polymeric, while at higher temperatures its structure is 
related to that of ferrocene. 

[(nn 5 -C 5 H 5 ) 2 Co] is an air-sensitive, black solid that has 19 electrons and is 
easily oxidized to [t^-CsH^Co]^ 

[(nn 5 -C 5 H 5 ) 2 Ni] is a green solid that has 20 electrons. The reactions of 
nickelocene result in 18-electron species. 


23.15 Complexes with ^-Arene Ligands 

Species such as benzene or toluene can act as 6-electron donors. Complexes 
containing these ligands can be prepared from a carbonyl or substituted car¬ 
bonyl. For example, 

[Cr(CO) 6 ] + C 6 H 6 ^[(T 1 6 -C 6 H 6 )Cr(CO) 3 ] + 3 CO 

Compounds of this type, with just one ring system, are often referred to as half- 
sandwich compounds. The electron-withdrawing nature of the carbonyl groups 
means that the arene ring is much more reactive than it would be normally. In 
particular, the arene ring in these compounds can be subjected to lithiation (that 
is, the substitution of a lithium atom for a hydrogen atom) and the activated 
ring can undergo a wide variety of reactions (see below). 



Cr(CO) 3 Cr(CO) 3 Cr(CO) 3 


I 

Cr(CO) 3 

The carbonyl ligands may also be susceptible to substitution by other ligands, 
for example, phosphines: 

[(^ 6 -C 6 H 6 )Cr(CO) 3 ] + PPh 3 ^[(T 1 6 -C 6 H 6 )Cr(CO) 2 PPh 3 ] + CO 

True sandwich compounds also exist. For example, chromium, molybdenum, 
and tungsten form air-sensitive 18-electron complexes. In the solid state, the 
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two benzene rings are eclipsed and the C—C bond lengths are slightly longer 
than in benzene (Figure 23.34). They can be prepared by co-condensing the 
metal and arene vapors as shown below for chromium. 

Cr + 2 C 6 H 6 —> [(iq 6 -C 6 H 6 ) 2 Cr] 


23.16 Complexes with Cycloheptatriene and 
Cyclooctatetraene Ligands 


If cycloheptatriene, C 7 H 8 , is reacted with hexacarbonylchromium(O), [Cr(CO) 6 ], 
it will replace three carbonyl ligands and add to the metal as a 6-electron donor via 
the three tt bonds. It forms a classic iq 6 -triene with the molecule being folded 
with the CH 2 group directed away from the metal. Under some conditions, an 
H“ can be removed from the cycloheptatriene to form the cycloheptatrienyl- 
ium (tropylium) cation, C 7 H 7 + , which is aromatic and bonds through all seven 
carbon atoms. In this case, the ligand is planar, a 6-electron donor like cyclo- 
hepatriene but bonding as an r\ species. In this situation all of the C—C bond 
lengths are equal, unlike cycloheptatriene. Under other conditions, an H + may 
be removed from the cycloheptatriene species, giving C 7 H 7 - , the cyclohepta- 
trienyl anion, which may then act as an 8-electron donor (Figure 23.35). 

Cyclooctatetraene (Figure 23.36) is a large ligand that may bond as an iq 2 , 
t] 4 , t] 6 , or t] 8 species. In the case of iq 2 , iq 4 , and iq 6 , the ring is puckered. In the iq 8 
species, the ring is planar and is best considered to exist as the C 8 H 8 2_ group. 
Cyclooctatetraene complexes are best prepared from the photochemical reac¬ 
tions of carbonyl compounds: 

[Fe(CO) 5 ] + CgH 8 —► [(T| 8 -C 8 H 8 )Fe(CO) 3 ] + 2 CO 


23.17 Fluxionality 


One of the remarkable features of many complexes with cyclic polyene ligands 
is their structural nonrigidity. For example, the two rings in ferrocene rotate rap¬ 
idly relative to each other. This form of fluxionality is called internal rotation. 

More interesting is the fluxionality that is observed when a polyene ligand is 
attached to the metal by some, but not all, of the carbon atoms. In these cases the 
metal-carbon interaction may hop around the ring. This is known as ring whizzing. 
'H NMR spectroscopy provides evidence of this process. For example, at room 
temperature the NMR spectrum of [(iq 4 -C 8 H 8 )Ru(CO) 3 ] consists of a single sharp 
peak, which might suggest that the ligand is attached by all eight carbons. How¬ 
ever, when the temperature is reduced, the signal broadens to give four peaks, 
which would be expected from the four different hydrogen environments in the 
iq 4 -bonded ligand. At room temperature, the ring whizzing occurs too quickly for 
the NMR experiment to observe the individual environments, so an averaged 
signal is recorded. However, at low temperatures, the ring motion is slowed down, 
and so the NMR experiment can “see” the environment of each hydrogen atom. 



FIGURE 23.34 The 

sandwich compound 

dibenzenechromium(O), 

[(T! 6 -C 6 H 6 ) 2 Cr]. 



M M M 

(a) (b) (c) 

FIGURE 23.35 The ligands 
f a ) r| 6 -cycloheptatriene, C 7 H 7 , 

( b ) T) 7 -cycloheptatrienylium, C 7 H 7 + , 
and (c) T) 7 -cycloheptatrienyl, C 7 H 7 “. 



FIGURE 23.36 

Cyclooctatetraene, C 8 H 8 . 
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23.18 Organometallic Compounds in Industrial Catalysis 


A catalyst increases the rate, and sometimes the selectivity, of a reaction without 
itself being consumed. Catalysts play an important role in the production of 
organic chemicals and petrochemical products and often provide routes to 
cleaner technology. In addition to playing an important economic and environ¬ 
mental role, catalyzed reactions are interesting because the exact reaction path¬ 
ways are by no means certain, and there is still scope for much further research. 
Organometallic compounds are crucial to many of the more important catalytic 
processes. Some of these are described here. 

Acetic Acid Synthesis: The Monsanto and Cativa Processes 

The age-old method for producing acetic acid is by fermentation of ethanol, 
which produces vinegar. However, this is an inefficient way to synthesize 
concentrated acetic acid for industrial applications. The Monsanto Company 
developed a catalytic method for the production of acetic acid by the carbon- 
ylation of methanol. Using a rhodium complex, the method is so successful 
that it is used throughout the world. Over 1 million tonnes of acetic acid are 
produced every year using this Monsanto process. The reaction is highly selec¬ 
tive, goes in high yield, and is extremely fast: 

CH 3 OH + CO Rh cataly - > CH 3 COOH 
The catalytic cycle for the Monsanto process is shown in Figure 23.37. 



The catalyst is the 4-coordinate [RhI 2 (CO) 2 ] _ .This is a 16-electron species and 
is coordinatively unsaturated. The first step in the reaction is the oxidative addition 
of iodomethane to give the 18-electron, 6 -coordinate species. This oxidative addi¬ 
tion to coordinatively unsaturated species is very common in catalytic cycles. 
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That step is followed by migration of the methyl group to the carbonyl group, 
resulting in another 16-electron species, which can gain a carbonyl ligand to 
form an 18-electron species. This species can then lose acetyl iodide, CH 3 COI, 
by reductive elimination, another common step in catalytic cycles. This final step 
regenerates the catalyst, and acetic acid is formed by hydrolysis of the acetyl 
iodide: 

CH 3 COI + H 2 O^CH 3 COOH + HI 

There are two major concerns with the Monsanto process. First, rhodium is an 
expensive catalyst. Second, iodine is cheap but is extremely corrosive. Other 
halogens or halogen substitutes do not work as well. 

In 1996, BP announced a new method for acetic acid manufacture, the 
Cativa process. The new process is based on an iridium catalyst, operates at 
lower water concentrations, and produces less by-products. Consequently, 
high-purity acetic acid is synthesized more cheaply than in the Monsanto pro¬ 
cess. The catalyst is the 4-coordinate [IrI 2 (CO) 2 ] _ , and the mechanism of the 
catalytic process mirrors that of the Monsanto process (Figure 23.38). In the 
Cativa process, the rate-limiting step is the migratory insertion reaction and 
not the oxidative addition step as in the Monsanto process. This means that 
the reaction occurs at a high rate without the need for high concentrations of 
methyl iodide, thus reducing the amounts of propionate by-products. 



Alkene Polymerization: The Ziegler-Natta Catalyst 

The polymerization of alkenes to form polyethylenes is extremely important com¬ 
mercially. The most useful polyethylenes are the stiff, high-density ones that are 
produced via stereospecific polymerization. These polymers are described as iso¬ 
tactic ; since all the branched groups lie on the same side of the polymer chain. This 
regularity leads to efficient packing and a highly ordered, crystalline polymer. 


Me 
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The German chemist Karl Ziegler found that mixing triethylaluminum with 
titanium(IV) chloride in a hydrocarbon solvent gave a brown suspension that 
caused ethene (old name, ethylene) to polymerize to polythene (polyethylene) 
at room temperature and pressure. The high-density polymer formed by this 
route had different uses compared to the low-density form produced by the 
traditional high temperature and very high pressures pathway. Ziegler and the 
Italian chemist Giulio Natta, who utilized this catalyst for the stereospecific po¬ 
lymerization of propene, were awarded a Nobel Prize in 1963 for their develop¬ 
ment of the organoaluminum catalyst (the Ziegler-Natta catalyst). This catalyst is 
now used for the production of about 5 X 10 7 tonnes of polyalkenes per year. 

The catalyst forms a solid mass, so the catalysis is heterogeneous. The reac¬ 
tion takes place at the coordinatively unsaturated titanium centers. The exact 
mechanism is still not entirely known, but the Cosee-Arlmann mechanism is 
widely accepted as a plausible one and is shown in Figure 23.39. 
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FIGURE 23.39 The mechanism for the catalytic cycle for the Ziegler-Natta polymerization 
of ethane. 


Triethylaluminum, A1(CH 2 CH 3 ) 3 , alkylates the titanium species before the 
incoming alkene molecule coordinates to a neighboring vacant site on the tita¬ 
nium. The alkene then undergoes insertion into the A1—C bond, leaving another 
site vacant for coordination of another alkene molecule. The insertion process 
is repeated, thus building the polymer chain. The polymer can ultimately be 
cleaved from the catalyst by (3-hydrogen elimination. (3-Hydrogen elimination 
is the transfer of a (3-hydrogen atom from the alkyl group to the metal. 

Hydrogenation of Alkenes: Wilkinson s Catalyst 

Hydrogenation of alkenes by catalytic processes is used in the manufacture of such 
diverse products as margarine, pharmaceuticals, and petrochemicals. The most 
studied catalytic system for these hydrogenation reactions is [RhCl(PPh 3 ) 3 ], 
which is known as Wilkinson’s catalyst after its discoverer, Sir Geoffrey Wilkinson, 
who was awarded the Nobel Prize in Chemistry in 1973. 
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CH 3 CH 3 



FIGURE 23.40 The catalytic cycle for the hydrogenation of ethene using Wilkinson's 
catalyst, where L = PPh 3 . 


The catalyst hydrogenates a wide range of alkenes at atmospheric or reduced 
pressure. The catalytic cycle involves the oxidative addition of hydrogen to the 
16-electron rhodium(I) species to give an 18-electron rhodium(III) species. A 
phosphine ligand is then lost, giving a coordinatively unsaturated molecule that 
interacts with the alkene. Hydrogen transfer from the rhodium to the alkene is 
followed by reductive elimination of the alkane (Figure 23.40). 

These catalysts can be used in enantioselective reactions. Enantioselective re¬ 
actions produce products that are chiral. In organic chemistry, a chiral compound 
is a compound that has four different groups attached to a carbon atom within 
the molecule. Chiral compounds exist in two isomers called enantio¬ 
mers and are optically active , which means that they rotate the plane 
of polarization of light. (We discussed related coordination isomers in 
Chapter 19, Section 19.4.) In biological chemistry it is very important to 
know which enantiomer is being used, since one isomer may be benefi¬ 
cial, while the other may be inactive or harmful. An important example 
of this is the enantioselective synthesis of L-dopa by the Monsanto 
Company. L-dopa (Figure 23.41) is used in the treatment of Parkinson’s disease. FIGURE 23.41 L-Dopa. 



Hydroformylation 

In a hydroformylation reaction, an alkene reacts with carbon monoxide and 
hydrogen over a rhodium or cobalt catalyst to form an aldehyde containing 
one more carbon atom than the original alkene: 

rch=ch 2 + CO + h 2 catalyst > RCH 2 CH 2 CHO 

The aldehydes that are produced are usually converted to alcohols that go on 
to be utilized in a wide range of products, including solvents, plasticizers, and 
detergents. The reaction produces millions of tonnes of product per year. 
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FIGURE 23.42 The catalytic cycle for a hydroformylation reaction. 


The catalytic cycle for the hydroformylation reaction was first proposed by 
Richard F. Heck and David S. Breslow in 1961. Their cycle, shown in Figure 23.42, 
is still used today, but, as with many other catalytic processes, it has proven dif¬ 
ficult to verify experimentally. 

The catalyst used is of the type [Co 2 (CO) 8 ], and this initially reacts with 
hydrogen to break the Co—Co bond and to form the hydride complex, as 
shown in the following: 

[Co 2 (CO) 8 ] + H 2 ^2 [HCo(CO) 4 ] 

This product then loses carbon monoxide to form [HCo(CO) 3 ], which can then 
coordinate to the alkene. The hydrogen attached to the cobalt inserts into the 
alkene, giving a coordinated alkane. Under high pressures of carbon monoxide, 
the carbonyl inserts into the metal-alkane bond. The aldehyde is finally formed 
by attack of hydrogen, which also regenerates the catalyst. 


KEY IDEAS 

• The electron count on organometallic species is useful in 
predicting stability. 

• The structures of some main group organometallic com¬ 
pounds are analogous to those of hydrogen compounds. 

• Most stable transition metal organometallic compounds 
are 18-electron species. 

• Bonding in transition metal carbonyls involves tt back 
bonding. 


• Infrared spectroscopy is a useful tool for probing the 
structures of carbonyl compounds. 

• The metallocenes are sandwich compounds in which the 
metal lies between two cyclopentadiene rings. 

• Organometallic compounds are important catalysts in 
many industrial processes. 
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EXERCISES 

23.1 Decide whether each of the following compounds 
should be described as organometallic: 

(a) B(CH 3 ) 3 (e) CH 3 COONa 

(b) B(OCH 3 ) 3 (f) Si(CH 3 ) 4 

(c) Na 4 (CH 3 ) 4 (g) SiH(C 2 H 5 ) 3 

(d) N(CH 3 ) 3 

23.2 Name each of the compounds in Exercise 23.1. 

23.3 Write the formula for each of the following species. 
Where appropriate, give the alternative name based on the 
hydrogen compound: 

(a) methylbismuth 

(b) tetraphenylsilicon 

(c) potassium tetraphenylboron 

(d) methyllithium 

(e) ethylmagnesium chloride 

23.4 Sketch the structures of the following compounds: 

(a) Li 4 (CH 3 ) 4 (d) (CH 3 ) 3 SnF 

(b) Be(CH 3 ) 2 (e) (CH 3 ) 3 PbCl 

(c) B(C 2 H 5 ) 3 

23.5 Discuss the difference that you might expect between 
the structures of the two Grignard compounds C 2 H 5 MgBr 
and (2,4,6-(CH 3 ) 3 C 6 H 2 )MgBr. 

23.6 Discuss how the steric features of the alkyl group af¬ 
fect the structures of main group organometallic compounds. 

23.7 Give an example of a transmetallation reaction. 

23.8 Give an example of a halogen exchange reaction. 

23.9 Predict the products of the following reactions: 

(a) CH 3 Br + 2 Li 

(b) MgCl 2 + LiC 2 H 5 -> 

(c) Mg + (C 2 H 5 ) 2 Hg^ 

(d) C 2 H 5 Li + QH 6 —» 

(e) Mg + C 2 H 5 HgCl—^ 

(f) B 2 H 6 + CH 3 CH=CH 2 — 

(g) SnCl 4 + C 2 H 5 MgCl —> 

23.10 Compare the nature of the bonding in the aluminum 
compounds A1 2 C1 6 , A1 2 (CH 3 ) 6 , and Al 2 (CH 3 ) 4 (p.-Cl) 2 . 

23.11 Name each of the following species: 

(a) [Cr(CO) 6 ] 

(b) [(-n 5 -C 5 H 5 ) 2 Fe] 

(c) [(t) 6 -C 6 H 6 )Mo(CO) 3 ] 

(d) [(t! 5 -C 5 H 5 )W(CO) 3 ] 

(e) [Mn(CO) 5 Br] 

23.12 For each of the following compounds, determine 
the formal oxidation state of the transition metal and the 


corresponding number of d electrons. State whether or not 
each one is likely to be stable enough to be characterized. 

(a) [Re(CO) s ] 

(b) [HFe(CO) 4 r 

(c) [(t| 6 -C 5 H 5 ) 2 Fc] 

(d) [(r) 6 -C 6 H 6 ) 2 Cr] 

(e) [('n 5 -C 5 H 5 )ZrCl(OCH 3 )] 

(f) [IrCl(PPh 3 ) 3 ] 

(g) [Mo(CO) 3 (PPh 3 ) 3 ] 

(h) [Fe(CO) 4 (C 2 H 4 )] 

(i) [W(CO) 5 Cl]- 
G) [Ni(CO) 4 ] 

23.13 Deduce the probable formula of the simplest car¬ 
bonyl compounds of chromium, iron, and nickel. Show your 
calculations. 

23.14 Chromium forms two common anionic carbonyls: 
[Cr(CO) 5 ]"“ and [Cr(CO) 4 ] m “. Deduce the probable charges, 
n and m, on these ions. 

23.15 Suggest why [V(CO) 6 ] is easily reduced to [V(CO) 6 ] “. 

23.16 Use the 18-electron rule to predict the number of 
carbonyl ligands, n, in each of the following complexes: 

(a) [Cr(CO)„] 

(b) [Fe(CO)„(PPh 3 ) 2 ] 

(c) [Mo(CO)„(PMe 3 ) 3 ] 

(d) [W (CO)„(t| 6 -C 6 H 6 )] 

23.17 Assuming that each of the following obeys the 
18-electron rule, determine the number of metal-metal bonds 
in each complex. Sketch a possible structure in each case. 

(a) [Mn 2 (CO) 10 ] 

(b) [('n 5 -C 5 H 5 )Mn(CO) 2 ] 2 

(c) p-CO-[(T| 4 -C 4 H 4 )Fe(CO) 2 ] 2 

(d) (|x-Br) 2 -[Mn(CO) 4 ] 2 

23.18 Consider each pair of carbonyl complexes. In each 
case decide which one would have the lower infrared CO 
stretching frequency. Explain your choice. 

(a) [Fe(CO) 5 ] and [Fe(CO) 4 Cl] 

(b) [Mo(CO) 6 ] and [Mo(CO) 4 (PPh 3 ) 2 ] 

(c) [Mo(CO) 4 (PPh 3 ) 2 ] and [Mo(CO) 4 (PMe 3 ) 2 ] 

23.19 Predict the products from each of the following 
reactions: 

(a) [Cr(CO) 6 ] + CH 3 CN —» 

(b) [Mn 2 (CO) 10 ] + FI 2 —» 

(c) [Mo(CO) 6 ] 

+ (CH 3 ) 2 PCH 2 CH 2 P(Ph)CH 2 CH 2 P(CH 3 ) 2 

(d) [Fe(CO) 5 ] + 1,3-cyclohexadiene —> 

(e) Na[Mn(CO) 5 ] + CH 2 =CHCH 2 C1 
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(f) [Cr(CO) 6 ] + C 6 H 6 ^ 

(g) [PtCl 2 (PMe 3 ) 2 ] + LiCH 2 CH 2 CH 2 CH 2 Li 

(h) [Ni(CO) 4 ] + PF 3 —> 

(i) [Mn 2 (CO) 10 ] + Br 2 

(j) [HMn(CO) 5 ] + C0 2 -> 

23.20 The compound [IrCl(CO)(PPh 3 ) 2 ], Vaska’s com¬ 
pound, is used for the study of oxidative addition processes. 
What is the formal oxidation number of iridium in this 
compound? 

23.21 Iridium forms a compound [Ir(C 5 H 5 )(H 3 )(PPh 3 )] + . 
Two possible structures were proposed, one containing 
three separate hydride ions and the other containing the 
unusual trihydrogen ligand, H 3 . 


(a) What would be the oxidation state of the iridium 
if the compound contained three hydride ions? 

(b) If the compound contained a single H 3 ligand 
and the iridium had the same oxidation state as that 
in Vaska’s compound (Exercise 23.20), what would 
be the charge on the H 3 unit? By comparison with 
diborane, suggest why this trihydrogen ion might in¬ 
deed exist. 

23.22 Predict the products from the oxidative addition 
reactions of 

(a) dihydrogen (c) hydrogen chloride 

(b) dinitrogen (d) dioxygen 

to Vaska’s compound, trara , -[IrCl(CO)(PPh 3 ) 2 ]. 


BEYOND THE BASICS 

23.23 When nickelocene, [(T) 5 -C 5 H 5 ) 2 Ni], and tetracar- 
bonyl-nickel, [Ni(CO) 4 ], are refluxed together in benzene 
in a 1:1 molar ratio, the product is a red-purple crystal¬ 
line compound. This compound has the empirical formula 
C 6 H 5 ONi and has a relative molecular mass of 302. Suggest 
a possible structure for the compound. 

23.24 When molybdenum hexacarbonyl is reacted with an 
excess of acetonitrile, CH 3 CN, a pale yellow product, A, is 
formed. 

When compound A is refluxed with benzene, the 
pale yellow product, B, is obtained, which has the molecular 
formula C 9 H 6 0 3 Mo and shows a sharp singlet at 5.5 ppm in 
the 1 H NMR spectrum. 

When compound A is refluxed with 1,3,5,7-cyclo- 
octatetraene in hexane, compound C is produced, which 
has the molecular formula C n H 8 0 3 Mo. 

Use this information to identify compounds A, B, 
and C and suggest a name for each of them. 

23.25 Sodium tricarbonyl(pentahaptocyclopentadienyl) 
tungsten(O) reacts with 3-chloropropene to give a solid, A, 
which has the molecular formula (C 3 H 5 )(C 5 H 5 )(CO) 3 W. 
This compound loses carbon monoxide on exposure to 
light and forms the compound B, which has the formula 
(C 3 H 5 )(C 5 H 5 )(CO) 2 W. Treating compound A with hydrogen 
chloride and then potassium hexafluorophosphate, K + [PF 6 ]~, 
results in the formation of a salt, C. Compound C has the 


molecular formula [(C 3 H 6 )(C 5 H 5 )(CO) 3 W][PF 6 ]. When this 
is left to stand for some time, a hydrocarbon is produced. 

Use this information and the 18-electron rule to 
identify the compounds A, B, and C. Show how the hydro¬ 
carbon interacts with the metal in each case. Name each of 
the compounds and identify the hydrocarbon formed. 

23.26 Draw the catalytic cycle for the Ziegler-Natta 
polymerization of propene. What do you notice about the 
polymer that is formed? 

23.27 Predict what the product would be if carbon disul¬ 
fide were interacted with the Ziegler-Natta titanium species. 
{Hint: Consider the structure of carbon disulfide, S=C=S.) 

23.28 The trend in the rate of hydrogenation of some 
alkenes by Wilkinson’s catalyst is given in the following: 

Cyclohexene > hexane > c/s-4-methyl-2-pentene 

> 1-methylcyclohexene 

Explain this trend and identify the step in the catalytic cycle 
that is most affected. 

23.29 When [Mn 2 (CO) 10 ] is reacted with chlorine gas, 
compound A is formed. When compound A is reacted with 
NaC 5 H 5 , product B is obtained. A also reacts with cyclo- 
octatetraene to give compound C. Sketch the structure of 
each of the compounds A, B, and C and demonstrate that 
they each satisfy the 18-electron rule. 


ADDITIONAL RESOURCES 


For answers to odd-numbered questions: www.whfreeman.com/descriptive5e 




APPENDIX 1 


Thermodynamic Properties of Some 
Selected Inorganic Compounds 


As thermodynamic data are experimental, their values differ from one source 
to another. A consistent set of values has been used here, summarized from 
G. Aylward and T. Findlay, SI Chemical Data, 3d ed. (New York: Wiley, 1994). 


Compound 


AH° 

S e 

AG e 

name 

Formula 

(kJ-mol -1 ) 

(J-molkK 1 ) 

(kJ-mol -1 ) 

Aluminum 

Al(.v) 

0 

+28 

0 


Al(g) 

+330 

+ 165 

+290 


A1 3+ (aq) 

-538 

-325 

-492 

aluminate ion 

Al(OH) 4 ~(aq) 

-1502 

+ 103 

-1305 

bromide 

AlBr 3 (s) 

-511 

+ 180 

-489 

carbide 

A1 4 C 3 (.v) 

-209 

+89 

-196 

chloride 

A1C1 3 (s) 

-704 

+ 111 

-629 

chloride hexahydrate 

A1C1 3 -6H 2 0(s) 

-2692 

+318 

-2261 

fluoride 

A1F 3 (s) 

-1510 

+66 

-1431 

iodide 

AU 3 (s) 

-314 

+ 159 

-301 

nitride 

AlN(s) 

-318 

+20 

-287 

oxide 

A1 2 0,(.v) 

-1676 

+51 

-1582 

phosphate 

A1P0 4 (s) 

-1734 

+91 

-1618 

sulfate 

A1 2 (S0 4 ) 3 (.v) 

-3441 

+239 

-3100 

Ammonium 

NH 4 + (a ? ) 

-133 

+ 111 

-79 

bromide 

NH 4 Br(s) 

-271 

+ 113 

-175 

chloride 

NH 4 C1(s) 

-314 

+95 

-203 

fluoride 

NH 4 F(s) 

-464 

+72 

-349 

iodide 

NH 4 I(s) 

-201 

+ 117 

-113 

nitrate 

NH 4 N0 3 (s) 

-366 

+ 151 

-184 

sulfate 

(nh 4 ) 2 so 4 (5) 

-1181 

+220 

-902 

vanadate 

NH 4 V0 3 (s) 

-1053 

+ 141 

-888 

Antimony 

Sb(,s) 

0 

+46 

0 


Sb(g) 

+262 

+ 180 

+222 

pentachloride 

SbCl 5 (/) 

-440 

+301 

-350 

pentaoxide 

Sb 2 0 5 (s) 

-972 

+ 125 

-829 

tribromide 

SbBr 3 (s) 

-259 

+207 

-239 

trichloride 

sba 3 (s) 

-382 

+ 184 

-324 

trihydride 

SbH 3 ( g) 

+ 145 

+233 

+148 

triiodide 

SbUs) 

-100 

+215 

-99 

trioxide 

Sb 2 0 3 (s) 

-720 

+ 110 

-634 

trisulfide 

Sb 2 S 3 (.v) 

-175 

+ 182 

-174 

Arsenic 

As(s) (gray) 

0 

+35 

0 


As(g) 

+302 

+ 174 

+261 

pentafluoride 

AsF 5 ( g) 

-1237 

+317 

-1170 
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Compound 


A H e 

S e 

AG e 

name 

Formula 

(kJ-mol -1 ) 

(Jmol^K 1 ) 

(kJ-mol -1 ) 

pentoxide 

As 2 O 5 0) 

-925 

+ 105 

-782 

tribromide 

AsBr 3 (.s) 

-130 

+364 

-159 

trichloride 

AsC1 3 (/) 

-305 

+216 

-259 

trifluoride 

AsF 3 (Z) 

-786 

+289 

-771 

trihydride (arsine) 

AsFI 3 (g) 

+66 

+223 

+69 

triiodide 

AsI 3 (.v) 

-58 

+213 

-59 

trioxide 

As 2 0 3 (s) 

-657 

+ 107 

-576 

trisulfide 

As 2 S 3 (s) 

-169 

+ 164 

-169 

Barium 

Ba(s) 

0 

+63 

0 


Ba (g) 

+ 180 

+ 170 

+ 146 


Ba 2+ (aq) 

-538 

+ 10 

-561 

bromide 

BaBr 2 (s) 

-757 

+ 146 

-737 

carbonate 

Ba( ’( ); (v ) 

-1216 

+ 112 

-1138 

chloride 

BaCl 2 (s) 

-859 

+ 124 

-810 

chloride dihydrate 

BaCl 2 -2H 2 0(s) 

-1460 

+203 

-1296 

fluoride 

BaF 2 (s) 

-1207 

+ 96 

-1157 

hydroxide 

Ba(OH) 2 (s) 

-945 

+ 101 

-856 

hydroxide octahydrate 

Ba(0H) 2 -8H 2 0(s) 

-3342 

+427 

-2793 

iodide 

Bal 2 (.v) 

-605 

+ 165 

-601 

nitrate 

Ba(N0 3 ) 2 (s) 

-992 

+214 

-797 

nitride 

Ba 3 N 2 (s) 

-363 

+ 152 

-292 

oxide 

BaO(s) 

-554 

+70 

-525 

peroxide 

Ba0 2 (.s) 

-634 



sulfate 

BaS0 4 (s) 

-1473 

+ 132 

-1362 

sulfide 

BaS(s) 

-460 

+78 

-456 

Beryllium 

Be(s) 

0 

+9 

0 


B e(g) 

+324 

+ 136 

+287 


B e 2+ (aq) 

-383 

-130 

-380 

bromide 

BeBr 2 (s) 

-356 

+ 100 

-337 

chloride 

BeCl 2 (s) 

-490 

+ 83 

-445 

fluoride 

BeF 2 (s) 

-1027 

+53 

-979 

hydroxide 

Be(OH) 2 (s) 

-903 

+52 

-815 

iodide 

Bel 2 (.v) 

-189 

+ 120 

-187 

oxide 

BeO(s) 

-609 

+ 14 

-580 

Bismuth 

Bi(s) 

0 

+57 

0 

chloride 

BiCl 3 (s) 

-379 

+ 177 

-315 

oxide 

Bi 2 0 3 (,s) 

-574 

+ 151 

-494 

oxide chloride 

BiOCl(s) 

-367 

+ 120 

-322 

sulfide 

Bi 2 S 3 (.vj 

-143 

+200 

-141 

Boron 

B(s) 

0 

0 

6 


B(g) 

+565 

+ 153 

+521 

boric acid 

H 3 B0 3 (s) 

-1095 

+ 90 

-970 

carbide 

B 4 C(,s) 

-71 

+27 

-71 

decaborane(14) 

BioH 14 (g) 

+32 

+353 

+216 

diborane 

B 2 H 6 ( g) 

+36 

+232 

+87 

nitride 

BN(s) 

-254 

+ 15 

-228 

pentaborane(9) 

B 5 H 9 (/) 

+43 

+ 184 

+ 172 

tribromide 

BBr 3 (Z) 

-240 

+230 

-238 

trichloride 

BCl 3 (g) 

-404 

+290 

-389 
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Compound 


A// e 

S e 

AG e 

name 

Formula 

(Mmol 1 ) 

(Jrnor^K -1 ) 

(kJ-mol -1 ) 

trifluoride 

BF 3 (g) 

-1136 

+254 

-1119 

trioxide (di-) 

B 2 0 3 W 

-1273 

+54 

-1194 

trisulfide (di-) 

B 2 S 3 M 

-252 

+92 

-248 

Bromine 

Br 2 (/) 

0 

+ 152 

0 


Br 2 (g) 

+31 

+245 

+3 


Br(g) 

+112 

+ 175 

+82 


Br ( aq) 

-121 

+83 

-104 

bromate ion 

Br0 3 (aq) 

-67 

+ 162 

+ 19 

hypobromite ion 

BrO ~(aq) 

-94 

+42 

-33 

monochloride 

BrCl(g) 

+15 

+240 

-1 

monofluoride 

BrF(g) 

-94 

+229 

-109 

pentafluoride 

BrF 5 (, ? ) 

-429 

+320 

-351 

trifluoride 

BiFj(, ? ) 

-256 

+293 

-229 

Cadmium 

Cd(s') 

0 

+52 

0 


Cd(g) 

+112 

+ 168 

+77 


Cd 2+ (aq) 

-76 

-73 

-78 

bromide 

CdBr 2 (s) 

-316 

+ 137 

-296 

carbonate 

CdC0 3 (s) 

-751 

+92 

-669 

chloride 

CdCl 2 (s) 

-391 

+ 115 

-344 

fluoride 

CdF 2 (s) 

-700 

+77 

-648 

hydroxide 

Cd(OH) 2 (.) 

-561 

+96 

-474 

iodide 

Cdl 2 (j) 

-203 

+ 161 

-201 

nitrate 

Cd(N0 3 ) 2 (s) 

-456 



oxide 

CdO(i) 

-258 

+55 

-228 

sulfate 

CdS0 4 (s) 

-933 

+ 123 

-823 

sulfide 

CdS(s') 

-162 

+65 

-156 

Calcium 

Ca(s) 

0 

+42 

0 


Ca(g) 

+ 178 

+ 155 

+ 144 


Ca 2+ (aq) 

-543 

-56 

-553 

bromide 

CaBr 2 (s) 

-683 

+ 130 

-664 

carbide 

CaC 2 (s) 

-60 

+70 

-65 

carbonate 

CaC0 3 (s) (calcite) 

-1207 

+93 

-1129 

chloride 

CaCl 2 (s) 

-796 

+ 105 

-748 

fluoride 

CaF 2 (s) 

-1220 

+69 

-1167 

hydride 

CaH 2 (^) 

-186 

+42 

-147 

hydroxide 

Ca(OH) 2 (s) 

-986 

+83 

-898 

iodide 

Cal 2 (s) 

-533 

+ 142 

-529 

nitrate 

Ca(N0 3 ) 2 (s) 

-938 

+ 193 

-743 

oxide 

CaO(s) 

-635 

+38 

-603 

phosphate 

Ca 3 (P0 4 ) 2 (s) 

-4121 

+236 

-3885 

silicate 

CaSi0 3 (s) 

-1567 

+82 

-1499 

sulfate 

CaS0 4 (s') 

-1434 

+ 107 

-1332 

sulfate hemihydrate 

CaS0 4 * 2 H 2 0(5) 

-1577 

+ 131 

-1437 

sulfate dihydrate 

CaS0 4 -2F[ 2 0(s) 

-2023 

+ 194 

-1797 

sulfide 

CaS(s) 

-482 

+56 

-477 

Carbon 

C(s) (graphite) 

0 

+6 

0 


C(s) (diamond) 

+2 

+2 

+3 


C(s) 

+717 

+ 158 

+671 

carbonate ion 

C0 3 2 (aq) 

-675 

-50 

-528 
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Compound 


A H e 

S e 

AG 0 

name 

Formula 

(kJmoF 1 ) 

(Jmol^K 1 ) 

(kJ*mol - 

chloride (-yl) 





(phosgene) 

coci 2 (g) 

-219 

+284 

-205 

cyanide ion 

CN ( aq ) 

+151 

+94 

+172 

dioxide 

co 2 (g) 

-394 

+214 

-394 

dioxide 

CO 2 (aq) 

-413 

+119 

-386 

disulfide 

CS 2 (/) 

+ 90 

+ 151 

+65 

ethane 

C 2 H 6 ( g) 

-85 

+230 

-33 

hydrogen 





carbonate ion 

HC0 3 “(ag) 

-690 

+98 

-587 

methane 

CH 4 (g) 

-75 

+ 186 

-51 

monoxide 

CO(g) 

-111 

+ 198 

-137 

tetrabromide 

CBr 4 (s) 

+ 19 

+213 

+48 

tetrachloride 

CC1 4 (/) 

-135 

+216 

-65 

tetrafluoride 

CF 4 (g) 

-933 

+262 

-888 

thiocyanate ion 

NCS (aq) 

+76 

+ 144 

+ 93 

Cesium 

Cs (s) 

0 

+85 

0 


Cs(g) 

+76 

+176 

+49 


Cs + (aq) 

-258 

+ 132 

-291 

bromide 

CsBr(s) 

-406 

+113 

-391 

carbonate 

Cs 2 C0 3 (s) 

-1140 

+204 

-1054 

chloride 

CsCl(s) 

-443 

+ 101 

-415 

fluoride 

CsF(s) 

-554 

+93 

-526 

iodide 

Csl($) 

-347 

+ 123 

-341 

nitrate 

CsN0 3 (s) 

-506 

+ 155 

-407 

sulfate 

Cs 2 S0 4 (s) 

-1443 

+212 

-1324 

Chlorine 

ci 2 (g) 

0 

+223 

0 


Cl 2 (aq) 

-23 

+ 121 

+7 


Cl (g) 

+121 

+ 165 

+ 105 


Cl (aq) 

-167 

+57 

-131 

chlorate ion 

C10 3 (aq) 

-104 

+ 162 

-8 

dioxide 

cio 2 (g) 

+102 

+257 

+ 120 

hypochlorite ion 

CIO (aq) 

-107 

+42 

-37 

monofluoride 

ClF(g) 

-54 

+218 

-56 

oxide (di-) 

Cl 2 0(g) 

+ 80 

+266 

+ 98 

perchlorate ion 

C10 4 (aq) 

-128 

+ 184 

-8 

trifluoride 

ClF 3 (g) 

-163 

+282 

-123 

Chromium 

Cr (s) 

0 

+24 

0 


Cr(g) 

+397 

+ 175 

+352 


Cr 2+ (aq) 

-139 


-165 


Cr 3+ (aq) 

-256 


-205 

(II) chloride 

CrCl 2 (s) 

-395 

+115 

-356 

(III) chloride 

CrCl 3 (s) 

-556 

+ 123 

-486 

chromate ion 

Cr0 4 (aq) 

-881 

+50 

-728 

dichromate ion 

Cr 2 0 7 2 (aq) 

-1490 

+262 

-1301 

(III) oxide 

Cv 2 0 3 (s) 

-1140 

+81 

-1058 

(VI) oxide 

Cr0 3 (s) 

-580 

+72 

-513 

(III) sulfate 

Cr 2 (S0 4 )3(5) 

-2911 

+259 

-2578 

Cobalt 

Co(s) 

0 

+30 

0 


Co(g) 

+425 

+ 180 

+380 
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Compound 


A H e 

S e 

AG e 

name 

Formula 

(Mmol 1 ) 

(J-molFK -1 ) 

(Mmol 1 ) 


C 0 2+ (aq) 

-58 

-113 

-54 


C 0 3+ (aq) 

+92 

-305 

+ 134 

(II) carbonate 

CoC0 3 (s) 

-713 

+89 

-637 

(II) chloride 
(II) chloride 

CoC\ 2 (s) 

-313 

+ 109 

-270 

hexahydrate 

CoC1 2 -6H 2 0(s) 

-2115 

+343 

-1725 

(II) hydroxide 

Co(OH) 2 (i) (pink) 

-540 

+79 

-454 

(II) oxide 

CoO(s) 

-238 

+53 

-214 

(II) sulfate 
(II) sulfate 

CoS0 4 (s) 

-888 

+ 118 

-782 

heptahydrate 

CoS0 4 -7H 2 0(s) 

-2980 

+406 

-2474 

Copper 

Cu(s) 

0 

+33 

0 


Cu (g) 

+337 

+ 166 

+298 


Cu + (aq) 

+72 

+41 

+50 


Cu 2+ {aq) 

+65 

-98 

+65 

(I) chloride 

CuCl(s) 

-137 

+86 

-120 

(II) chloride 

CuCl 2 (s) 

-220 

+ 108 

-176 

(II) chloride dihydrate 

CuC1 2 -2H 2 0(s) 

-821 

+ 167 

-656 

(II) hydroxide 

Cu(OH) 2 (s) 

-450 

+ 108 

-373 

(I) oxide 

Cu 2 0(s) 

-169 

+93 

-146 

(II) oxide 

CuO(s) 

-157 

+43 

-130 

(II) sulfate 
(II) sulfate 

CuS0 4 (s) 

-771 

+ 109 

-662 

pentahydrate 

CuS0 4 *5H 2 0(s) 

-2280 

+300 

-1880 

(I) sulfide 

Cu 2 S(s) 

-80 

+ 121 

-86 

(II) sulfide 

CuS(s') 

-53 

+67 

-54 

Fluorine 

F 2 (g) 

0 

+203 

0 


F(g) 

+79 

+ 159 

+62 


F ~(aq) 

-335 

-14 

-281 

Gallium 

Ga ( 5 ) 

0 

+41 

0 


Ga(g) 

+277 

+ 169 

+239 


Ga 3+ (aq) 

-212 

-331 

-159 

bromide 

GaBr 3 (s) 

-387 

+ 180 

-360 

chloride 

GaCl 3 (s) 

-525 

+ 142 

-455 

fluoride 

GaF 3 (s') 

-1163 

+84 

-1085 

iodide 

Gal 3 (s) 

-239 

+204 

-236 

oxide 

Ga 2 0 3 (s) 

-1089 

+85 

-998 

Germanium 

Ge(s') 

0 

+31 

0 


Ge(g) 

+372 

+ 168 

+331 

dioxide 

GeO(i) 

-262 

+50 

-237 

tetrachloride 

GeCl 4 (g) 

-496 

+348 

-457 

tetroxide 

Ge0 2 (s) 

-580 

+40 

-521 

Hydrogen 

H 2 (g) 

0 

+ 131 

0 


H(g) 

+218 

+ 115 

+203 


H \a q ) 

0 

0 

0 

bromide 

HBr(g) 

-36 

+ 199 

-53 

chloride 

HCl(g) 

-92 

+ 187 

-95 

fluoride 

HF(g) 

-273 

+ 174 

-275 
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Compound 


A H e 

S e 

AG e 

name 

Formula 

(kJ-mol -1 ) 

(Jmol^K 1 ) 

(kJ-mol -1 ) 

hydrobromic acid 

HBr (aq) 

-122 

+82 

-104 

hydrochloric acid 

HC1 (aq) 

-167 

+56 

-131 

hydrofluoric acid 

HF(aq) 

-333 

-14 

-279 

hydroiodic acid 

HI (aq) 

-55 

+ 111 

-52 

iodide 

HI(g) 

+26 

+207 

+2 

oxide (water) 

h 2 0(/) 

-286 

+70 

-237 


H 2 0(g) 

-242 

+ 189 

-229 

hydroxide ion 

OH (aq) 

-230 

-11 

-157 

peroxide 

H 2 0 2 (/) 

-188 

+ 110 

-120 

selenide 

H 2 Se(g) 

+30 

+219 

+ 16 

sulfide 

H 2 S(g) 

-21 

+206 

-34 

telluride 

H 2 Te(g) 

+ 100 

+229 

+85 

Indium 

In(.v) 

0 

+58 

0 


In(g) 

+243 

+ 174 

+209 


In 3+ (flg) 

-105 

-151 

-98 

(I) chloride 

InCl(s) 

-186 

+ 95 

-164 

(III) chloride 

InCl 3 (i) 

-537 

+ 141 

-462 

oxide 

ln 2 0 3 (i) 

-926 

+ 104 

-831 

Iodine 

I 2 (») 

0 

+ 116 

0 


h (g) 

+62 

+261 

+ 19 


I (*) 

+ 107 

+ 181 

+70 


I (aq) 

-55 

+ 106 

-52 

iodate ion 

IO f (aq) 

-221 

+ 118 

-128 

heptafluoride 

IF 7 (e) 

-944 

+346 

-818 

monochloride 

ICl(g) 

+ 18 

+248 

-5 

triiodide ion 

I 3 (aq) 

-51 

+239 

-51 

Iron 

Fe(i) 

0 

+27 

0 


Fe(g) 

+416 

+ 180 

+371 


F S 2+ (aq) 

-89 

-138 

-79 


Fe 3+ (a 9 ) 

-49 

-316 

-5 

(II) carbonate 

FeC0 3 (s) 

-741 

+ 93 

-667 

(II) chloride 

FeCl 2 (s) 

-342 

+ 118 

-302 

(III) chloride 

FeCl 3 (s) 

-399 

+ 142 

-334 

(II) disulfide 

FeS 2 (i) (pyrite) 

-178 

+53 

-167 

(II) hydroxide 

Fe(OH) 2 (.s) 

-569 

+ 88 

-487 

(III) hydroxide 

Fe(OH) 3 (.s) 

-823 

+ 107 

-697 

(II) oxide 

FeO(i) 

-272 

+61 

-251 

(II)(III) oxide 

Fe 3 0 4 (i) 

-1118 

+ 146 

-1015 

(III) oxide 

Fe 2 0 3 (i) 

-824 

+87 

-742 

(II) sulfate 
(II) sulfate 

FeS0 4 (s) 

-928 

+ 108 

-821 

heptahydrate 

FeS0 4 -7H 2 0(s) 

-3015 

+409 

-2510 

(III) sulfate 

Fe 2 (S0 4 ) 3 ( 4 ) 

-2582 

+308 

-2262 

(II) sulfide 

FeS(.v) 

-100 

+60 

-100 

Lead 

Pb(v) 

Pb(g) 

0 

+ 196 

+65 

0 


Pb 2+ (aq) 

+1 

+ 18 

-24 

(II) carbonate 

PbCO 3 ( 4 ) 

-699 

+ 131 

-626 

(II) chloride 

PbCI 2 (.s) 

-359 

+ 136 

-314 
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Compound 


A H e 

S e 

AG e 

name 

Formula 

(kJ-mol -1 ) 

(JmoF^K -1 ) 

(kJ-mol -1 ) 

(IV) chloride 

PbCl 4 (g) 

-552 

+382 

-492 

(II) oxide 

PbO (s) 

-217 

+69 

-188 

(IV) oxide 

Pb0 2 (s) 

-277 

+69 

+217 

(II) sulfate 

PbS0 4 (s) 

-920 

+ 149 

-813 

(II) sulfide 

PbSO) 

-100 

+91 

-99 

Lithium 

Li M 

0 

+29 

0 


Li(g) 

+ 159 

+ 139 

+ 127 


Li + (aq) 

-278 

+ 12 

-293 

bromide 

LiBr(s) 

-351 

+74 

-342 

carbonate 

Li 2 CC>3(s) 

-1216 

+90 

-1132 

chloride 

UC\(s) 

-409 

+59 

-384 

fluoride 

LiF(s) 

-616 

+36 

-588 

hydride 

LiH(s) 

-91 

+20 

-68 

hydroxide 

LiOH(s) 

-479 

+43 

-439 

iodide 

Lil(s') 

-270 

+87 

-270 

nitrate 

UN0 3 (s) 

-483 

+90 

-381 

nitride 

u 3 N(s) 

-164 

+63 

-128 

oxide 

Li 2 0(?) 

-598 

+38 

-561 

sulfate 

Li 2 S0 4 (s) 

-1436 

+ 115 

-1322 

sulfide 

U 2 S(s) 

-441 

+61 

-433 

tetrahydridoaluminate 

LiAlH 4 (s) 

-116 

+79 

-45 

Magnesium 

Mg(s) 

0 

+33 

0 


Mg(g) 

+ 147 

+ 149 

+ 112 


M g 2+ (aq) 

-467 

-137 

-455 

bromide 

MgBr 2 (s) 

-524 

+ 117 

-504 

carbonate 

MgCO 3 (s) 

-1096 

+66 

-1012 

chloride 

MgCl 2 (s) 

-641 

+90 

-592 

chloride hexahydrate 

MgCl 2 -6H 2 0 (s) 

-2499 

+366 

-2115 

fluoride 

MgF 2 0) 

-1124 

+57 

-1071 

hydride 

MgH 2 (.s) 

-75 

+31 

-36 

hydroxide 

Mg(OH) 2 (5) 

-925 

+63 

-834 

iodide 

Mgl 2 (5) 

-364 

+ 130 

-358 

nitrate 

Mg(NO 3 ) 2 ( 5 ) 

-791 

+ 164 

-589 

nitrate hexahydrate 

Mg(N0 3 ) 2 -6H 2 0(.) 

-2613 

+452 

-2080 

nitride 

Mg 3 N 2 (,) 

-461 

+88 

-401 

oxide 

MgO(^) 

-602 

+27 

-569 

sulfate 

MgS0 4 (,) 

-1285 

+92 

-1171 

sulfate heptahydrate 

MgS0 4 -7H 2 0(s) 

-3389 

+372 

-2872 

sulfide 

MgS(s) 

-346 

+50 

-342 

Manganese 

Mn(s) 

0 

+32 

0 


Mn(g) 

+281 

+ 174 

+238 


Mn 2+ (a^) 

-221 

-74 

-228 

(II) carbonate 

MnC0 3 (s) 

-894 

+86 

-817 

(II) chloride 

MnCl 2 (s) 

-481 

+ 118 

-441 

(II) fluoride 

MnF 2 (s) 

-803 

+92 

-761 

(III) fluoride 

MnF 3 (s) 

-1004 

+ 105 

-935 

(II) hydroxide 

Mn(OH) 2 (s) 

-695 

+99 

-615 

(II) oxide 

MnO(s) 

-385 

+60 

-363 

(III) oxide 

Mn 2 0 3 (s) 

-959 

+ 110 

-881 

(IV) oxide 

MnQ 2 W 

-520 

+53 

-465 


A-8 APPENDIX 1 


• Thermodynamic Properties of Some Selected Inorganic Compounds 


Compound 


A H e 

S e 

AG e 

name 

Formula 

(kJ-mol -1 ) 

(Jmol^K 1 ) 

(kJ-mol -1 ) 

permanganate ion 

Mn0 4 ( aq ) 

-541 

+ 191 

-447 

(II) sulfate 

MnS0 4 (s) 

-1065 

+ 112 

-957 

(II) sulfide 

MnS(s) 

-214 

+78 

-218 

Mercury 

Hg(/) 

0 

+76 

0 


Hg(g) 

+61 

+ 175 

+32 


Hg 2 2+ (aq) 

+ 167 

+66 

+154 


H g 2+ (aq) 

+ 170 

-36 

+165 

(I) chloride 

Hg 2 Cl 2 (s) 

-265 

+ 192 

-211 

(II) chloride 

HgCl 2 ( S ) 

-224 

+ 146 

-179 

(II) oxide 

HgO ( S ) 

-91 

+70 

-59 

(I) sulfate 

Hg 2 S0 4 (s) 

-743 

+201 

-626 

(II) sulfate 

HgS0 4 (s) 

-708 

+ 140 

-595 

Nickel 

Ni(s') 

0 

+30 

0 


Ni(g) 

+430 

+ 182 

+385 


Ni 2+ (ag) 

-54 

-129 

-46 

(II) bromide 

NiBr 2 (s) 

-212 

+ 136 

-198 

(II) carbonate 

NiC0 3 (5) 

-681 

+ 118 

-613 

(II) chloride 
(II) chloride 

NiCl 2 (j) 

-305 

+ 98 

-259 

hexahydrate 

NiCl 2 -6H 2 0(s) 

-2103 

+344 

-1714 

(II) fluoride 

NiF 2 (s) 

-651 

+74 

-604 

(II) hydroxide 

Ni(OH) 2 (s) 

-530 

+ 88 

-447 

(II) iodide 

Nil 2 ( s ) 

-78 

+ 154 

-81 

(II) oxide 

NiO (s) 

-240 

+38 

-212 

(II) sulfate 
(II) sulfate 

NiS0 4 (s) 

-873 

+ 92 

-760 

heptahydrate 

NiS0 4 -7H 2 0(s) 

-2976 

+379 

-2462 

(II) sulfide 

NiS(j) 

-82 

+53 

-80 

tetracarbonyl(O) 

Ni(CO) 4 (/) 

-633 

+313 

-588 

Nitrogen 

N 2 (g) 

0 

+ 192 

0 


N(g) 

+473 

+ 153 

+456 

ammonia 

NH 3 (g) 

-46 

+ 193 

-16 

azide ion 

N 3 (aq) 

+275 

+ 108 

+348 

dinitrogen oxide 

N 2 0 (g) 

+ 82 

+220 

+104 

dinitrogen pentoxide 

N 2 0 5 (g) 

+ 11 

+356 

+115 

dinitrogen tetroxide 

N 2 0 4 (g) 

+9 

+304 

+ 98 

dinitrogen trioxide 

N 2 0 3 (g) 

+ 84 

+312 

+139 

hydrazine 

N 2 H 4 (/) 

+51 

+ 121 

+149 

hydrogen azide 

hn 3 (/) 

+264 

+ 141 

+327 

hydrogen nitrate 

HN0 3 (/) 

-174 

+ 156 

-81 

nitrate ion 

NO 3 ~(aq) 

-207 

+ 147 

-111 

nitrite ion 

NO 2 ~(aq) 

-105 

+ 123 

-32 

nitrogen dioxide 

NO 2 (g) 

+33 

+240 

+51 

nitrogen monoxide 

NO(g) 

+ 90 

+211 

+ 87 

Oxygen 

0 2 (g) 

0 

+205 

0 


0 3 (g) 

+ 143 

+239 

+163 


O(s) 

+249 

+ 161 

+232 


o "(g) 

+ 102 

+ 158 

+ 92 

difluoride 

OF 2 (g) 

+25 

+247 

+42 
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Compound 


A H e 

S e 

A G e 

name 

Formula 

(kJ-mol -1 ) 

(JmoF^K -1 ) 

(kJ-mol -1 ) 

Phosphorus 

P 4 (s) (white) 

0 

+41 

0 


PM (red) 

-18 

+23 

-12 


P 4 (s) 

+59 

+280 

+24 


P(*) 

+317 

+ 163 

+278 

hydrogen phosphate 

H 3 P0 4 (s) 

-1279 

+ 110 

-1119 

pentachloride 

PCl 5 (g) 

-375 

+365 

-305 

pentafluoride 

PF 5 (g) 

-1594 

+301 

-1521 

phosphate ion 

PO 4 ~(aq) 

-1277 

-220 

-1019 

phosphoryl chloride 
tetraphosphorus 

poa 3 (o 

-597 

+222 

-521 

decaoxide 

P 4 O 10 M 

-2984 

+229 

-2700 

trichloride 

PC1 3 (/) 

-320 

+217 

-272 

trifluoride 

PF 3 (g) 

-919 

+273 

-898 

trihydride (phosphine) 

PH 3 ( g ) 

+5 

+210 

+ 13 

Potassium 

K(s) 

0 

+65 

0 


K (g) 

+89 

+ 160 

+61 


K + (aq) 

-252 

+ 101 

-284 

bromide 

KBr(s) 

-394 

+96 

-381 

carbonate 

K 3 C0 3 (5) 

-1151 

+ 156 

-1064 

chlorate 

KC10 3 (.) 

-398 

+ 143 

-296 

chloride 

KC1M 

-437 

+83 

-409 

chromate 

K 2 Cr0 4 (s) 

-1404 

+200 

-1296 

cyanide 

KCN(s) 

-113 

+ 128 

-102 

dichromate 

K 2 Cr 2 0 7 (s) 

-2062 

+291 

-1882 

dioxide(2-) (peroxide) 
dioxide (1-) 

k 2 o 2 m 

-494 

+ 102 

-425 

(superoxide) 

ko 2 m 

-285 

+ 117 

-239 

fluoride 

KF(s) 

-567 

+67 

-538 

hydride 

KH(j) 

-58 

+50 

-53 

hydrogen carbonate 

khco 3 w 

-963 

+ 116 

-864 

hydrogen sulfate 

KHS0 4 (s) 

-1161 

+ 138 

-1031 

hydroxide 

KOH(s) 

-425 

+79 

-379 

iodide 

KI(s) 

-328 

+ 106 

-325 

nitrate 

KNO s W 

-495 

+ 133 

-395 

nitrite 

kno 2 (5) 

-370 

+ 152 

-307 

oxide 

K 2 0(5) 

-363 

+94 

-322 

perchlorate 

KC10 4 (^) 

-433 

+ 151 

-303 

permanganate 

KMn0 4 (^) 

-837 

+ 172 

-738 

peroxodisulfate 

K 2 S 2 O s (,) 

-1916 

+279 

-1697 

pyrosulfate 

K 2 S 2 0 7 (^) 

-1987 

+225 

-1792 

sulfate 

k 2 so 4 (.) 

-1438 

+ 176 

-1321 

sulfide 

K 2 S(5) 

-376 

+ 115 

-363 

tetrafluoroborate 

KBF 4 (^) 

-1882 

+ 152 

-1786 

Rubidium 

Rb (s) 

0 

+77 

0 


Rb (g) 

+81 

+ 170 

+53 


Rb + (aq) 

-251 

+ 122 

-284 

bromide 

RbBr(^) 

-395 

+ 110 

-382 

carbonate 

Rb 2 C0 3 (^) 

-1179 

+ 186 

-1096 

chloride 

RbCl(^) 

-435 

+96 

-408 

fluoride 

RbF(s) 

-558 

+75 

-521 

iodide 

Rbl(j) 

-334 

+ 118 

-329 
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Compound 


AH e 

S e 

AG e 

name 

Formula 

(kJ-mol -1 ) 

(J-moF^K 1 ) 

(kJ-mol 1 ) 

nitrate 

RbN0 3 (s) 

-495 

+147 

-396 

sulfate 

Rb 2 S0 4 (s) 

-1436 

+197 

-1317 

Selenium 

Se(s) (gray) 

0 

+42 

0 


S e(g) 

+227 

+177 

+187 

hexafluoride 

SeF 6 ( g ) 

-1117 

+314 

-1017 

selenate ion 

Se0 4 2 (cuj) 

-599 

+54 

-441 

tetrachloride 

SeCl 4 (s) 

-183 

+195 

-95 

Silicon 

SiW 

0 

+ 19 

0 


Si(g) 

+450 

+168 

+406 

carbide 

SiC(j) 

-65 

+ 17 

-63 

dioxide (quartz) 

SiO 2 {s) 

-911 

+41 

-856 

tetrachloride 

SiCl 4 (/) 

-687 

+240 

-620 

tetrafluoride 

SiF 4 (g) 

-1615 

+283 

-1573 

tetrahydride (silane) 

SiH 4 (g) 

+34 

+205 

+57 

Silver 

AgW 

0 

+43 

0 


Ag(g) 

+285 

+173 

+246 


A g + (aq) 

+ 106 

+73 

+77 

bromide 

AgBr(s) 

-100 

+107 

-97 

carbonate 

Ag 2 C0 3 (s) 

-506 

+167 

-437 

chloride 

AgCl(s) 

-127 

+ 96 

-110 

chromate 

Ag 2 Cr0 4 (s) 

-732 

+218 

-642 

cyanide 

AgCN(s) 

+ 146 

+107 

+157 

fluoride 

AgF(s) 

-205 

+ 84 

-187 

iodide 

Agl(5) 

-62 

+115 

-66 

nitrate 

AgN0 3 (,) 

-124 

+141 

-33 

oxide 

Ag 2 0(s) 

-31 

+121 

-11 

sulfate 

Ag 2 S0 4 (s) 

-716 

+200 

-618 

sulfide 

Ag 2 S(s) 

-33 

+144 

-41 

Sodium 

Na(j) 

0 

+51 

0 


Na(g) 

+ 107 

+154 

+77 


Na + (^) 

-240 

+58 

-262 

azide 

NaN 3 (5) 

+22 

+ 97 

+ 94 

bromide 

NaBr(s) 

-361 

+ 87 

-349 

carbonate 

Na 2 C0 3 (s) 

-1131 

+135 

-1044 

carbonate 

monohydrate 

Na 2 C0 3 -H 2 0(s) 

-1431 

+168 

-1285 

carbonate decahydrate 

Na 2 CO 3 -10H 2 O(s) 

-4081 

+563 

-3428 

chlorate 

NaC10 3 (s) 

-366 

+123 

-262 

chloride 

NaCl(s) 

-411 

+72 

-384 

cyanide 

NaCN(s) 

-87 

+116 

-76 

dihydrogen phosphate 

NaH 2 P0 4 (s) 

-1537 

+127 

-1386 

dioxide(2-) (peroxide) 

Na 2 0 2 (s) 

-511 

+ 95 

-448 

fluoride 

NaF(s) 

-574 

+51 

-544 

hydride 

NaH(s) 

-56 

+40 

-33 

hydrogen carbonate 

NaHC0 3 (s) 

-951 

+102 

-851 

hydrogen phosphate 

Na 2 HP0 4 (s) 

-1748 

+150 

-1608 

hydrogen sulfate 

NaHS0 4 (s) 

-1126 

+113 

-993 

hydroxide 

NaOH (s) 

-425 

+64 

-379 

iodide 

Nal (s) 

-288 

+ 99 

-286 
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All 


Compound 


A H e 

S e 

AG e 

name 

Formula 

(kJ-mol -1 ) 

(J-mor^K 1 ) 

(kJ-mol -1 ) 

nitrate 

NaN0 3 (s) 

-468 

+ 117 

-367 

nitrite 

NaN0 2 (s) 

-359 

+ 104 

-285 

oxide 

Na 2 0 (s) 

-414 

+75 

-375 

perchlorate 

NaC10 4 (s) 

-383 

+ 142 

-255 

phosphate 

Na 3 P0 4 (s) 

-1917 

+ 174 

-1789 

silicate 

Na 2 Si0 3 (s) 

-1555 

+ 114 

-1463 

sulfate 

Na 2 S0 4 (s) 

-1387 

+ 150 

-1270 

sulfide 

Na 2 S(s) 

-365 

+84 

-350 

sulfite 

Na 2 S0 3 (s) 

-1101 

+ 146 

-1012 

tetrahydroborate 

NaBH 4 (s) 

-189 

+ 101 

-124 

thiosulfate 

Na 2 S 2 0 3 (s) 

-1123 

+ 155 

-1028 

thiosulfate 

pentahydrate 

Na 2 S 2 0 3 *5H 2 0(s) 

-2608 

+372 

-2230 

Strontium 

Sr ( 5 ) 

0 

+52 

0 


Sr (g) 

+ 164 

+ 165 

+ 131 


Sr 2+ (aq) 

-546 

-33 

-559 

carbonate 

SrC0 3 (s) 

-1220 

+97 

-1140 

chloride 

SrCl 2 (s) 

-829 

+ 115 

-781 

oxide 

SrO(s) 

-592 

+54 

-562 

sulfate 

SrS0 4 (s) 

-1453 

+ 117 

-1341 

Sulfur 

S 8 (s) (rhombic) 

0 

+32 

0 


S 8 (s) (monoclinic) 

+0.3 

+33 

+ 0.1 


S 8 (g) 

+ 102 

+431 

+50 


S(g) 

+227 

+ 168 

+236 

dichloride 

sa 2 (o 

-50 

+ 184 

-28 

dichloride (disulfur) 

s 2 ci 2 (o 

-58 

+224 

-39 

dioxide 

so 2 (g) 

-297 

+248 

-300 

hexafluoride 

SF 6 (g) 

-1209 

+292 

-1105 

hydrogen sulfate 

h 2 so 4 (/) 

-814 

+ 157 

-690 

hydrogen sulfide ion 

HS ( aq ) 

-16 

+67 

+ 12 

peroxodisulfate ion 

S 2 O s 2 (aq) 

-1345 

+244 

-1115 

sulfate ion 

S0 4 2 (aq) 

-909 

+19 

-744 

sulfide ion 

S 2 (aq) 

+33 

-15 

+86 

sulfite ion 

SO 3 ~(aq) 

-635 

-29 

-487 

thiosulfate ion 

S 2 O 3 ~(aq) 

-652 

+67 

-522 

trioxide 

SO 3 (g) 

-396 

+257 

-371 

Thallium 

T\(s) 

0 

+64 

0 


Tl(g) 

+ 182 

+ 181 

+ 147 


T1 + (aq) 

+5 

+ 125 

-32 


T1 3+ (aq) 

+ 197 

-192 

+215 

(I) chloride 

TlCl(^) 

-204 

+ 111 

-185 

(III) chloride 

T1C1 3 (s) 

-315 

+ 152 

-242 

Tin 

Sn(^) (white) 

0 

+51 

0 


Sn(s) (gray) 

-2 

+44 

+ 0.1 


Sn(g) 

+301 

+ 168 

+266 

(II) chloride 

SnCl 2 (^) 

-331 

+ 132 

-289 

(IV) chloride 

SnCl 4 (/) 

-551 

+259 

-440 

hydride 

SnH 4 (g) 

+ 163 

+228 

+ 188 

(II) hydroxide 

Sn(OH) 2 (^) 

-561 

+ 155 

-492 
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Compound 


A H e 

S e 

AG e 

name 

Formula 

(kJ-mol -1 ) 

(Jmol^K 1 ) 

(kJ-mol 1 ) 

(II) oxide 

SnO(s) 

-281 

+57 

-252 

(IV) oxide 

Sn0 2 (?) 

-578 

+49 

-516 

(II) sulfide 

SnS(s) 

-100 

+77 

-98 

(IV) sulfide 

SnS 2 (s) 

-154 

+87 

-145 

Titanium 

Ti (s) 

0 

+31 

0 


Ti(g) 

+473 

+180 

+428 

(II) chloride 

TiCl 2 (j) 

-514 

+87 

-464 

(III) chloride 

TiCl 3 (s) 

-721 

+140 

-654 

(IV) chloride 

TiCl 4 (/) 

-804 

+252 

-737 

(IV) oxide 

Ti0 2 (s) (rutile) 

-944 

+51 

-890 

Vanadium 

V(5) 

0 

+29 

0 


V(g) 

+514 

+182 

+469 

(II) chloride 

va 2 « 

-452 

+97 

-406 

(III) chloride 

VCl 3 (s) 

-581 

+131 

-511 

(IV) chloride 

VC1 4 (0 

-569 

+255 

-504 

(II) oxide 

VOW 

-432 

+39 

-404 

(III) oxide 

V 2 0 3 (5) 

-1219 

+98 

-1139 

(IV) oxide 

VO 2 0) 

-713 

+51 

-659 

(V) oxide 

V 2 O 5 (0 

-1551 

+131 

-1420 

Xenon 

Xe(g) 

0 

+170 

0 

difluoride 

XeF 2 (g) 

-130 

+260 

-96 

tetrafluoride 

XeF 4 (g) 

-215 

+316 

-138 

trioxide 

Xe0 3 (g) 

+502 

+287 

+561 

Zinc 

Zn (s) 

0 

+42 

0 


Zn(g) 

+ 130 

+161 

+ 94 


Zn 2+ («g) 

-153 

-110 

-147 

carbonate 

ZnCO 3 0) 

-813 

+82 

-732 

chloride 

ZnCl 2 0) 

-415 

+111 

-369 

hydroxide 

Zn(OH) 2 (0 

-642 

+81 

-554 

nitride 

Zn 3 N 2 (j) 

-23 

+140 

+30 

oxide 

ZnOO) 

-350 

+44 

-320 

sulfate 

ZnSO 4 (0 

-983 

+110 

-872 

sulfate heptahydrate 

ZnSO 4 *7H 2 O(0 

-3078 

+389 

-2563 

sulfide 

ZnS(s) (wurtzite) 

-193 

+68 

-191 

sulfide 

ZnSO) (sphalerite) 

-206 

+58 

-201 


APPENDIX 2 


Charge Densities of Selected Ions 


Charge densities (C mm 3 ) are calculated according to the formula 
ne 

(4/3)tt r 3 

where the ionic radii r are the Shannon-Prewitt values in millimeters (Acta 
Cryst., 1976, A32, 751), e is the electron charge (1.60 X 10 -19 C), and n rep¬ 
resents the ion charge. The radii used are the values for six-coordinate ions 
except where noted by (T) for four-coordinate tetrahedral ions; (HS) and (LS) 
designate the high-spin and low-spin radii for the transition metal ions. 


Cation 

Charge density 

Cation 

Charge density 

Cation 

Charge density 

Ac 3+ 

57 

b 3 + 

1663 

Cl 7+ 

3880 

Ag + 

15 

Ba 2+ 

23 

Cm 3+ 

84 

Ag 2+ 

60 

Be 2+ 

1108 (T) 

Co 2+ 

155 (LS) 

Ag 3+ 

163 

Bi 3+ 

72 

Co 2+ 

108 (HS) 

Al 3+ 

770 (T) 

Bi s+ 

262 

Co 3+ 

349 (LS) 

ai 3+ 

364 

Bk 3+ 

86 

Co 3+ 

272 (HS) 

Am 3+ 

82 

Br 7+ 

1796 

Co 4+ 

508 (HS) 

As 3+ 

307 

c 4 + 

6265 (T) 

Cr 2+ 

116 (LS) 

As 5+ 

884 

Ca 2+ 

52 

Cr 2+ 

92 (HS) 

At 7+ 

609 

Cd 2+ 

59 

Cr 3+ 

261 

Au + 

11 

Ce 3+ 

75 

Cr 4+ 

465 

Au 3+ 

118 

Ce 4+ 

148 

Cr 5+ 

764 

b 3+ 

7334 (T) 

Cf 3+ 

88 

Cr 6+ 

1175 

Cs + 

6 

Mn 4+ 

508 

Sb 3+ 

157 

Cu + 

51 

Mn 7+ 

1238 

Sb 5+ 

471 

Cu 2+ 

116 

Mo 3+ 

200 

Sc 3+ 

163 

Dy 2+ 

43 

Mo 6+ 

589 

Se 4+ 

583 

Dy 3+ 

99 

nh 4 + 

11 

Se 6+ 

1305 

Er 3+ 

105 

Na + 

24 

Si 4+ 

970 

Eu 2+ 

34 

Nb 3+ 

180 

Sm 3+ 

86 

Eu 3+ 

88 

Nb 5+ 

402 

Sn 2+ 

54 


HS, high spin; LS, low spin; T, four-coordinate tetrahedral ions. 
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Cation 

Charge density 

Cation 

Charge density 

Cation 

Charge density 

f 7+ 

25 110 

Nd 3+ 

82 

Sn 44 

267 

Fe 2+ 

181 (LS) 

Ni 2+ 

134 

Sr 2+ 

33 

Fe 2+ 

98 (HS) 

No 24 

40 

Ta 3+ 

180 

Fe 3+ 

349 (LS) 

Np 5+ 

271 

Ta 5+ 

402 

Fe 3+ 

232 (HS) 

Os 4+ 

335 

Tb 3+ 

96 

Fe 6+ 

3864 

Os 6+ 

698 

Tc 4+ 

310 

Fr + 

5 

Os 8+ 

2053 

Tc 74 

780 

Ga 3+ 

261 

p3 + 

587 

Te 4+ 

112 

Gd 3+ 

91 

p 5 + 

1358 

Te 6+ 

668 

Ge 2+ 

116 

Pa 54 

245 

Th 44 

121 

Ge 4+ 

508 

Pb 2+ 

32 

Ti 2 + 

76 

Hf 44 

409 

Pb 4+ 

196 

Ti 3+ 

216 

Hg + 

16 

Pd 2+ 

76 

Ti 4 + 

362 

Hg 2+ 

49 

Pd 44 

348 

Ti 4 

9 

Ho 3+ 

102 

Pm 3+ 

84 

Ti 3 + 

105 

I 7+ 

889 

Po 4+ 

121 

Tm 2+ 

48 

In 3 4 

138 

Po 6+ 

431 

Tm 3+ 

108 

Ir 3 + 

208 

Pr 3+ 

79 

U 4+ 

140 

Ir 5+ 

534 

Pr 4 + 

157 

U 6+ 

348 

K + 

11 

Pt 2 + 

92 

v 2+ 

95 

La 3+ 

72 

pt 4 + 

335 

v 3+ 

241 

Li + 

98 (T) 

Pu 44 

153 

V 4 + 

409 

Li + 

52 

Ra 2+ 

18 

v 54 

607 

Lu 3+ 

115 

Rb + 

8 

w 4+ 

298 

Mg 2+ 

120 

Re 7+ 

889 

w 6+ 

566 

Mn 2+ 

114 (LS) 

Rh 3+ 

224 

y 3+ 

102 

Mn 2+ 

84 (HS) 

Ru 3+ 

208 

Yb 3+ 

111 

mn 3+ 

307 (LS) 

s 4 + 

1152 

Zn 2+ 

112 

Mn 3+ 

232 (HS) 

S 6+ 

2883 

Zr 4+ 

240 
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Anion 

As 3- 

Charge density 

12 

Anion Charge density 

r 4 

Anion < 

o 2 2 “ 

Charge density 

19 

Br“ 

6 

Mn0 4 

4 

OH“ 

23 

CN“ 

7 

n 3 ~ 

50 

P 3 “ 

14 

C0 3 2 - 

17 

n 3 - 

6 

s 2 - 

16 

cr 

8 

no 3 

9 

so 4 2- 

5 

cio 4 ' 

3 

o 2- 

40 

Se 2 “ 

12 

F" 

24 

o 2 

13 

Te 2- 

9 








APPENDIX 3 


Selected Bond Energies 


For homonuclear diatomic molecules, such as dihydrogen, precise measured val¬ 
ues of bond energies are listed. For most of the heteronuclear bonds, only average 
values are given, and these tend to differ among literature sources. (All values 
here are in units of kFrnol -1 .) 


Hydrogen 


H—H 

432 

H—S 

363 

H—B 

389 

H—F 

565 

H—C 

411 

H—Cl 

428 

H—N 

386 

H—Br 

362 

H—O 

459 

H—I 

295 

Group 13 




Boron 




B—C 

372 

B—F 

613 

B—O 

536 

B—Cl 

456 

B=C> 

636 

B—Br 

377 


Group 14 

Carbon 


c—C 

346 

c—O 

358 

c=c 

602 

c=o 

799 

c=c 

835 

c=o 

1072 

c—N 

305 

c—F 

485 

C=N 

615 

C—Cl 

327 

C=N 

887 

C—Br 

310 

C—P 

264 

C—I 

213 

Silicon 

Si—Si 

222 

Si—F 

565 

Si—O 

452 

Si—Cl 

381 

Si=Q 

642 

Si—Br 

310 



Si—I 

234 


Group 15 

Nitrogen 


N—N 

247 

N—O 

201 

N=N 

418 

N=0 

607 

N=N 

942 

N—F 

278 



N—Cl 

192 

Phosphorus 

P—P 

200 

P—F 

490 

P=P 

481 

P—Cl 

326 

P—O 

335 

P—Br 

264 



P—I 

184 
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Group 16 

Oxygen 

o—o 

142 

O—F 

190 

o—o 

494 

O—Cl 

218 

o=s 

523 

O—Br 

201 

O—Xe 

84 

O—I 

201 

Sulfur 

s—S 

268 

S—F 

327 

S=S 

425 

s— Cl 

271 

Group 17 

Fluorine 

F—F 

155 

F—Cl 

249 

F—Kr 

50 

F—Br 

250 

F—Xe 

133 

F—I 

278 

Chlorine 

Cl—Cl 

240 

Cl—Br 

216 



Cl—I 

208 

Bromine 

Br—Br 

190 

Br—I 

175 

Iodine 

I—I 

149 
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Ionization Energies of Selected Metals 


These ionization energies are in units of MJ*mol _1 , and they have been 
summarized from G. Aylward and T. Findlay, SI Chemical Data, 3d ed. (New 
York: Wiley, 1994). Only selected ionization energies for outer (valence) 
electrons are listed. 

The 1st ionization energy represents the energy required for the process: 
M(g) —> M + (g) + e- 

while that of the 2nd ionization process represents that for: 

M + (g) —> M 2+ (g) + e” 

and successive ionization energies are defined similarly as one-electron processes. 


Ionization energy 

Element 1st 

Lithium 0.526 

Beryllium 0.906 


Sodium 

0.502 





Magnesium 

0.744 

1.457 




Aluminum 

0.584 

1.823 

2.751 



Potassium 

0.425 





Calcium 

0.596 

1.152 




Scandium 

0.637 

1.241 

2.395 



Titanium 

0.664 

1.316 

2.659 

4.181 


Vanadium 

0.656 

1.420 

2.834 

4.513 

6.300 

Chromium 

0.659 

1.598 

2.993 



Manganese 

0.724 

1.515 

3.255 




2nd 3rd 4th 5th 

1.763 


A-18 




Ionization Energies of Selected Metals 


A-19 


Ionization energy 


Element 

1st 

2nd 

3rd 

Iron 

0.766 

1.567 

2.964 

Cobalt 

0.765 

1.652 

3.238 

Nickel 

0.743 

1.759 


Copper 

0.752 

1.964 


Zinc 

0.913 

1.740 


Lead 

0.722 

1.457 






APPENDIX 5 


Electron Affinities of Selected Nonmetals 


These electron affinities are in units of kJ*mol _1 , and they have been sum¬ 
marized from J. E. Huuhey et al., Inorganic Chemistry , 4th ed. (New York: 
HarperCollins, 1993). 

The 1st electron affinity represents the energy required for the process: 
X(g) + e-->X-(g) 

while that of the 2nd electron affinity represents that for: 

X-(g) + e-^X 2 -(g) 

and that of the 3rd electron affinity represents that for: 

X 2_ (g) + e - —» X 3- (g) 


Electron Affinity 


Element 

1st 

2nd 

3rd 

Nitrogen 

-7 

+673 

+ 1070 

Oxygen 

-141 

-744 


Fluorine 

-328 



Phosphorus 

-72 

+468 

+886 

Sulfur 

-200 

+456 


Chlorine 

-349 



Hydrogen 

-79 



Bromine 

-331 



Iodine 

-301 
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Selected Lattice Energies 


These lattice energies are in units of kJ^mol -1 , and they have been calculated 
from Born-Haber cycles. The values are summarized from G. Aylward and 
T. Findlay, SI Chemical Data, 3d ed. (New York: Wiley, 1994). 


Ion 

Fluoride 

Chloride 

Bromide 

Iodide 

Oxide 

Sulfide 

Lithium 

1047 

862 

818 

759 

2806 

2471 

Sodium 

928 

788 

751 

700 

2488 

2199 

Potassium 

826 

718 

689 

645 

2245 

1986 

Rubidium 

793 

693 

666 

627 

2170 

1936 

Cesium 

756 

668 

645 

608 

— 

1899 

Magnesium 

2961 

2523 

2434 

2318 

3800 

3323 

Calcium 

2634 

2255 

2170 

2065 

3419 

3043 

Strontium 

2496 

2153 

2070 

1955 

3222 

2879 

Barium 

2357 

2053 

1980 

1869 

3034 

2716 
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Selected Hydration Enthalpies 


These hydration enthalpies are in units of kJ*mol 1 , and the values were obtained 
from J. G. Stark and H. G. Wallace, Chemistry Data Book (London: John Murray, 
1990). 


Element 

Atf f e (kJ-moL 1 ) 

Lithium 

-519 

Sodium 

-406 

Potassium 

-322 

Rubidium 

-301 

Cesium 

-276 

Magnesium 

-1920 

Calcium 

-1650 

Strontium 

-1480 


Element 

Atf f e (Mmol 1 ) 

Barium 

-1360 

Aluminum 

-4690 

Silver 

-464 

Fluorine 

-506 

Chlorine 

-364 

Bromine 

-335 

Iodine 

-293 
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APPENDIX 8 


Selected Ionic Radii 


These values of ionic radii are the Shannon-Prewitt values in pm (Acta Cryst., 
1976,A32, 751) for six-coordinate ions except where noted by (T) for four- 
coordinate tetrahedral ions; (HS) and (LS) designate the high-spin and low-spin 
radii for the transition metal ions. The values for polyatomic ions are adapted 
from Jenkins and Thakur (/. Chem. Educ., 1979,56,576). 


Ion 

Ionic radii 

Li + (T) 

73 

Na + 

116 

K + 

152 

Rb + 

166 

Cs + 

181 

Mg 2+ 

86 

Ca 2+ 

114 

Sr 2+ 

132 

Ba 2+ 

149 

Al 3+ 

68 

Fe 2+ 

92 

Fe 3+ (HS) 

78 

Fe 3+ (LS) 

69 

Co 2+ (HS) 

88 

Co 3+ (LS) 

68 

Ni 2+ 

83 


Ion 

Ionic radii 

Cu + 

91 

Cu 2+ 

87 

Zn 2+ 

88 

F (T) 

117 

Cl“ 

167 

Br“ 

182 

r 

206 

nh 4 + 

151 

co 3 2- 

164 

no 3 ~ 

165 

OH - 

119 

so 4 2- 

244 

o 2+ 

126 

s 2- 

170 
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Index 


abab arrangement, 320 

See also hexagonal close-packed arrangement 
absorption frequency, 230 
absorption spectroscopy, atomic, 2 
absorption spectrum of electromagnetic 
energy, 518 
acetate ion, 543 
acetic (ethanoic) acid, 302,541 
acetic acid synthesis, 644-645 
acetone, 138,141,253,602,615 
acetonitrile, 138 
acetyl iodide, 645 

acetylene (ethyne), 212,285,286,326 
acetylide ion, 285,326 
Acheson process, 321,326 
acid-base behavior, 137-166 
acid-base properties, 201-202 
acid ionization constants, 143 
acid-oxy anions, 146 
acid rain, 280,436,451 
acid soil, 310 
acids, 140,453 
binary, 144-145 
borderline, 156,157 
hard, 156,157 

hard/borderline/soft division, 527-528 
hydrohalic, 144-145 
polyprotic, 146 
soft, 156,157 
strengths of, 143-144 
See also specific acids 
acrylic plastics, 339 
actinides. See actinoids 
actinium, 14,22-23 
actinoids, 21,23,191,215-216,234 
activation energy, 129-130,253 
actual nuclear charge, 31 
adenine, 241 

adenosine triphosphatase enzyme, 266 
aerogels, 342 

aerosol propellants, 331,337 
agricultural lime. See limestone, powdered 
air bags, 377 
air conditioning, 337 
air filters, and nanosilver, 596 
Albright, Arthur, 364 
alchemists, 599 
alcohols, 299 
aldehydes, 647,648 
Allred-Rochow electronegativity 
scale, 65 
algaecides, 621 


alkali disease. See selenium poisoning 
alkali metal anions, 37,247 
alkali metal carbonates, 262,334 
alkali metal cations, 245,247 
alkali metal compounds, 247-249 
alkali metal hydroxides, 259-261 
alkali metal ions, 247,248,378,398 
alkali metal salts, 96,248-252,257 
alkali metals, 20,23,28,34,105,150,192,205-206, 
231,245-269,397,418,422 
and carbides, 326 
charge densities of, 210-211,281 
dendrimer diagram, 207 
density of, 246 
disulfides, 434 
flame colors of, 248-249 
and hydrogen carbonates of, 264,332 
and hydrogen sulfates, 441 
and hydroxides, 425 
ionic radii, 252,272 
melting and boiling points of, 193,246 
organometallic compounds, 615-616 
oxides of, 210,257-259 
reactivity of, 247 
sulfides, 432 

See also cesium; lithium; potassium; 
rubidium; sodium 
alkali-organyls, 150 
alkaline battery, 548 

alkaline earth metal compounds, 272-275 
alkaline earth metal ions, 211,263,272 
alkaline earth metal salts, solubility of, 273-275 
alkaline earth metals, 23,192,206,271-289,418, 
422,580,581 
and carbides, 326 
charge densities of, 210-211 
disulfides, 434 
and fullerenes, 323 
hydrogen carbonates of, 332,334 
and hydrogen sulfates, 441 
hydroxides, 425 
melting points of, 272 
nitrides of, 210 

organometallic compounds, 616-618 
oxides, 210,279-280 

solubilities of hydroxides and sulfates, 173 
sulfides, 432 

See also barium; calcium; strontium 
alkene hydrogenation, 646-647 
alkene ligand complexes, 635 
alkene polymerization, 638,645-646 
alkenes, 384,647,648 


alkyl aluminum compounds, 619 

alkyl cadmium compounds, 622 

alkyl groups, 616,638 

alkyl halides. See halocarbons 

alkyl ligand complexes, 635-636 

alkyl migration, 638 

alkyl phosphines, 634-635 

alkyl zinc compounds, 622 

alkylammonium ion, 142 

alkylation, 636 

alkylboranes, 299,618 

alkylmercury compounds, 615-616,622 

alkyne ligand complexes, 635 

Allen, Bert, 369 

allotropes, 108,428 

alloy LA 141,252 

alloys, 87-89,91 

allyl ligand system, 639 

aluminates, 29,260,303 

aluminides, 309 

aluminophosphate compounds, 400 
aluminosilicates, 109,282,345-348 
aluminum, 29,81,125,148,172,201,203-204, 
207,208,215,236,252,291,292, 

301-306,555 
and beryllium, 210-212 
electron configuration of, 14,31 
organometallic compounds of, 

618,619 

reaction flowchart, 311 
and silicic acid, 357 
and silicon, 345-346 
toxicity of, 310 
aluminum alkyls, 619 
aluminum bromide, 306-307 
aluminum carbide, 326 
aluminum chlorhydrate, 302 
aluminum chloride, 96,291,306,307 
aluminum chloride hexahydrate, 96 
aluminum fluoride, 97,305-307,313 
aluminum halides, 204,306-307 
aluminum hydroxide, 144,203,302,308 
aluminum iodide, 97,306-307 
aluminum ions, 14,96,97,109,144,149-150,160, 
215,301,303,307,310,347,400,432 
aluminum-magnesium alloys, 278 
aluminum metal, 282,291 
aluminum oxide, 106-108,154,161,201,301,302, 
304-306,555 

See also bauxite; corundum 
aluminum oxide ceramic, 348 
aluminum oxide trihydrate, 304 
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aluminum phosphide, 108 
aluminum potassium sulfate, 307-308 
aluminum powder, 109,302,370 
aluminum production, 305-306,325 
aluminum salts, 302 
aluminum sulfate, 308,313 
alums, 207-208,213,307-308 
alvite, 584 
amalgams, 603-604 
ambidendate ligands, 157,504 
American Chemical Society, 257 
American Dental Association, 459,607 
americium-241,225 
americium-243,27 
amide ion, 140 
amide salt, 264 

amino acids (peptides), ferritins, 570 
ammine, 507 

ammonia, 66,72,91,138-140,147,155,199,202, 
235,252,300,331,367,368,371-376,384, 
386-387,394,490,501,593,600 
combustion of, 130,131 
and copper, 566-567 
and halides, 466 
ligands, 526-528,560 
molecule, 56,59 
ammonia borane, 220 
ammonia production, 370 
ammonia reaction, and alkali metals, 264 
ammonia-soda process. See Solvay process 
ammonia-solvated electron, 264 
ammonium carbonate, 334 
ammonium chloride, 138,265,372, 

378-379 

ammonium cyanate, 611 
ammonium dichromate, 379,541 
ammonium dihydrogen phosphate, 398 
ammonium dinitramide (ADN), 370 
ammonium fluoride, 304 
ammonium hexaaquairon(II) sulfate, 555 
ammonium hexanitratocerate(IV), 217 
ammonium hydroxide, 371-372,406,425 
ammonium ions, 105,140,143,147,185,265,368, 
371,372,378-379,398,432 
ammonium iron(II) sulfate hexahydrate. 

See ammonium hexaaquairon(II) sulfate 
ammonium nitrate, 379,380,387-388 
ammonium nitrite, 370,379 
ammonium perchlorate, 475 
ammonium peroxodisulfate, 443 
ammonium phosphate, 376,397 
ammonium salts, 265,378-379,398,559 
ammonium sulfate, 372,376,440 
ammonium thiogly collate, 451 
amorphous silicon (a-Si), 62 
amphiboles, 344 
amphiprotic substances, 144 
amphoteric behavior, 276 
analysis, qualitative, and HSAB concept, 
158-159 


Andrussow process, 339 
anemia, 358,571,638 
anesthetics, 337,379 
anglesite. See lead(II) sulfate 
angular momentum quantum number, 
4,5,17,25 
aniline, 385 

animal fur, and mercury, 606-607 

anion-anion electrostatic repulsion, 100 

anion radii, 95,252 

anionic series, 29 

anodic carbon, 306 

anodization, 301 

anorthite, 346 

Antarctic ice cap, 77,242 

anthrax, 470 

antibacterials, silver as, 595-596 
antibiotics, 266,446 
antibonding electron pairs, 44 
antibonding orbitals, 43,44 
antiferromagnetism, 90,91 
antifluorite structure, 102 
antiknock agents, 619,641 
antimonates, 29 

antimony, 29,194-195,363-365,621 

antimony pentachloride, 80 

antimony pentafluoride, 150 

antimony sulfate, 195 

antimony sulfide 364 

antimony trichloride, 80 

antiperspirants, 302,310 

Antropoff, Andreas von, 491 

apatite. See calcium hydroxide phosphate 

Apollo accident (1967), 369 

Appelman, E. H., 474 

aqua, 507 

aqua regia, 589 

aquamarine, 275 

aqueducts, 282 

aqueous ammonia. See ammonium hydroxide 

arachno-cluster, 296 

aragonite, 280,284 

arene ligands, 642-643 

argentate, 507 

argon, 74,75,197,207,487,488,489,490, 
491,492,551 
argon-40,256,491 
Arrhenius, Svante, 93,137 
arsabenzene, 621-622 
arsenate, 190,195 

arsenic, 29,162,194-195,363,364-365, 
400-401,621 
arsenic absorption, 16 
arsenic allotropes, 364-365 
arsenic poisoning, 400-401 
arsenides, 151,590 
arsenine. See arsabenzene 
arsenite ions, 400 
arsenole. See arsole 
arsine, 367 


arsole, 622 

asbestos, 295,344-345,357 
asbestosis, 357 
asphalt, 431 

associative mechanism, 633 

astatine, 454-455 

asymmetric stretch, 72 

athletes, water consumption by, 423 

atmophiles, 160 

atmosphere 

and carbon cycle, 356 
and carbonyl sulfide, 335 
dinitrogen in, 399 
electromagnetic spectrum of, 415 
infrared radiation absorption, 76 
methane levels, 338 
noble gases in, 489-490 
ozone in, 417 
pollution, 74,352 
xenon in, 495 
atom 

coordination number of, 85 
electronic structure of, 1-15,26 
and ions, 93 

magnetic properties of, 15-16 
models of, 2-3,30-31,42 
polyelectronic, 9-14 
atomic absorption spectroscopy, 2 
atomic chicken wire. See graphene 
atomic number, periodic table, 21 
atomic orbital hybridization, 42 
atomic orbital model, 42 
atomic orbitals, 5-9,43,44,46-49,50, 
59-61,78,414,415 
atomic radius, 29-33,38 
atomic wave functions, 32 
atomists, 93 

atomization, enthalpies of, 118,121,246,272 
ATP, 399-400 

Aufbau (building-up) principle, 9,44 
auranofin, 596 
aurate, 507 
auro therapy, 596 

austinite (symmetrical) phase of nitinol, 88 
automobiles, and carbon monoxide, 328 
automobile manufacturing, 304-305,355 
automotive greases, 253 
autoclaved aerated concrete (AAC), 109, 

282-283 

autoionization, 139,239 

axis of highest molecular symmetry, 68 

azide ion, 176,377 

back bonding, 627-629,634-635 
bacteria, 186,242,284,399,431,451,506,558,564, 
569-571,592,594,595,638 
bactericides, 402,416,473,595-596 
baddeleyite, 585 
baking powder, 264,331,398 
baking soda. See sodium hydrogen carbonate 
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B aimer, Johann Jakob, 1 
banana bonds, 297 
band theory, 82-84,91 
Barbier, Phillipe, 612,618 
baricenter, 513 

barium, 207,271-273,278-279,587,616 
reaction flowchart, 287 
barium chloride, 165 
barium hydroxide, 273,425 
barium ions, 278,279,440,505 
barium isotopes, 27 
barium nitrite, 385 
barium oxide, 279 
barium peroxide, 278 
barium perxenate, 495 
barium salt, 526 

barium sulfate, 146,279,385,440,441,505 

barn units, 298 

barometers, 603 

Bartlett, Neil, 491 

baryte, 284 

basalt, 154 

bases, 140,157 

Brpnsted-Lowry, 147-148 
hard/borderline/soft division, 528 
See also acid-base behavior; acid-base 

properties; hard-soft acid-base (HSAB) 
concept 
BASF, 373 

basic oxygen process, 551 
basicity, of nonmetal anions, 150-151 
Bassett, H., 509 
batteries 

alkaline, 548 
dry cells, 548 
and lead, 358 
lead-acid, 352-353,441 
lithium, 253-255 
low-mass storage, 309 
mercury, 605 

NiCad (nickel-cadmium), 603,606 
nickel metal hydride, 236 
sodium-sulfur, 433 
bauxite, 303,305,555 

See also aluminum oxide 
Bechamps, Antoine, 401 
Beer’s law, 2 
bending absorption, 73 
bends, 369 
Bent, Henry A., 418 
Bent rule, 418 

benzene, 219,320,347,386,613 
benzene diazonium chloride, 569 
benzene rings, 643 
benzene species, 642 
Bertrand’s rule, 38,211 
bertrandite, 275 
beryl, 275 
beryllates, 29 
berylliosis, 275 


beryllium, 29,30,33,36,82,83,162,145,207,236, 
271,275-276 
and aluminum, 210-212 
organometallic compounds of, 616,617 
beryllium-7,23,24 
beryllium-8,24 
beryllium alloys, 275 
beryllium aluminum silicate, 200 
beryllium carbide, 326 
beryllium chloride, 55,289 
beryllium iodide, 158 
beryllium ion, 158,276 
beryllium metal, 289 
beryllium oxide, 276 
(3-hydrogen elimination, 646 
(3 rays, 229 
Bethe, Hans, 510 

bicarbonates. See hydrogen carbonates 

bidentate ligands, 502,507 

big bang theory, 23 

Bigeleisen-Mayer formulation, 230 

binary acids, 144-145 

Binert, Trudy, 455 

bioinorganic chemistry, 37-38,186 

biological oxygen demand (BOD), 413 

biological processes, 185-187 

biometallurgical process, 564 

biomineralization, 284 

biotin, 446 

bipolar disorder, 211 

bipyridine, 636 

bis(dimethylglyoximato)nickel(II), 562-563 
bis(thiosulfato)ferrate(III) ion, 443,554 
bismabenzene, 622 

bismuth, 24,25,29,194-195,213,214,363-365, 
401-402 

bismuth(III) nitrate, 195 
bismuth(III) organometallic compounds, 621 
bismuth sub-salicylate (BSS), 402 
bismuthates, 29,195,547 
bismuthole, 622 
bismuthyl ion, 402 
black phosphorus, 390 
blackboard chalk, 284-285 
blast furnace, 549-550 
bleaches, 294,424,436,437,464,470,472 
blind staggers. See selenium poisoning 
blood, 286,308,399 
blood glucose, 569 
blood plasma, 266 
blood pressure, 261,381 
blue asbestos (crocidolite), 344-345 
body-centered cubic anion array, 100 
body-centered cubic packing arrangement, 85-87 
bogs, 186,187,431 
Bohr, Niels, 2 
Bohr magnetons, 517 
boiling points, 66,193,194,239,292,365 
bond energies (enthalpies), 48,115,317,318, 
455-456,458 


bond length, 43,48 
bond order, 48,53,54,115 
bond strength, 115 
bond tetrahedron, 108 
bond triangle, 106-109 
bonding, and periodic trends in, 195-199 
bonding, chemical, 1,93 
bonding, covalent, 41-80 
bonding, ionic, 93-111 
bonding, metallic, 81-92 
bonding and antibonding orbitals, 46-48 
bonding continuum, 106-108,109 
bonding electron pairs, 44,57 
bonding orbitals, 43-44 
bonding theories, of transition metals, 
510-511 

bonding types, 193-199 
bonds, dangling, 62 
bonds, heterogeneous, 65 
bonds, homogeneous, 65 
bone density, and calcium, 281 
bone marrow, 570 
bones, 284,315,348,358,400 
borane carbonyl, 626 
boranes, 295-300,312 
borates, 212,293,294 
borax, 293 
borazine, 219 
borazon,219 
borderline bases, 157 
boric acid, 165,212,301,313 
borides, 294-295 
Born exponent, 117 
Born-Haber cycle, 121-124,132,456 
Born-Lande equation, 117-118,133 
boron, 10,29,34,60,196,210-212,276, 
291-293,309-310,589,618 
reaction flowchart, 311 
boron-10,298 
boron-11,298 
boron allotropes, 292 
boron atoms, 294-296,300,301,334 
boron carbide, 294,326 
boron deficiency, 310 
boron fibers, 295 
boron-fluorine bond energy, 300 
boron halides, 300-301,468 
boron hydrides, 298 
boron neutron capture therapy 
(BNCT), 298 

boron nitride, 218-219,350 
boron-nitrogen analogs, 218-220 
boron-nitrogen polymers, 350 
boron trichloride, 295,300-301,341,616 
boron trifluoride, 55,60,67-69,155,300, 
334,372-373,618 
borosilicate glass, 293,342,343 
Bosch, Carl, 373 
botulism, 385 
brain, 266,328,572 
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brain damage, 358 
branched-chain isomer, 354 
Brand, Hennig, 363 
brass, 89,565,566 
breast cancer, 448 
breast implants, 349 
breath analyzers, 540-541 
Breslow, David S., 648 
bricks, 279 
brine, 259-261,425 
brine shrimp, 250 
Broglie, Louis de, 3 
bromate ion, 474 

bromide ion, 157,158,466,467,480,505 
bromides, 465 

bromine, 172,193-194,454-455,474, 

479-480 
bromine-79,455 
bromine-81,455 
bromoethane, 277 

bromomethane. See methyl bromide 
Brpnsted, Johannes, 137 
Brpnsted-Lewis superacids, 150 
Brpnsted-Lowry acids, 142-147,150,347,430,439 
Br0nsted-Lowry bases, 147-148 
Br0nsted-Lowry theory, 137-138,142 
bronze, 81,565,566 

brown ring test (for nitrate), 388-389,556 
BSH ion, 298 

buckminsterfullerene, 321-322 
Buehler, William J., 88 
building materials 
cement, 282-283 
concrete, 109,282-283,465,550 
copper roof, 565 
marble and limestone, 280 
bulletproof clothing, 294 
Bunsen, Robert, 1 
1,3-butadiene ligand, 639-640 
l-butyl-3-methylimidazolium ion, 142 
butyllithium, 253 

cacodyl oxide, 611 
Cade, J., 211 

Cadet de Gassicourt, Louis Claude, 611,612 

cadmium, 500,600,603,622 

cadmium hydroxide, 603 

cadmium ions, 158-160,602 

cadmium poisoning, 606 

cadmium selenide, 103-104,158 

cadmium selenium, 445 

cadmium sulfide, 104,422,434,602-603 

cadmium telluride, 104 

caffeine extraction, 332 

calaverite, 593 

calcite, 280,284 

calcium, 11,34,221,222,271-273,278-279,281, 
330,616 

reaction flowchart, 287 
calcium-40,26 


calcium-48,26 

calcium aluminate, 109,200,282 
calcium carbide, 285-286 
calcium carbonate, 105,144,161,250,263, 
279-282,284,331,334,412,425,436,451 
See also chalk; limestone; marble 
calcium cations, electron configuration for, 97-98, 
100,422 

calcium chloride, 100,116,165,255-256,263,272, 
273,283,456,465 
calcium compounds, A-3 
calcium dicarbide, 285,286,326 
calcium dihydrogen phosphate, 264,398-399,440 
calcium ferroaluminate, 282 
calcium fluoride, 101,102,456,462,465 
calcium hydrogen carbonate, 280,331,334 
calcium hydroxide, 109,273,279-280,282,331, 
372,425 

calcium hydroxide phosphate, 400 
calcium hypochlorite, 472,473 
calcium ions, 109,144,250,279,281,286, 

398,456 

calcium lead(IV) oxide, 353 
calcium oxide, 153,154,165,279,285,391-392, 
425,436,550 

calcium phosphates, 391,396,398,400,440 
calcium silicate (slag), 343,392,550 
calcium sulfate, 284-285,396,436,462 
calcium sulfate dihydrate. See gypsum 
calcium sulfite, 153 
calcium thioglycollate, 451 
calcium titanate, 421 
californium-249,27 
cancer 

boron neutron capture therapy, 298 
and methyl bromide, 480 
and platinum complexes, 506 
and selenium deficiency, 448 
Canyon Diablo meteorite, 319 
capped octahedron geometry, 58,59,493 
capped trigonal prism geometry, 58,59 
carbide lamps, 285 
carbides, 212,326-327 
carbo cation, 307 
carbohydrate, 447 

carbon, 10,24,36,80,129-130,170,185,190,196, 
240,285,315-326,335-338,366,551 
See also diamond; graphite; hydrocarbons 
carbon-12,24,325 
carbon-13,230,325 
carbon-14,325-326 
carbon allotropes, 28,321-322 
carbon atom, 56,320,613 
carbon black, 325 
carbon blocks, 325 
carbon-bonded carbonyl, 528 
carbon bonds, 317,318 
carbon-carbon double bonds, 232 
carbon-donor ligands, 528 
carbon cycle, 356 


carbon dioxide, 61,65,73,74,76-77,153,171,186, 
230,232-233,263,277,330-338,356,366,375, 
391-392,426,447,541-542,546 
clathrates, 240-241 
emissions of, 128,304 
and iron production, 550-552 
and photosynthesis, 286 
solid (dry ice), 317,331 
carbon disulfide, 141,335,336,390,431,434 
carbon fiber, 295 
carbon-fluorine bond energy, 300 
carbon-hydrogen bond, 241 
carbon monoxide, 50-51,74,171,217-218,232, 
304,305,316,328-330,359,369,375,391-392, 
503,528,562,564,624-627 
and allyl system, 639, 
and hydroformylation reaction, 647,648 
and iron production, 550-552 
toxicity of, 570 

carbon monoxide dehydrogenase, 594,595 
carbon nanotubes, 128,323-324 
carbon oxides, 305-306 

carbon species, boron-nitrogen analogs, 218-220 

carbon steel, 328 

carbon sulfides, 335 

carbon tetrabromide, 336 

carbon tetrachloride, 335,336,465,467 

carbon tetrafluoride, 336,468 

carbon tetrahalides, 335-336 

carbon tetraiodide, 336 

carbon tetroxide, 74 

carbonate-hydrogen carbonate buffer system, 186 

carbonate ions, 160,250,281,333-334,389 

carbonates, 160,333-335 

carbonation, 331,332 

carbonia, 333 

carbonic acid, 331-332 

Carboniferous period, 77,356 

carbonyl bonding, 630 

carbonyl chloride (phosgene), 329 

carbonyl compounds, 626-630,633-634 

carbonyl infrared stretching frequency, 630 

carbonyl ligands, 525,570,613,630,636,637,642 

carbonyl molecule, 528 

carbonyl sulfide, 335 

carbonylate anions, 633 

carbonyls, 330,507,515,625-633 

carboplatin, 506 

carboxylic acid, 299 

carcinogens, 330,336,379,386,540,541,543,569 
carnallite, 276 

cassiterite. See tin(IV) oxide 

catalase, 180,570 

catalysis, industrial, 644-648 

catalysts, 347,374-376,644 

catalytic converter, 371 

catalytic cycles, 644-648 

catena-poly-[(dimethylsilicon)-|ji-oxol], 349 

catenation, 318 

cation analysis, and HSAB concept, 158-159 
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cation charge, 97,99 
cation radii, 94,95 
cation-to-cation ratio, 100,101 
Cativa process, 645 

caustic potash. See potassium hydroxide 

caustic soda. See sodium hydroxide 

caves, 280-281,334 

celestite, 284 

cellophane, 335 

cellulose fibers, 437 

cement, 282-283,310,331 

cementite (iron carbide), 328,551 

center of inversion. See center of symmetry 

center of symmetry, 69,522 

cephalosporin, 446 

ceramic glazes, 358 

ceramics, 345,348,549-550 

cerium, 13,217 

cerium(IV) ion and oxide, 217 
cermets, 348 

cesium chloride, 101,102,105,116,155,269 

cesium fluoride, 252,268 

cesium hydride, 269 

cesium iodide, 252 

cesium ion, 105,248 

cesium isotope, 27 

CFC-12,337-338 

CFSE stereochemistry, 563 

chalcogens, 23 

See also Group 16 elements; oxygen; 
polonium; selenium; sulfur; tellurium 
chalcophiles, 160,161 
chalcopyrites, 433,563 

chalk. See blackboard chalk; calcium carbonate 
Challenger expedition (1873), 545 
charge densities, 96-97,125,151,210-211,292 
charge transfer, 540 
charge transfer transitions, 523 
cheese-making, 398 
chelate effect, 526,529 
chelating ligands, 503,526 
chemical bonding, 1,93 
chemical shift, 230 
chemical symbiosis, 528 
chemical topology, 206-207 
chemosynthesis, redox chemistry 
on seafloor, 175 

Chile saltpeter. See sodium nitrate 
chiral compounds, 507,647 
chiton family, 284 
chloramines, 473 
chlorate ion, 174,472-474 
chlorates, 472-474 
chloric acid, 471 
chloride anions, 276 
chloride ion test, 466 

chloride ions, 100,102,157,159,174,234,255,377, 
421,456,458,463,465,466,479,505,507,511, 
525,540,542,560 
and copper, 566 


and platinum complexes, 501 
and salt, 261 
chloride ligands, 560 
chlorides, 204,301,456,457,465,562 
chlorination, 463,476,479 
chlorine, 51,174-175,193-194,196,337,372,417, 
418,453-458,462-464,473,474,479,481,537 
electronegativity of, 301 
and oxidation number, 168-170,172,174 
chlorine-35,455 
chlorine-37,455 

chlorine atoms, 301,337,417,469-471 
chlorine-chlorine bond, 131 
“chlorine chamber,” 463 
chlorine dioxide, 469-472,479 
chlorine gas, 247,259-260,272,329,353,394,416, 
463,472,547,600 
chlorine monoxide, 469-470 
chlorine monoxide radical, 74 
chlorine oxides, 469-471 
chlorine(VII) oxo-anions, 205 
chlorine oxyacids and oxyanions, 152,471-475 
chlorine trifluoride, 476 
chloro compounds, 394,479 
chlorobenzene, 569 
chlorobutane, 253 

chloroethane (ethyl chloride), 255,354 

chlorofluorocarbons (CFCs), 76,336-338 

chloromethane, 349,619 

chlorophylls, 286,529 

chlorous acid, 471 

Christie, Agatha, 223 

chromate ions, 185,535,538,539,542,546 

chromates, 507,535-536,539-542 

chrome alum, 208 

chromic acid, 299,420,467,535,543 

chromite, 420,538,541 

chromium, 13,91,500,534-536,538-544, 

569,572,642,643 
chromium(II) acetate, 543 
chromium(II) chloride, 580-581 
chromium(III) chloride hexahydrate, 499 
chromium(III) complexes, 527 
chromium(III) hydroxide, 185 
chromium ions, 204-205,208,275,420,435,525, 
527,540,541,543,549,569 
chromium oxides, 379,419,420,422,534-535,541, 
543-544,576,580-581,602 
chromyl chloride, 204,215,466,542 
chryotherapy, 596 
chrysotile. See white asbestos 
cinnabar. See mercury(II) sulfide 
c/s-diamminedichloroplatinum, 508,509 
cis geometric isomers, 505,506,629-630 
cisplatin, 506 
citric acid, 478 

citric acid-generating genes, 310 
citrus fruit, 605 
clathrates, 239-241,489 
Claus process, 430 


Clausius, Rudolf, 113 

clay eating, 16 

clays, 16,303,348 

Clean Air Act (1970), 355 

cleaning agents, 441,543,596 

cleavage, of metal-metal bond, 633,637 

Clementi, E., 32 

climate, 77,240 

clinker, 109,282 

closo-cluster, 296 

cluster compounds, 630 

coagulation, of proteins, 308 

coal, and coking process, 325 

coal burning, 310,356,435-436 

cobalt, 20,90,534-536,545,558-561,571, 

573,632 

cobalt(II), 526,560-561,641 

cobalt(III), 527,528,561,571 

cobalt carbonyl, 631-632 

cobalt carbonyl hydrides, 633 

cobalt(II) chloride, 561,575 

cobalt complexes, 515,526,528,559,560,561,563 

cobalt disulfide, 434 

cobalt(II) hydroxide, 561 

cobalt ions, 156,254,504,525,559,561 

cobalt(III) oxide hydroxide, 561 

cobalt(II) perchlorate, 575 

cobalt(II) salts, 561 

cobaltate, 507 

coffee, 332,605 

coinage, 590 

coinage metals, 20,23,205-206,591-592 
See also copper; gold; silver 
Coindet, J. F., 453-454 
coke, 321,325,433,550,601 
cold packs, 387 
collagen, 221,284 

colloidal bismuth subcitrate (CBS), 402 
colon cancer, 448 

colors of transition metals, 510,517-518 
color emissions, and particle size, 103-104 
columbium, 585 

“combination baking powder,” 398 
“combo” elements, 218-221,350,476 
combustion, 410,412-413 
common hydrogen. See protium 
compass, 558 

complexation reaction, silver halides, 593 
compound formation, 114-120 
compounds, 130,249,254 
computer chips, 319 
computers, 340,558 
concrete, 109,282-283,465,550 
contact process, 439 
cookware, 302,302,565,348 
cooperative effect, 446 
coordination complexes, and HSAB concept, 
527-529 

coordination compounds, 526-527,614-615,623 
coordination isomerism, 504,505 
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coordination numbers, 85,501,582 
coordination-sphere isomerism, 504 
coordinative unsaturation, 636 
copper, 13,81,87,88,98,99,173,176,302,435, 
534-535,545,563-569,591-592,607 
biological aspects of, 571-572 
and free energy, 177-178 
reaction flowchart, 573 
copper alloys, 565-566 
copper(II) borate, 294 
copper(I) bromide, 220,221 
copper(II) carbonate, 440,565 
copper chloride, 425,566,569 
copper(II) chromate, 540 
copper(I) cyanide, 576 
copper fluoride, 528,575 
copper(II) hydrogen arsenite, 401 
copper(II) hydroxide, 425,426,567 
copper iodide, 466,528 

copper ions, 156,165,376,438,446,466,478,521, 
567,568 

copper(I) iron(III) sulfide, 563 

copper(II) iron(II) sulfide, 433 

copper metal, 294,376 

copper(II) nitrate heptahydrate, 388 

copper oxide, 231,294,388,426,563,564 

copper pyrites, 563,565 

copper refining, 592 

copper smelters, 564 

copper(I) sulfide, 564 

copper(II) sulfate, 540,565 

coral, 148,281 

coral limestone, 391 

Corning, 348 

corrin ring, 638 

corundum, 549 

Cosee-Arlmann mechanism, 646 
cosmetics, lead in, 358 
cosmochemistry, 2,74,428,489 
covalency 

Group 13 elements, 292 
in ionic compounds, 100 
of ions, 96-97 
covalent behavior, 97 
beryllium, 272,276 
magnesium compounds, 272 
covalent bond energies, 127 
covalent bond formation, electron-dot 
representations, 52 

covalent bonding, 41-80,81,93,104,106,197,253, 
457-458 

covalent bonds, 61,65,87,99,169,292,319,320 
covalent carbides, 326-327 
covalent compounds, 42,43,97,104,127-129,132, 
141,199-200 
covalent convention, 614 
covalent halides, 467-468 
covalent hydrides, 199,202,234-236 
covalent model, hydrogen bonds, 235-236 
covalent oxygen compounds, 418-419 


covalent radius, 29-30 

covalent substances, network, 61-63 

covalent zones, 106-108 

Coxsackie viruses 448 

cremation, and mercury pollution, 607 

Cretaceous period, 280 

crocidolite. See blue asbestos 

crocoite, 538,540 

crude oil, 347 

cryolite, 304,305,306 

crystal field splitting, 514-516,518,519, 

580.624 

crystal field stabilization energy (CFSE), 

514.519.520.624 

crystal field theory (CFT), 510-520,523 
crystal growing, 207 
crystal lattice, 84,95,96 

calcium chloride, 100,101 
and fluorescent behavior, 104 
lattice energies of ions, 116 
silver chloride, 98 
sodium chloride structure, 116 
crystal packing, 84 
crystal structures 

Earth’s mantle, 521 
and polyatomic ions, 105 
crystalline silicon, 63 
crystallization, of ions, 96 
crystals, 93,208 

cubic close-packed (ccp) arrangements, 
85-87,100-103 
cubic zirconia, 327,585 
cuprate, 507 
Curie, Marie, 271 
Curie point, 90 
Curie transition, 90 
curium-248,27 
cyanamide ion, 286 
cyanate ion, 478 

cyanide, 148,339,503,515,516,528,529,568 
cyanide ions, 147,148,339,477-478,503,507, 
528,553,600 
cyanide poisoning, 148 
cyano groups, 638 
cyano species, 568 
cyanocoalamin, 638 
cyanogen (CN), 477,478 
cyclic ions, 200 
cyc/o-dodecasulfur, 428 
cycloheptatriene ligands, 643 
cycloheptatrienyl anion, 643 
cycloheptatrienylium (tropylium) cation, 643 
cyclohexane, 220 
cyc/o-hexasulfur, 428 
cyc/o-octasulfur, 427,428-429 
cyclooctatetraene complexes, 643 
cyclopentadiene, 615 
cyclopentadienyl electrons, 625 
cyclopentadienyl ligands, 613-614 
cyclopentadienyl rings, 640 


cyclotriazine, 407 
cysteine, 162,446 
cytochrome c, 570 

d-block compounds, 613 
d-block elements, 11,12,499-500 
d electrons, 500,514-516,521-523 
d 2 -d & ions, spectra of, 521-522 
d orbitals, 4,8,9,21,33,42,53,78,367,512-513, 
516-518,568 
filling of, 11-14,23 
splitting, 513,567 
dangling bonds, 62 
Dann, Sandra, 209 
Davy, Humphry, 245,320,453 
Dobereiner, Johann, 19,454 
DDT, 479 
De-Nol, 402 
Debierne, Andre, 271 
decane, 64 
decomposition, 114 
deep-sea diving, 369 
defense industry, titanium, 537 
Degussa process, 339 
dehydration, 423,438,521 
dehydration energy, 266 
deliquescence, 259,283 
deltahedron, 296 
dendrimer diagrams, 206-207 
dental amalgam, 603-604 
dental ceramic, 348 
dental decay, 459 
dental fillings, 607 
dental fluorosis, 459 
“dephlogisticated air,” 409 
descriptive inorganic chemistry, 113 
dessicants, silica gel, 341-342 
detergents, 294,392-393,398,647 
detonators, lead(II) azide, 378 
deuterium, 227,228,230,431 
deuterium oxide, 228 
Devarda’s alloy, 388 
Deville, Henri Sainte-Claire, 303 
diabetes, 569 

Diablo Canyon meteor crater, 327 
diagonal relationships, 210-212 
diamagnetism, 15 
1,2-diaminoethane, 507,508,560 
diamminedichloroplatinum(II), 506,508 
diamminesilver(I), 466,478,593 
diamminesilver(I) chloride, 155 
diamminetetrachloroplatinum(IV) molecule, 506 
diammonium hydrogen phosphate, 398 
diamond, 28,61-62,104,129-130,218,219, 
318-320,323,327 
diamond film technology, 319-320 
diantimony trisulfide, 433 
diaphragm cell, 260 
diarrhea, 402 

diarsenic disulfide (realgar), 16 
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diarsenic trioxide, 433,611 
diarsenic trisulfide, 161,190,433 
diatomic molecules, 42,44-51,115,196 
diatomic species, Period 2 elements, 200 
diatoms, 357 
diazonium salts, 385 

diborane, 199,236,295,297,299,300,307 
diboron trioxide, 199,294,299 
dibromethane, 330 
dibromine, 467 
dicalcium silicate, 109,282 
dicarbide ion. See acetylide ion 
dicarbon tetroxide, 74,332-333 
dichloride, 457 

dichlorine, 174-175,416,463,467,470,472,474 
dichlorine-based compounds, 473 
dichlorine heptaoxide, 198,205 
dichlorine oxide, 418 
dichlorocuprate(I) ion, 568,569 
dichlorodifluoromethane, 336 

1.2- dichloroethane, 464 
dichloroiodine ion, 477 
dichloromethane (DCM), 138,332,615 
dichromate, 215,435,527,539-542 
dicots, 310 

dicyanoargentate(I) ion, 592 
dielectric constants, 138,238 
Diels-Alder reactions, 640 

1.3- dienes, 640 
diesel engines, 354 
diet 

and calcium carbonate, 281 
copper in, 571 
and zinc, 605-606 

diethyleneglycol dimethyl ether. See diglyme 

diethylether, 138,615 

diethylzinc, 622 

differentiating solvent, 143 

difluorine, 48,171,176,196,458,459,474 

difluorobromine cation, 477 

diglyme, 630 

dihedral mirror plane, 68 
dihydrogen, 45,128,135,231,374,375 
dihydrogen-difluorine reaction, 194 
dihydrogen gas, 193,236 
dihydrogen octasulfide, 428 
dihydrogen phosphate ion, 146 
dihydrogen phosphates, 397-400 
dihydrogen polysulfides, 427 
dihydrogen sulfide, 151 
dihydrogen vanadate ion, 538 
diiodine, 118,444,467,477 
diiron hexachloride molecule, 553 
dilithium molecule, 82 
dimers, reaction of, 633 
dimethyl mercury(II), 571 
dimethyl sulfide, 335 
dimethylformamide, 138 
dimethylglyoxime (DMGH), 562-563 
dimethylhydrazine, 376 


dimethylmercury, 141-142,616,622,623,638 
dimethylselenium, 447 
dimethylsulfoxide (DMSO), 138,575 
dinitrogen, 48,49,65,75-76,160,217,231,252, 
272,366,368-371,377,387,399,413,469, 
473,490 

and plants, 185,594 
as reactant, 371 
as reagent, 374,375 
and zeolites, 346-347 
dinitrogen compounds, 369 
dinitrogen gas, 130 

dinitrogen oxides, 54,265,368,379-380, 
383,388,420 

dinitrogen pentoxide, 198,420 
dinitrogen peroxide, 383 
dinitrogen tetroxide, 382-383 
dinitrogen trioxide, 381-382 
dinitrophenylhydrazine, 376 
1,2-dioxetanedione. See dicarbon tetroxide 
dioxgenyl ion, 591,592 
dioxide ion. See peroxide ion 
dioxides. See superoxides 
dioxo bridge, 443 

dioxygen, 42,48,49,75-76,135,184,186,412-417, 
446,469,490,556,570 
dioxygen molecule, 258,470,491,559,626 
dipolar aprotic solvents, 138,141 
dipole, 65 

temporary, 63 

dipole attractions, induced. See dispersion forces 

dipole-dipole forces, 63,65-66,78 

Dirac wave equation, 18 

direct reduction iron (DRI), 552 

disinfection, 469,472,473 

disodium hydrogen phosphate, 398 

dispersion-force interactions, 141 

dispersion forces, 63-64,78,193,235 

disproportionation reaction, 174,179 

dissociation, 140 

dissociative mechanism, 633 

dissolved oxygen (DO), 413 

distorted body-centered array, 103 

disulfide, 187,432,434 

disulfur dichloride, 336,443,444 

diuranate ion, 215 

diving, deep-sea, 490 

DNA, 241,399 

dolomite, 276,281 

doping, of silicon chips, 340 

double bonds, 42,48,53 

double chains, silicates, 344 

doubly magic nuclei, 26 

Dow Chemical extraction process, 277-278 

Downs cell, 256,277 

Downs process, 255-256 

drain cleaners, 260,425 

Drebble, Cornelius, 409 

DRI process, 577 

dry cells, 548 


dry ice, 317,331 

Dumas, John Baptiste Andre, 213 

DVDs, 221 

Dye, James, 37 

dyeing industry, 307-308 

dyes, 431,433,554 

dynamite, 378 

Earth 

crust of, 326,339,343,356,495,521, 
536,549,584 
early atmosphere, 413 
structure of, 421,521 
surface temperature of, 75 
water on, 422 
earthquakes, 521 

ED model. See electron domain model 

effective atomic number (EAN), 510 

effective nuclear charge, 30-34,94 

efflorescing, 262 

eggs, preservation of, 343 

880 ammonia, 371 

18-electron complexes, 633 

18-electron rule, 510,624,625,630,632-633, 

636,637 
eka-silicon, 20 
elastomers, 350,616 
electric power lines, 302,304 
electric power stations, coal-fired, 435,436 
electric quadrupole moment, 347 
electrical conductivity, 28-29,81-83,236, 

320,445 

electrical resistivity, Group 15 elements, 364,365 
electrical switches, 603 
electrical wiring, 565 
electricity production, from hydrogen 
oxidation, 128 

electrode potentials, 177-178,188 
electrolysis, 128,130,565 
electrolytic cell, 304,305 
electrolytic dissociation theory, 93 
electromagnetic radiation, 2 
electron affinity, 35-36,38,121, A-20 
electron configurations, 11,13-15,519 
electron counts and charges, 613-614 
electron density, 6-8,43,63 
electron domain (ED) model, 54 
electron-dot diagrams, 42,52,54 
carbon monoxide, 52,171 
dinitrogen oxide molecule, 54 
hydrogen chloride, 52 
nitrate ion, 53 
nitrogen fluoride, 52 
nitrogen trifluoride, 367 
phosphorus pentafluoride, 53 
phosphorus trifluoride, 367 
sulfate ion, 170 
water, 170 

electron-dot formula, and oxidation numbers, 169 
electron-dot structures, 377,437,470 
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electron gain or loss. See redox reactions 
electron holes, 340 
electron orbitals, 3-6,9-14,21 
electron pairs, shared, 41,52 
electron probability, 30 
electron repulsions, 10,11,13,15 
electron-sea (or electron-gas) metallic bonding 
model, 82 

electron sharing, in metals, 81 
electron shells, 2 
electron spin, 3,5,10 
electron transfer catalysts, 641 
electron transitions, alkali metals, 249 
electronegativity, 64-66,94,168-171,188 
electronegativity scale, 64,65 
electronic spectra, 521-523 
electronic transitions, 522-523 
electronics industry, 340 
electrons, 1-15,17,31-32,34-35,41,42, 
44,55,59-60,94,514,515 
electrophiles, 155,637 
electrostatic attraction, 95,116 
element reaction flowchart, 242 
elements 

classification of, 27-29,38 
existence of, 23-24 
main group, 23 
and orbital filling, 18 
and periodic table, 19-40 
solar system abundances of, 27 
stability of and isotopes, 24-27 
synthesizing new, 26-27 
toxicity of, 161-162 
ultratrace, 37,38 

elements 114,115,116, and 118,27 
emeralds, 275 

emission lines, of hydrogen atom, 1-2 
emission spectra, light, 1 
enamels, zinc oxide, 602 
enantiomers, 647 
enantioselective reactions, 647 
endothermic processes 
for alkali metals, 35 
ammonium nitrate and water, 387-388 
and electron affinity, 36 
ionic compound formation, 122 
endothermic reactions, 24,114,119 
energies of atomization, 118 
energy, and electrical conductivity, 83 
energy exchanges, Planck’s quantum 
theory of, 2 

energy ionization, 33-35 

energy level diagrams, 13,44,45,328-329 

energy levels, 2,83 

energy of hydration, 125 

energy values, in Frost diagrams, 180-181 

enthalpy, 114-118 

enthalpy changes, 114-115,120,132 
nitrogen trifluoride formation, 127 
for solution process, 126,273-274,277 


enthalpy cycle 

for an ionic compound solution, 249-251 
water formation, 232 
xenon tetrafluoride, 493-494 
enthalpy diagrams 

nitrogen trifluoride formation, 127,129 
sodium chloride formation, 122 
enthalpy factors 

and ammonium nitrate, 388 
ionic compound formation, 121 
in magnesium fluoride formation, 123 
of solution processes, 251,274-275 
enthalpy of atomization, 121,246,272 
enthalpy of formation, 114-115,122-123 
enthalpy of hydration, 125,283 
enthalpy of solution process, 125-126,141 
enthalpy of sublimation, 118 
entropy changes, 118-120,132 

nitrogen trifluoride formation, 127-129 
solution process, 126,127,273,276-277 
entropy concept, 113,118 
entropy cycle, for an ionic compound solution, 
249-250 
entropy factors 

ionic compound formation, 120 
ligand replacement reactions, 526 
of solution process, 124,251, 

274-275 

entropy of hydration, 125 
environment, lead in, 355-356,358-359 
environmental pollutants, 238,337 
Environmental Protection Agency, on 
gasoline, 354 
enzymes 

and manganese, 569 
and metals, 162 
and molybdenum, 594 
molybdopterins, 594,595 
tungsten-containing, 595 
zinc, 605,606 
epilepsy, 480 
Epsom salts, 16,276 
equilibria, chemical, 230 
Erhlich, Paul, 401 
etching of glass, 461 
ethane, 232,330 
ethanoic (acetic) acid, 302,541 
ethanol, 253,355,356,438,444,540-541, 

602,644 

ethanolamine, 430 
ethene, 232,347,366,438,464,646 
ether. See ethoxyethane 
ethoxyethane (diethyl ether), 155,277,428,438, 
542,615 

ethyl anion, 637 
ethyl chloride, 255 
ethyl gasoline, 355 
ethylbenzene, 347 
ethylene dibromide, 330 
ethylenediamine, 502-503 


ethylenediaminetetraacetate ion, 503 

ethyne 212,326 

Europa, 242,428 

Europa Ice Clipper, 242 

europium, 216-217 

eutectic freezing mixture, 283 

eutrophication, 398,413 

Ewens, R., 509 

Ewens-Bassett nomenclature system, 509 
execution, by hydrogen cyanide, 339 
exothermic nuclear reactions, 24 
exothermic processes, 24,114,115,119 
for alkali metals, 35 
instant hot packs, 283 
ionic compound formation, 122 
ligand replacement, 526 
exothermicity, 121 
explosives, 370,387,388,470 
eye infections, 595 

/-block compounds, 613 

/-block elements, 11,12,500 

/-group metals, 612 

/orbitals, 4-5,9,11,13,21,23,33,42 

/ac ligand, 506 

face-centered cubic packing arrangement, 
85,86,87,102 

faint young Sun phenomenon, 77 
Fajans, Kasimir, 96 

Fajans’ first, second, and third rules, 97-99 
Falkland Islands War of 1982,278 
Faraday, Michael, 42 
Faraday constant, 176,177 
farming, and carbon dioxide, 330 
farmworkers, and methyl bromide, 480 
fats, 232 

FeCoNi triad. See iron-cobalt-nickel triad 
feedstock, 374 
feldspars, 346,348,462 
ferrate, 507 

ferrate ion, 179,180,526,528,553 
ferredoxins, 570-571 
ferric alum, 208 
ferrimagnetism, 90,91 
ferrites, 309,558 
ferritin, 570 
ferroaluminate, 109 
ferrocene, 614,640,641,643 
ferrofluids, 91 
ferromagnetism, 90 
ferrophosphorus, 392 
fertilizers 

ammonia, 376 

calcium cyanamide, 286 

calcium dihydrogen phosphate, 398-399 

nitric acid, 387 

nitrogen, 388 

phosphates, 398 

phosphoric acid, 396 

potassium chloride, 262 


Index 


1-9 


sodium nitrate, 373 
sulfuric acid, 440 
fiberglass, 295 
fibers, inorganic, 295 
fire extinguishing, 264,277,330,336,337 
fire protection, gypsum, 285 
fire retardants, 294,395 
fireproof insulation, 436 
fireworks, 472,475 
first ionization energy, 33-35,40 
fish 

and aluminum toxicity, 310 
and carbon dioxide, 241 
and copper, 572 
and dioxygen, 413 
and mercury, 607 
and selenium, 448 

flame colors, of alkali metals, 248-249 

flame retardants, 398 

flies, black alkali, 250 

flour, 384,470 

fluorapatite, 392 

fluoridation (of water), 306,459 

fluoride, 150,351,502 

fluoride ion, 97,143,151,158,306,456,458,465, 
478,503 

fluoride ligands, 528 

fluorides, 196-197,205,367,419,456,457,458,465, 
476,492-494,526 

fluorine, 49,52,60,171,193-194,196,323,411, 

416,418,454-460,475,481,628 
electron affinity, 36 
and toxic plants, 478-479 
fluorine atoms, 57,69,300 
fluorine-fluorine bond, 131,455-456 
fluorine gas, 458,462 
fluorite, 101,116 
fluoro-anions, 205 
fluoroacetate ion, 478-479 
fluoroapatite, 459 
fluoroargon cation, 492 
fluorocarbons, 305-306 
fluoroethane, 444 

fluoro(hydrocyano)krypton(II) ion, 495 
fluorokrypton cation, 492 
fluorosilicic acid, 306,459 
fluorosulfonic acid, 439 
fluorosulfuric acid, 150 
fluxionality, 643 
fly ash, 109,283 
foodstuffs, 310 

aluminum in, 357 
and cadmium, 606 
and lead, 358 

and sodium hydrogen carbonate, 264 
and sodium hydroxide, 261 
fool’s gold. See pyrite 
formal charge concept, 54,171 
formate dehydrogenase, 595 
formic acid. See methanoic acid 


fossil fuel burning, 128 
francium, 28,31,246 
Frankland, Edward, 612,622 
Frasch, Herman, 429 
Frasch process, 429-430 
Fraunhofer, Josef von, 2 
free electrons, of metallic hydrides, 236 
free energy, 113,119-120 
chlorine 462 
of diamond, 319 

and electrode potentials, 177-178 
in Frost diagrams, 180-181 
nitrogen trifluoride formation, 129 
of oxides, 153 

for Periods 2 and 3 hydrides and oxides, 
198-199 

in solution process, 251,275 
free energy cycles, 130,458-459 
free energy equation, 120 
free energy of formation of compounds, 132 
free metal ions, 99 
free-radical species, 74,80 
free radicals, 469-471 
freons. See chlorofluorocarbons 
Friedel-Crafts reaction, 307,555 
frontier orbitals, 46,83 

Frost (oxidation state) diagrams, 180-182,184,188 
carbon and silicon, 317 
chlorine, 462 
lead, 190,351 
manganese, 181,544,545 
nitrogen, 365,368 
oxygen species, 181 
phosphorus, 365,389 
sulfur, 427 
tin, 351 

transition metals, 535 
fruit preservatives, sulfites as, 437 
fruits, and sulfur dioxide, 436 
fuel additives, ferrocene, 641 
fuel cells, and hydrogen oxidation, 128 
fuels, leaded, 619 
Fuller, R. Buckminster, 322 
fullerenes, 321-323 
fulvic acid, 479 
fumigants, 330,480 
“fuming nitric acid,” 386 
fungal infections, tin inhibition, 357 
fungicides, 604,607,621 
furnace linings, 279 
fusion (synthesis), 24 

g orbitals, 18 
gadolinium, 13,18,90 
galena. See lead(II) sulfide 
gallates, 29 

gallium, 28,29,31,34,221,246,292,293 
gallium arsenide 104,220,221 
gallium chloride, 292-293,313 
gallium dichloride, 313 


gallium phosphide, 221 

gallium(III) salts, 313 

gallium sulfide, 204 

galvanizing process, 601 

Ganymede, 242 

gardening, and acid soils, 280 

gas chamber, 339 

gas clathrates, 239 

gas filters, 325 

gas sensors, graphene, 324 

gas separation, and zeolites, 346-347 

gas wells, 465 

gasoline, 150 

and carbon dioxide, 331 
lead-free, 641 
octane rating, 354-355 
gasoline additives, 255 
TEL, 354 

gasoline engines, 347,354,371 
gemstones, 208,275 

See also specific gemstones 
geochemistry, 154-155,160-161 
geodesic dome, 322 
geometric isomerism, 505-506 
geometries 

capped octahedron, 58,59 
capped trigonal prism, 58,59 
linear, 55,60 
octahedral, 58,60,102 
pentagonal bipyramid, 58,59 
tetrahedral, 56,60 
trigonal bipyramidal, 57,60 
trigonal planar, 55-56,60,61 
geophagy, 16 
Gerlach, Walther, 3 
germane, 236 

germanium, 20,29,220,221,315,316 

Gibbs, J. Willard, 113 

Gibbs free energy, 113 

Gillespie, Ronald, 534 

glass, strength of, 353 

glass additives, cadmium selenium, 445 

glass etching, 341,461 

glass manufacture, 263,293 

glasses, 342-343 

glassware, 342,543 

glassy ceramics, 348 

glazes, 352,358,602 

glazing, windows, 443 

global warming, 240,338 

glow sticks, 332 

glycoproteins, 284 

Goeppert-Mayer, Maria, 230 

goethite, 284 

goiter, 453,480-481 

gold, 20,81,87,89,156,339,492,591-594, 
596,600 

gold(III) chloride, 594 
gold(III) ions, 594,605 
gold nanoparticles, 89 
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gold(I) oxide, 594 
gold(I) salts, 594 
Goldschmidt, V. M., 160 
grains, and insects, 330 
granite, 154 

See also feldspars 
graphene, 324 

graphite, 28,129-130,196,218,254,277, 
320-323,548,605 
greases, 53,260,337 
Great Salt Lake, 250 
“greenbacks,” 544 

greenhouse effect (radiation trapping), 75-77 
greenhouse gases, 240,278,306,336,338,444 
Greenland ice cap, 77,356 
Grignard, Victor, 618 
Grignard reagents, 277,616-618,636 
ground-state molecular orbital diagram, 
dioxygen, 42 

Group 1 elements. See alkali metals 

Group 2 elements. See alkaline earth metals 

Group 3 elements, 203,216,500 

Group 4 elements, 216,536-537,581,584-585,630 

Group 5 elements, 216,580,581 

See also niobium; tantalum; vanadium 
Group 6 elements, 205,216,538-544,581,586-587 
Group 7 elements, 544-549,581,587-588,631 
Group 8 elements, 205,549-558,581,590,631 
Group 9 elements, 558-561,581,591,624,631-632 
Group 10 elements, 562-563,581,624,632 
Group 11 elements (coinage metals), 205-206, 
213,563-569,581,591-592,632 
Group 12 elements, 14,206,213,500,599-609,622 
See also cadmium; mercury; zinc 
Group 13 elements, 203,213,214,291-314, 

618- 619 

Group 14 elements, 64,200,204,213,315-362, 

619- 621 

Group 15 elements, 66,194-195,200-202,213, 
363-407,621-622 

Group 16 elements, 66,104,200,205,213, 

409-452 

Group 17 elements, 30,66,95,192,231,235, 
453-485 

Group 18 elements, 192,205,487-498 

See also argon; helium; krypton; neon; noble 
gases; radon; xenon 
group theory, 67 

groups of elements, trends in properties of, 
192-195 

gypsum, 282,284-285 
gyroscopes, beryllium in, 275 

Haber, Fritz, 373 
Haber-Bosch process, 373-376 
hafnium, 217,584 
hair, and disulfide bonds, 432 
hair gels, 620 

half-cell potentials, 178,182 
half-reaction concept, 173-174 


half-reactions, 176-178 

See also oxidation; reduction 
half-sandwich compounds, 642 
halide complexes, tetrahedral geometries, 516 
halide ions, 36,98,150,157,244,503,600 
halides, 300-301,306-307,465-468,524,585,633 
Hall, Charles, 303,304 
Hall-Heroult process, 303 
halocarbons, 277 
halogen atoms, 34,36,41 
halogen exchange reactions, 617 
halogens, 23,95,115,158,193-194,231,453-485 
Hamilton, Alice, 355 
hapticity, 613 

hard-soft acid-base (HSAB) concept, 
156-162,527-529 

hard sphere model of packing, 86,104 
hard water, 346 
hardness, determining, 156 
heat, 113 

“heavy” oxygen, 412 

heavy transition metals, 579-597 

heavy water, 431 

See also deuterium oxide 
Heck, Richard F., 648 
Helicobacter pylori, 402 

helium, 2,10,23,25,33,74,207,369,487-490,492 

helium I and helium II, 489 

helium-3,23,24,229 

helium-4 (a-particle), 23,24,26,298 

helium molecular ion, 45-46 

hematite. See iron(III) oxide 

hematite, dioxygen, 557 

hemocyanins, 571 

hemoglobin, 328,339,358,446,529,570,626 
hemosiderin, 570 
Henderson, Yandell, 355 
heptafluorozirconate(IV) ion, 582 
heptahydrates, 96 
herbivores, and silica, 357 
Heroult, Julia, 303 
Heroult, Paul, 303,304 
heterogeneous bonds, 65 
heteronuclear covalent bonds, 65 
heteronuclear diatomic molecules, 50-51 
heteropoly-blues, 587 
heteropoly-ions, 587 
heteropolymolybdates, 587 
heteropolytungstates, 587 
hexaamminecobalt(II) complex, 527,559 
hexaamminecobalt(III) ion, 527,559 
hexaamminenickel(II) ion, 526 
hexaaqua ions, 526,536 
hexaaquaaluminum chloride, 96 
hexaaquaaluminum ion, 201,292,302,307,308 
hexaaquachromium(III) ion, 540 
hexaaquacobalt(II) chloride, 561 
hexaaquacobalt(II) ion, 525,559,561 
hexaaquacopper(II) ion, 566 
hexaaquairon(II) chloride, 555 


hexaaquairon ions, 511,516,523,552-554,556 
hexaaquamagnesium ion, 105 
hexaaquamanganese(II) ion, 523 
hexaaquanickel(II) ion, 156,423,526,562 
hexaaquatitanium(III) ion, 518,519 
hexaaquavanadium ions, 538 
hexaaquazinc(II) ion, 601 
hexacarbonylchromium, 330,626,630,643 
hexacarbonyls, Group 6,631 
hexacarbonylvanadium(O), 630 
hexachlorides, 216 
hexachlorotitanate(III) ion, 518 
hexacyanocobaltate(III) ion, 559 
hexacyanoferrate(II) ion, 511,516,552-553, 
554,556 

hexadentate ligands, 503 

hexafluoro series, transition metal complexes, 584 
hexafluoroarsenate(V) anion, 378 
hexafluoroaurate(V) ion, 592 
hexafluorocobaltate(IV) ion, 502 
hexafluoroethane, 306 
hexafluorophosphate ion, 142 
hexafluoroplatinate(V) ion, 591 
hexafluorosilicate ion, 306,341,461 
hexafluorosilicic acid, 304 
hexagonal close-packed arrangement, 85,86,103 
hexagonal packing arrangement, 85 
hexamminecobalt(III) ion, 525 
hexamminenickel(II) ion, 156 
hexane, 138,253 
hexanitrato-complex ions, 217 
hexanitritocobaltate(III) ion, 257,265 
hexanitrocobaltate(III) ion, 559 
HFC-134a, 337-338 
high-spin ion, 519-520 
highest-energy occupied molecular orbitals 
(HOMOs), 46,220,627 
highest molecular symmetry, axis of, 68 
highway markings, 540 
highway surfaces, 431 
Hindenburg disaster (1937), 490 
holmium, 20 
homogeneous bonds, 65 
Hoppe, Rudolf, 492 
horizontal mirror plane, 68,70 
horticulture, mercury compounds, 604 
hospitals, dioxygen in, 413 
hot packs, instant, 283 
houses, and radon, 496 

HSAB concept. See hard-soft acid-base concept 
Humboldt current, 413 
humic acid, 479 
Humphrey, Edith, 499 
Hund’s rule, 10,44,48 
hybrid atomic orbitals, 59-61,297,418 
hybridization, orbital, 59-61 
hybridization concepts, and diborane 
molecule, 297 
hydrated ions, 109,125 
hydrated salts, 95-96 


hydrates, 95-96 
hydration, energy of, 125 
hydration, entropy of, 125,274 
hydration enthalpies, 125,248,251,274, 

519-520, A-22 

hydration isomerism, 504,505 
hydration numbers, 125,273 
hydration process, 105,282 
hydration sphere, 125,248 
hydraulic braking systems, 349 
hydraulic fluids, 620 
hydrazine, 147,185,366,368,370,376 
hydride complex, 648 
hydride ion, 244 

hydrides, 198-199,202,212,233-237,367,371-377 

hydridic hydrogen, 236 

hydroboration, 299,618 

hydrocarbon energy sources, 128 

hydrocarbon oils, 281,349 

hydrocarbons, 150,235,299,340-341,374,422 

hydrochloric acid, 140,301,307,331,380,428, 

431.453.464- 465,471,473,547,548,560, 

562,568,589 

acid ionization constant of, 143, 
and iron(II) compounds, 555 
in stomach, 144 

hydrochlorofluorocarbons (CFCs), 337-338 
hydrocyanic acid, 148,478 
hydroelectric power plants, 128 
hydrofluoric acid, 138,143-145,151,341,461-462, 
465,478 

hydroformylation reaction, 647 
hydrogen, 23,33,62-63,65,128,168,170,194, 
227-244,347,371,376,552 
reaction flowchart for, 242 
hydrogen-1,23,24,228 
hydrogen-2 nuclei, 23 

hydrogen atoms, 1-2,7,9,170,173,296-297,417 
hydrogen azide, 376-377 
hydrogen bomb, 229 
hydrogen bond. See protonic bridge 
hydrogen bonding, 44-45,63,66,78,237-239, 
241-242 

hydrogen bonds, 66,235-236 
hydrogen bromide, 65-66 
hydrogen carbonate ion, 105,146,233, 
263,281,334 

hydrogen carbonate salts, 247 
hydrogen carbonates, 333-335 
hydrogen chloride, 51,65-66,169-170,202,219, 

235.278.340.464- 466,468,555 
hydrogen chloride gas, 353,372,394,553 
hydrogen chromate ion, 538,539 
hydrogen cyanide, 148,170,339 
hydrogen difluoride ion, 461 
hydrogen economy, 128 

hydrogen fluoride, 66,144,199,202,231,235,304, 
305,313,444,454,459-462,492 
hydrogen fluoride gas, 305,460 
hydrogen fusion, in stars, 24 


hydrogen gas, 176,193,231,233,260, 

459-460,465,591 
hydrogen halides, 460,465 
hydrogen-halogen bonds, 145 
hydrogen iodide, 185,376 
hydrogen ion donors, 149 
hydrogen ion exchange reactions, 139 
hydrogen ions, 44,174-177,307,544-545 
hydrogen isotope, 25 
hydrogen oxidation, and electricity 
production, 128 

hydrogen peroxide, 170,179-181,184,185,259, 
293,299,333,370,414,424,432,451,542,546 
hydrogen phosphate ion, 146,147,399,400,425 
hydrogen phosphates, 397,398 
hydrogen polysulfide, 428 
hydrogen selenate ion, 448 
hydrogen selenide, 235,432 
hydrogen sulfates, 146,438,441 
hydrogen sulfide, 147,151,175,187,199,202,204, 
374,426,430-432,434 
hydrogen sulfite, 146,435,437 
hydrogen transfer, 647 
hydrogen xenate, 494,495 
hydrogenase, 571 

hydrogenation, of alkenes, 646-647 
hydrohalic acids, 144-145,466,477 
hydrolases, and zinc, 605 
hydrolysis, 144,149,151,605 
hydrometallurgy, 564-565 
hydronium chloride, 140 
hydronium ion, 137,143,144,149,175,302,306, 
419,423,438,442,472,554 
hydrothermal vents, 451 
hydroxapatite, 284 
hydroxide gas, 193 

hydroxide ions, 147,151,160,174-175,259,282, 
303,333,344-345,371,423-426,507,554,556, 
601,603 

hydroxide solubility, alkaline earth metals, 273 
hydroxides, 259-261,279,424-425 
hydroxochlorides, 213 
hydroxophosphate, 284 
hydroxotributyltin, 357 
hydroxyapatite 221,284,358,459 
hydroxyl radicals, 74,128,417,426 
hydroxylamine, 368,406 
hydroxylammonium ion, 368 
hypervalent compounds, 367 
“hypo.” See sodium thiosulfate pentahydrate 
hypochloric cid, 464 
hypochlorites, 294,463,472,473,526 
hypochlorous acid, 384,394,471-473 
hypohalous acid, 477 
hyponatremia, 423 

hypophosphorous acid. See phosphinic acid 

ice, 237-238,242,283 
ice caps, 77 
Iceland spar, 280 
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icosahedron arrangement, 292 

ideal gas law, 370 

identity operator, 67 

Iijima, Sumio, 323 

imidazolium ring, 142 

IMPase. See inositolmonophosphate 

improper rotation, 69 

impurity semiconductor, 84 

indium, 207,213,292 

indium arsenide, 104 

indium compounds, A-6 

indium(I), and copper(I), 213 

indium(III), and bismuth(III), 213 

induced dipole (dispersion) forces, 66 

induced dipole attractions. See dispersion forces 

induced dipole effect, 65-66 

inductive effect, 628 

industrial catalysis, organometallic compounds in, 
644-648 

industrial synthesis, 232 
inert complexes, 525 
inert-pair effect, 214-215,448 
infrared-absorbing vibrations, 76 
infrared radiation, 75,76 
infrared spectroscopy, 73-75 
inks, Prussian blue, 554 
inorganic benzene. See borazine 
inorganic chemistry, 533-534 
medicinal, 16-17 
inorganic geochemistry, 186 
inorganic polymers, 350 
inorganic thermodynamics, 113-135 
inositol phosphates, 400 
inositolmonophosphate (IMPase), 211 
insect infestation, 330 
insecticides, 393 
insulators, 84,220,283,342,348 
insulin, 569 

inter-electron repulsions, 34,36,94 
intercalation, 254 
interhalogen compounds, 475-477 
intermolecular forces, 63-66,78 
internal combustion engines, 417 
internal rotation, 643 
International Association for Hydrogen 
Energy, 128 

International Union of Pure and Applied 
Chemistry (IUPAC), 22,23,585 
interstices, 100 

interstitial carbides. See metallic carbides 
inverse spinel structure, 308-309 
inversion, center of, electronic transitions, 522 
inversion, through a center of symmetry, 69 
invertebrates, and copper, 571-572 
Io, 74,242,428 
iodate ion, 467 

iodide-iodine redox reaction, 467 
iodide ion, 97,157,158,179,354,466,467,477, 
478,480,507,538 
iodides, 465,515 
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iodine, 20,28,29,158,168,185,193-194,376,442, 
453-455,467,480-481 
reaction flowchart, 482 
iodine atoms, 468,475 
iodine heptafluoride, 80,476,493 
iodine isotope, 25 
iodine monochloride, 476,478 
iodine number, 476 
iodine pentafluoride molecule, 58 
iodine polyfluoride anions, 493 
iodine trichloride, 476,477 
iodized salt, 454 
iodo-organic molecules, 481 
ion charge, 95,97 
ion-dipole forces, 63,138-139,248 
ion-dipole interactions, 96,124,125 
ion exchangers, zeolites, 346 
ion formation, 35 
ion hydration, 247-248,273 
ion-ion interactions, 124 
ion packing, 84,100-105 
ionic attractions, 95 
ionic behavior, 97 

ionic bonding, 81,93-111,197,456-457 
ionic bonds, 78,99,135 
ionic carbides, 326 
ionic chlorides, 301 

ionic compounds, 93-94,96,99-105,120-122, 
132,142,613 
isomorphism in, 207-209 
melting of, 97,98 
solution process for, 124-127 
ionic convention, 614 
ionic-covalent boundary, 99 
ionic crystal structures, 99-105 
ionic halides, 465-467 
ionic hydrides, 199,234 
ionic lattice diagrams, 101-103 
ionic model, pure, 94 
ionic radii, 94-95,105,109,208, 

252,272 

ionic solvents, 138,142 
ionic zones, 106-108 
ionization, 140 

ionization energies, 33-35,38,42 
aluminum and thallium, 215 
lanthanoids, 216,217 
of magnesium, 123 
ionization energy, 121-124 
ionization isomerism, 504,505 
ions, 100 

ambidentate ligands, 157 
and charge density, 248 
and isomorphous substitution, 208-209 
cyclic, 200 

electron configurations of, 14-15 

hydrated, 125 

isoelectronic, 200 

sizes of, 209 

See also anions; cations 


iridium, 580,589-591,605,617-618,624, 

632,633,636 

iridium catalyst, Cativa process, 645 
iron, 15,24,81,86,90,325,399,413,521,545, 
549-558,569-570,601,626,639 
oxidation states, 178-179,503 
reaction flowchart, 573 
iron(II), 387-389,555-556 
iron(VI), 528 
iron alloys, 551 
iron carbide. See cementite 
iron carbonyl derivatives, 640 
iron carbonyl hydrides, 633 
iron chlorides, 91,336,464,465,553,555 
iron(II) chromium(III) oxide. See chromite 
iron-cobalt-nickel triad, 536 
iron disulfide, 434 

iron(II) disulfide (pyrite), 28,161,187,433 
iron(III) hexacyanoferrate(II) ion. 

See Prussian blue 

iron hydroxides, 180,185,552,556,557,576 
iron intake, 38 

iron ions, 109,156,173,178-180,208,303,385,442, 
443,446,464,541,547,552-570,576 
iron(II) iron(III) hydroxide, 557 
iron(II) iron(III) oxide. See magnetite 
iron isotope, 25 
iron-manganese alloys, 91 
iron(III) nitrate nonahydrate, 553 
iron(III) oxide hydroxide (limonite), 185,549, 
554,557. See also rust 

iron oxides, 161,284,303,305,329,392,442,520, 
541,534-535,549,550,555-558,564 
iron(III) phosphate, 541 
iron pnicticides, 399 
iron-porphyrin complex, 570 
iron pyrite, 430 
iron(II) salts, 555 
iron(III) silicate, 564 
iron smelting, 305,329 
iron sulfate, 441 

iron(II) sulfate heptahydrate, 555 

iron(II) sulfide, 428,430,431,433 

iron-sulfur clusters, 571 

iron-sulfur proteins, 570 

iron tricarbonyl-1,3-diene derivatives, 640 

isoelectronic ions, 94,95 

isoelectronic series, 14,199-200,594 

isoelectronic solids, 220 

isoelectronic species, 199 

isomers, in transition metals complexes, 

503-507 

isomorphism, in ionic compounds, 207-209 
isomorphous compounds, 203-204 
isomorphous substitution, 208-209 
isopropanol, 615 
isotactic polymers, 645 
isotones, 26 

isotopes, 24-27,227-230 
itai-itai, 606 


Jahn-Teller effect, 567 
Javex, 472 
Jensen, Hans, 26 
joint replacements, 327 
Jupiter, 74,233,242,428 

kaolin, 16 

Kapustinskii equation, 118 
Karlik, Berta, 455 
Kashan disease, 448 
Kaye, Albert, 491 
Kealy, Tom, 640 
Keggin, J. F., 587 
Keggin clusters, 587 
kernite, 293 
ketones, 299 

kidneys, 266,358,448,572,606 
kinetic factors, and thermodynamic factors, 
129-132 

kinetic feasibility, 154 
Kistler, Samuel, 342 
kitchenware, 279,596 
kitty litter, 342 

“knight’s move” relationship, 212-215 

knocking (premature ignition), 354 

Kolbe, Adolphe, 56 

Kraft process, 437 

Krebs cycle, 478 

Kroll process, 536 

krypton, 488,489,490,492,495 

krypton difluoride, 492 

labile complexes, 525 
labile ligands, 636 
Labrador current, 413 
lachrymatory factor, 446 
Laing, Michael, 108,212 
Laing bond tetrahedron, 108 
lakes, 186,242,250,262,310,413 
landfills, 305,436,462,592 
lanthanides. See lanthanoids 
lanthanoid contraction, 580 
lanthanoid phosphates, 208 
lanthanoids, 21,23,191,215-217,234 
lanthanum, 13,22-23,289 
lanthanum(III) cation, 422 
lapis lazuli, 209,361 
Laporte selection rule, 522 
laser printers, and ozone, 416,426 
Latimer (reduction potential) diagrams, 
178-180,188 
lattice dissociation, 124 

lattice energies (enthalpies), 116-118,146, A-21 
alkali metals 252,253 
calcium chloride, 283 
and ion hydration energies, 247-248 
and ionic compound formation, 121 
of inverse spinel, 309 
of ionic compounds, 142 
lanthanoids, 216 
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of magnesium chloride and sodium 
chloride, 274 

of magnesium ion, 122,123 
of sodium fluoride, 124 
of sodium halides, 251,456 
and solubility, 139 
of solution process, 124 
and solvent-solute bonding, 138 
lattice entropy, 274 
lattice types, 116 

laughing gas. See dinitrogen oxide 
Lavoisier, Antoine, 167,410,453 
law of octaves, 19 
lawrencium, 22 
LCAO method, 43 
L-dopa, 647 

Le Chatelier principle, 146,239,257,319, 
346,373,387,398,439,541 
leaching, 541,564 

lead, 14,16,29,87,214,315-316,351-355, 
358-359,413,433,601 
lead-208,26 

lead(II) acetate. See lead(II) ethanoate 
lead-acid batteries, 352-353,358,441 
lead(II) azide, 378 
lead battery industry, 358 
lead bromide, 353 
lead carbonates, 358,422 
lead chloride, 353 
lead(II) chromate. See crocoite 
lead(II) ethanoate (sugar of lead), 315, 
358,431-432 
lead glass, 342,343 
lead halides, 353-354 
lead intake, 355-356 
lead iodide, 353 
lead ions, 351,353,354,358 
lead isotopes, 25,26 
lead(II) lead(IV) oxide, 352 
lead-mining industry, 352 
lead oxides, 352-353 
lead phaseout, 355 
lead poisoning, 316,358 
lead smelting, 310-311,352 
lead-sodium alloy, 255 
lead(II) sulfate, 161,352,424,441,537 
lead(II) sulfide, 161,352,423,424,432,433 
leaded fuels, 355,619 
leather tanning, 433 
lepidocrocite, 284 
leukemia, strontium-90 cause, 222 
leveling solvent, 143 
Lewis, Gilbert N., 41,53,137 
Lewis acid-base reactions, and ammonia, 372 
Lewis acid-base theory, 138,155-156,162 
Lewis acids, 141,155,156,204,300,307,501,510, 

511.602.606.637 

Lewis bases, 141,155,156,372-373,384,419,423, 

501.637 

Lewis cube model of atom bonding, 41 


Lewis method, beryllium chloride, 55 
Lewis structures, 51-53 
Libby, W.F., 326 
life, 557 

and arsenic, 400 

and catenation of carbon, 318 

development of, 286 

elements necessary for, 37-38 

and hydrogen, 241 

and iron systems, 572 

and oxygen, 413,446 

and phosphorus, 399 

in solar system, 242 

sodium and potassium ions, 265 

and water, 242 

ligand atoms, HSAB classification, 528 
ligand electrons, and complex formation, 512 
ligand field theory, 510,523-525 
ligand orbitals, 512,524-525 
ligand replacement reaction, 526 
ligands, 501-503,534 
ambidendate, 157,504 
and cobalt, 559,560 
and copper, 567,568 
and crystal field splitting, 515 
and crystal field theory, 512 
electron counts and charges, 613-614 
and geometric isomerism, 505-506 
and iron, 552 
and nickel, 563 

nitrogen-, oxygen-, and carbon-donor, 528 
spectrochemical series, 515 
and transition metal complexes, 507 
and transition metals oxidation states, 503 
light emissions, 1 

light-emitting diodes (LEDs), 221 
lightning flashes, 371 
lignin, 437 

lime, hydrated. See calcium hydroxide 
lime mortar, 282 

Limerick Nuclear Generating Station, 
Pennsylvania, 496 
limestone, 280,281,289,550,551 
See also calcium carbonate 
limewater test, 331 

limonite. See iron(III) oxide hydroxide 

line spectra, 1 

linear geometry, 55,60 

linkage isomerism, 504,528-529 

litharge, 352 

lithiation, 642 

lithium, 28,46,47,82-83,104,105,193,195,210, 
211,246-248,252-255,268,371,616 
ionization energies of, 34 
reaction flowchart, 266-267 
lithium-6,229 
lithium-7,23,24,298 
lithium alkyl, 636 
lithium aluminum silicate, 348 
lithium atoms, 30,31,33,34 


lithium batteries, 253-255 

lithium carbonate, 247,249,306,334 

lithium chloride, 141,249,253,254,269 

lithium cobalt(III) oxide, 254 

lithium deficiency, 266 

lithium fluoride, 252,268 

lithium greases, 253 

lithium hydride, 269 

lithium hydroxide, 248,259 

lithium iodide, 104,252 

lithium ion, 141,176,248,252,253 

lithium ion rechargeable battery, 254 

lithium metal, 176,253 

lithium oxide, 102,247,257 

lithium stearate, 253 

lithium-thionyl chloride cell, 254 

lithophiles, 160 

lithosphere, 310 

liver, 448,570,572 

lobes, molecular orbitals, 7,9,44 

lodestone, 558 

London, Fritz, 63 

London forces. See dispersion forces 
lone pairs of electrons, and molecular 
shape, 55-56,57 
Lonsdale, Kathleen, 319 
lonsdaleite, 319 

lowest-energy unoccupied molecular orbitals 
(LUMOs), 46,220,627 
Lowry, Thomas, 137 
lubricants, 349,586,620 
Lugan, Leonie, 454 
lung cancer, 496 
lung tissue, and ozone, 417 
luster (of metals), and band theory, 83 
lutetium, 22,23 
Lux-Flood theory, 154 
lye. See sodium hydroxide 
Lyman, Theodore, 1 

Madelung constants, 116 
Magic Acid, 150 
magic numbers, 38 

magnalium. See magnesium aluminide 
magnesium, 10,14,125,206,210,236,271-273, 
276-278,281,286,293,443,537,616,618 
reaction flowchart, 287 
magnesium aluminide, 309 
magnesium aluminum oxide. See spinel 
magnesium aluminum silicate, 348 
magnesium boride, 295 
magnesium carbonate, 281,284 
magnesium chloride, 274,275,277,466, 
537,589 

magnesium chloride hexahydrate, 466 
magnesium fluoride, 122-123,146 
magnesium halides, 617 
magnesium hydroxide, 144,272,273,278 
magnesium iron silicate, 421 
magnesium metals, 277 
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magnesium nitrate, 153 
magnesium nitride, 272 
magnesium oxide, 95,106,146,153,201,277, 
279,293,379 

magnesium perchlorate, 105 
magnesium silicide, 362 

magnesium sulfate heptahydrate. See Epsom salts 
magnesium sulfate hydrate, 289 
magnesium sulfate monohydrate, 262 
magnetic domains, 90 
magnetic fields, 2,15-17,42 
magnetic moment, 15,517 
magnetic quantum number, 4,5,25-26 
magnetic resonance, nuclear, 229-230 
magnetic resonance imaging, 230,588 
magnetite, 284,308,549,558 
magnetoactic bacteria, 558 
Magnus’s green salt, 508 
main group elements, 23,172,202,615-623 
main group metals, 94,612,613 
main group reaction, and Lewis theory, 155 
manganate ion, 140,544,545 
manganese, 78,535-536,544-545,569,572, 
577,631,641 

manganese carbonyl hydrides, 633 
manganese(II) chloride, 548 
manganese disulfide, 434 
manganese(II) hydroxide, 182,545,547 
manganese ions, 140,173,177,181,182,309,419, 
463,495,544,546,547 
manganese(II) manganese (III) oxide, 548 
manganese(III) oxide hydroxide, 545,548 
manganese oxides, 97,184,205,413-14,419,473, 
520,534-535,544-548 
manganese(VII) oxo-anions, 205 
manganese species, 180,181 
manganese steel, 551 
manganese system, Pourbaix diagram, 

182-183 

manganocene, 642 

manic depression. See bipolar disorder 

mantle (of Earth), 421 

marble. See calcium carbonate 

marine fish, 148 

marine mollusks, 284 

marine organisms, 280,281,335,357-358, 

413,480,569 
Mars, chemistry of, 250 
Marsh test, 401 
marshes, 338 

martensite (distorted cubic) phase of nitinol, 88 

mass number, 24 

massicot, 352 

matches, 363-364,393,472 

material safety data sheets (MSDS), 623 

Mayer, Maria Goeppert, 26 

Mazariegos, Fernando, 596 

McKay, Frederick, 459 

meat preservatives, 385-386 

medicinal inorganic chemistry, 16-17 


medicine, 401 
gold in, 596 
melamine, 286,339 
melting points, 28,95,246 
of alkali metals, 246 
of alkaline earth metals, 272 
of covalent compounds, 97 
of Group 1 elements, 193 
of Group 13 elements, 292 
of Group 15 elements, 194,365 
of Group 17 elements, 193 
of ionic compounds, 97 
and nanometals, 89 
of Period 2 elements, 195-196,197 
of Period 3 elements, 196,197 
in phase diagrams, 239 
of silver(I) and thallium(I) compounds, 214 
memory metal, 88 
Mendeleev, Dmitri, 19-20,202 
mer ligand, 506 

mercury, 32,82,165,500,571,599-600, 
603-607,622,638 
mercury amalgam, 607 
mercury arc lights, 603 
mercury batteries, 605 
mercury(II) chloride, 604 
mercury fluorides, 158,605 
mercury ions, 158,600,604-606 
mercury nitrate, 141,604 
mercury(II) oxide, 120,604 
mercury poisoning, 606-607,623 
mercury pollution, 607 
mercury(II) sulfide, 104,158,161,433,603 
mercury thermometers, 603 
mesothelioma, silica cause, 357 
metal acyl derivative, 638 
metal alloys, and silicon, 340 
metal atoms, packing of, 84-86,91 
metal carbonyl anions, 633 
metal carbonyl halides, 634 
metal carbonyl hydrides, 633,634 
metal cations, 95 
metal chlorides, 466 
metal cluster compounds, 581,582,585 
metal complexes, 500 
metal crystals, 83 
metal halides, 465,466,468 
metal hydrides, 128 
metal hydroxides, 149-150,425-426 
metal iodides, 466 

metal ions, 148-150,155-156,433,446,501,512 

metal-metal bonding, and 18-electron rule, 625 

metal-metal bonds, 82 

metal-nonmetal divide, 29 

metal oxides, 153,154,419-420 

metal poisoning, 397 

metal salt compounds, 142,147 

metal sulfate, 146 

metal sulfides, 175,433-434 

metallic bonding, 81-92,93,106,246,272 


metallic bonds, breaking of, 118 
metallic carbides, 328 
metallic elements, covalent radii for, 30 
metallic hydrides, 234,236-237 
metallic luster. See reflectivity, of metals 
metallic radius, 30 
metallic zones, 106-108 
metallocenes, 640-642 
metalloids. See semimetals 
metalloporphyrin complexes, 529 
metals, 28,81 

anion formation, 35 
bands of, 83-84 
carbonates, 425 
chalcogens, 23 
chemically weak, 29 
and covalent bonding, 78 
ductility of, 28 

electrical conductivity of, 28-29 
electron loss in, 14 
electron sharing in, 81 
formation of from oxide, 167 
in gas phase, 82 
Group 13,292 
halogens, 23 
ions of, 14,35 

magnetic properties of, 90-91 

main group cation formation, 94 

malleability and ductility of, 28,81 

melting points of, 82 

molten and carbon dioxide, 331 

nitrates of, 387 

“noble,” 412 

pnictogens, 23 

precious, 148 

pyrophoric, 413 

semimetals, 29 

structure of, 84-86 

thermal conductivity of, 28 

toxic, 162 

See also alkali metals; alkaline earth metals 
metathesis reactions, 617 
meteorite impacts, 589 
methanal, 426 
methane clathrates, 240 
methane molecule, 56 
methanoic (formic) acid, 329 
methanol, 329,602 
methyl bromide, 330,479-480 
methyl groups, 349,616,628,638 
methyl hydroperoxide, 426 
methyl iodide, 645 
methyl isocyanate, 361 
methyl ligands, 613 
methyl magnesium iodide, 618 
methylberyllium, 617 
methylchlorosilane, 619-620 
methylcobalamin, 571,638 
methyllithium, 613,616 
methylmercury poisoning, 607 
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methylsodium, 616 
Meyer, Lothar, 19 
micronutrient deficiency, 37 
Midgley, Thomas, Jr., 336,355 
migratory insertion reaction, 645 
milk of magnesia, 144 
Minamata disease, 607 
mine runoff, 187 

mineralogy, and HSAB concept, 161 

minerals, 209,422-423 

mining, of seafloor, 545 

mirror planes, 68,69 

mirrors, and silicon carbide, 327 

miscarriages, THMs cause, 479 

mixed-metal oxides, 421 

mixed-oxidation-state iron(II)-iron(III) oxide, 91 
Mohr method, 540 

Mohr’s salt. See ammonium hexaaquairon(II) 
sulfate 

Moissan, Henri, 327,454 
Moissan electrochemical method, 459-460 
moissanite, 327 
moisture-density gauges, 225 
molecular orbital diagrams, 51 
carbon monoxide, 50-51 
dilithium, 83 
dioxygen ion, 258 
helium, 46 

hydrogen chloride, 51 
lithium, 83 
superoxide ion, 258 

molecular orbital energy levels, 42,414-415 
molecular orbital model, 42 
molecular orbital (MO) theory, 82,510 
molecular orbitals, 43-44,61,78 
antibonding, 83 
boron, 297 

and covalent bonding, 41-80 

and covalent compounds, 42 

heteronuclear diatomic molecules, 50-51 

highest occupied, 46 

hydrogen ion, 44 

and ligand field theory, 523-524 

lowest unoccupied, 46 

nonbonding, 50 

Period 1 diatomic molecules, 44-46 
Period 2 diatomic molecules, 46-49 
molecular shapes, 42,54-61,64 
molecular sieves, 346 
molecular structure, 534 
molecular symmetry, 41,66-73 
molecular-orbital energy-level diagrams, 328,380 
molybdate ion, 516,588,594 
molybdates, 587 
molybdenite, 589 

molybdenum, 216,399,446,569,580,581,586-587, 
594-595,625 
molybdenum-98,588 
molybdenum-99,588 
molybdenum complex, 642 


molybdenum compounds, 582-583 
molybdenum disulfide. See molybdenum(IV) 
sulfide 

molybdenum(VI) oxide, 581 

molybdenum(IV) sulfide, 433,434,586,589 

molybdenyl chloride, 215 

molybdopterins, 594,595 

molydate ion, 594-595 

monatomic ions, 168 

monazite, 208 

Moncada, Salvador, 381 

Mond, Ludwig, 612 

Mond process, 562,632 

Mono Lake, 250 

monocots, 310 

monodentate ligands, 502 

monohapto ligands, 613 

Monsanto process, 644-645 

Montreal Protocol (1987), 337 

Moon, 242 

mortar, 282 

Morveau, Louis-Bernard Guyton de, 167,410 
Moseley, Henry, 21 
mucopolysaccharides, 284 
mullite, 348 

multiwalled nanotubes (MWNTs), 324 
muriatic acid. See hydrochloric acid 
muscle contraction and cramps, 286 
muscle relaxants, 381 

muscular degeneration, selenium deficiency, 448 
museum disease, 351 
mustard gas, 445 
myoglobin, 446,570 

(n) Group, 202-206,213,218 
(n + 10) Group, 202-206,213,535 
rc-butyl ligands, 613 
/r-butyllithium, 150,616 
rc-oxide reductase, 595 
nanochemistry, 89,103-104 
nanocrystalline silicon, 63 
nanomaterials, 592 
nanometal particles, 89-90,91 
nanosilvers, 592,595-596 
nanotubes, carbon, 323-324 
naphthalide anion, 615 
Napoleon, 245,291,401 
Natta, Giulio, 646 
natural gas. See methane 
natural gas deposits, 430,431,489-490 
natural products chemistry, 453 
Nauru, 391 

near-critical water, 238 

Neel temperature, 91 

neon, 10,49,74,196,207,487-489,492 

neon-20,24 

neon lights, 490 

Nernst equation, 176,177,183,556 
network covalent bonding, 61-62,78,197 
network covalent substances, 61-63,118 


neurotransmitters, bipolar disorder, 211 
neutron absorption, boron, 294 
neutrons, 23,24,25,229 
Newlands, John, 19 
Newton, Isaac, 1 

NiCad (nickel-cadmium) battery, 603,606 
nickel, 15,20,88,90,330,374,516-517,534-536, 
545,562-563,571,624,632 
reaction flowchart, 573 
nickel(III), 571 
nickel alloys, 565 
nickel aluminide, 309 
nickel coins, 566 
nickel complexes, 563,636 
nickel deposits, 589-590 
nickel disulfide, 434 
nickel(II) hydroxide, 236-237,562,603 
nickel hyperaccumulators, 571 
nickel ions, 155-156,373,446,511,517,562-563,567 
nickel(III) oxide, 236-237 
nickel(III) oxide hydroxide, 603 
nickel plating, 562 
nickel(II) salt, 562 
nickel(II) silicate, 343 
nickel sulfate, 562 
nickelate, 507 
nickelocene, 642 
Nicol prisms, 280 
nicotine, 332 
nido-cluster, 296 
niobium, 585-586,597 
niobium fluoride ion, 58,59 
nitinol, 88 
nitrate anions, 383 
nitrate ion, 53,75,368,389,465,594 
nitrate radical 741,383-384 
nitrate reductase, 594,595 
nitrates, 217,387-389,441 
nitric acid, 130,143,145,361,368,382,385-387, 
395,413,420,426,465,589 
nitric oxide. See nitrogen monoxide 
nitric oxide synthase, 381 
nitride anion, 422 
nitrides, 151,210,252,371 
nitrite ion, 55,56,385,389,504,594 
nitrites, 385-386,388 
nitrito, ligand, 507 
nitrito isomers, 560 
nitrito linkage isomer, 504 
nitro linkage isomer, 504,560 
nitrobenzene, 386 

nitrogen, 21,172,194,196,218-219,221,363-371, 
376-378,399,504,507 
bond energies, 115,366 
electron affinity, 36 
reaction flowchart, 402 
nitrogen compounds, 370 
nitrogen cycle, 399 

nitrogen dioxide, 55-56,371,382-383,385,387, 
388,417,426,465 
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nitrogen-donor ligands, 528 

nitrogen fertilizer, 388 

nitrogen fixation, 185 

nitrogen-fluorine bond, 131 

nitrogen gas, 272,379 

nitrogen halides, 384-385 

nitrogen hydrides, 371-377 

nitrogen monoxide, 130,190,380-382,385,387, 

406,417,556 

nitrogen-nitrogen triple bond, 286 

nitrogen oxide trifluoride, 384-385 

nitrogen oxides, 130,379-384,386 

nitrogen-oxygen bond, 53 

nitrogen-sulfur compounds, 445 

nitrogen trichloride, 130-132,372,384,394 

nitrogen trifluoride, 127,129,131,367,384,457 

nitrogen trioxide. See nitrate radical 

nitrogenase, 399,594 

nitroglycerine, 381 

nitronium ion, 55 

nitrosamines, 386 

nitrosyl ion, 380 

nitrous acid, 143,145,381-382,385,395 

nitrous oxide. See dinitrogen oxide 

nitryl cations, 383,386 

nitryl ion, 56 

nobelium, 14,22-23 

noble gas compounds, 491-492 

noble gases, 20,23,30,74,160,207,239, 

412,487-498 

See also argon; Group 18 elements; helium; 
krypton; neon; radon; xenon 
noble metals. See platinum group metals 
nodal surface, 6-8 
noise insulation, 443 
nonbonding molecular orbitals, 50 
nonmetal anions, 95,150-151 
nonmetal oxides, 153,420 
nonmetals, 14,28,35,78,81,84,169,172 
nonpolar solvents, 138,141-142 
nonspontaneous process, 114 
nuclear attraction, 33,94 
nuclear energy level, 25-26 
nuclear magnetic resonance (NMR), 229-230 
nuclear power plants, 128,294 
nuclear reactors, 460 
nuclear submarines, 536 
nuclear warheads, 229 
nuclear weapons testing, 222 
nucleic acids, 400 
nucleon shells, 38 
nucleons, 25-27,229 

See also neutrons; protons 
nucleophiles, 155,637 

nucleus, quantum (or shell) model of, 25,26 
Nyholm, Ronald, 533-534 
nylon, 339 

ocean floor, redox chemistry on, 175 
oceanic crust, 521 


oceans, 422 

carbon dioxide storage in, 240-241 
as reaction vessels, 545 
octacyanomolybdate(IV) ion, 582 
octahedral arrangement, 502 
octahedral cation sites, spinels, 308-309 
octahedral compounds, 505-506 
octahedral coordination, sodium chloride 
lattice, 104 

octahedral geometry, 58,60,520 
octahedral holes, 102 
octahedral packing arrangement, 102-103 
octahedral stereochemistry, 563 
octahedral transition metal complexes, 513-514, 
522,524 

octahydrate, 248 

octane rating, 354-355 

octasulfur, 141 

octaves, law of, 19 

odd-electron species, 625,633 

office environments, ozone in, 416 

oil, 281,331,435,465 

oil baths, 349 

oil burning, 356 

oil industry, 150,347,370 

Oklahoma City bombing (1995), 388 

Olah, George, 150 

olivine, 154,521 

optical isomerism, 505,506-507 
optical materials, 341 
optically active enantiomers, 647 
orbital designations, 4 
orbital diagram, 5-6 
orbital hybridization, 59-61,510 
orbital mixing, 418 
orbitals, atomic, shapes of, 5-9 
orbitals, electron, 3-6,9-14,17,583-584 
orbitals, frontier, 46,83 
ore separation, 433 
organic nitro compounds, 381 
organic phosphates, 400 
organic polymer chemistry, 350 
organic synthesis, 238 
organoboranes, 618 
organoboron compounds, 616 
organobromine compounds, 480 
organochlorine compounds, 416 
organolithium compounds, 616,621 
organomercury compounds, 607 
organometallic chemistry, 393,611-650 
organosilicon compounds, 327 
organotin compounds, 357-358,620-621 
orpiment. See diarsenic trisulfide 
orthoclase, 346 
(ortho)phosphoric acid, 396 
orthosilicate ion, 152 

osmium, 28,205,419,580,589,590,591,633 
osmium carbonyls and cluster compounds, 631 
osmium disulfide, 434 

osmium(VIII) oxide. See osmium tetroxide 


osmium tetroxide, 590 
osteoporosis, 281 
Ostwald process, 386-387 
outer electrons. See valence electrons 
oven cleaners, 260,425 
oxacyclopentane, 615 
oxalate ion, 502-503 
oxalic acid, 546 
oxaplatin, 506 
oxidation, 167-168,302 
and reduction, 167-190 
See also redox reactions 
oxidation numbers, 168-169,171,172,188 
oxidation reactions, 184 
oxidation-reduction reactions, 526-527 
oxidation state diagrams. See Frost diagrams 
oxidation states, and hardness, 156 
See also oxidation numbers 
oxidative addition, 634,636,644 
oxide anion, 422 
oxide ions, 36,151,308,503 
oxide ligands, 528 
oxides, 160,162 

acid-base reactions of, 153-154 
and alkali metals, 257-259 
classification of, 154 
and formation of metals, 167 
of Group 2 metals, 279-280 
of Group 15 elements, 201-202,364 
of Periods 2 and 3,197-198,201 
properties of, 419-421 
3 d transition metals, 534 
of xenon, 494-495 

oxidizing agents, 184-185,416,426,438, 

470,474 

oxo-anions, VCrMn triad, 535 
oxo-cation, 99 
OXO process, 330 
oxo-species, Period 2,200 
oxohalides, 213 

oxopentafluoro series, transition metal 
complexes, 584 
oxyacetylene welding, 286 
oxyacids, 145,151-152,199 
oxyanion salts, 421 

oxyanions, 96,150-153,172,199,276,516,535 
oxyfluorides, 205 

oxygen, 21,24,34,36,179,196,409-418, 

446,551 

reaction flowchart, 448 
oxygen-16,24,26,347,412 
oxygen-17,412 
oxygen-18,412 

oxygen allotropes, ozone, 416-418 
oxygen atoms, 32,94,170,171,173,301,343-344, 
349,412,504 

oxygen difluoride, 176,197,198,418 
oxygen-donor ligands, 528 
oxygen ion, 34,35,94 
oxygen species, Frost diagram of, 181 
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oxygenyl ion, 591. See dioxygenyl ion 
oxyhemoglobin, 570,626 
oxysulfur anions, 441-443 
ozone (trioxygen), 76,130,184,384,415-418, 
426,469,473,479 

ozone-depleting substance (ODS), methyl 
bromine, 480 

ozone depletion, 330,336,470 
ozone hole, 469 
ozone layer, 338,469 

ozone molecules, and chlorofluorocarbons, 337 

p-block compounds, 613 
p-block elements, 12 
p-block halides, 616 

p orbitals, 4,7-8,10-11,13,21,23,33,34,42, 
46-49,51,59,60,61,78,383 
packing arrangements, 84-86,100-105,109 
packing rules exceptions, 104-105 
paint industry, 422 

paints, 345,357,358,424,537,554,558,586 
paired electrons, 59 
pairing energy, 10 
palladium, 15,589,591,633,639 
palladium complexes, 624,636 
palladium(II) hexafluoropalladate(IV), 591 
palladium-hydrogen standard reference 
electrode, 591 
paper, 260,345,437,470 
parallel spin, 10 

paramagnetism, 15-16,17,42,517 

Parkinson’s disease, 647 

partial bond order, 53,54 

partial covalent behavior, 104 

partial decomposition reactions, 527 

Paschen, Friedrich, 2 

Pauli exclusion principle, 9 

Pauling, Linus, 42,59,64-65,474,491,510 

Pauling electronegativity concept, 98-99 

Pauson, Peter, 640 

PCBs, 479 

Pearson, R. G., 156 

peat bogs, 356 

pencil leads, 321 

penicillin, 446 

pennies, 565 

pentaammineaquacobalt(III) ion, 560 
pentaamminechlorocobalt(III) ion, 560 
pentaaquahydroxoaluminum ion, 302 
pentaaquanitrosyliron(II) ion, 556 
pentaaquathiocyanoiron(III) ion, 554 
pentaborane, 296,299 
pentacarbonyliron, 330,528,624,631 
pentacarbonylmanganese(O), 631 
pentachlorocuprate(II) ion, 502 
pentadentate ligands, 503 
pentagonal bipyramid geometry, 58,59,475 
pentahaptocyclopentadienyltricarbonylmanganese, 
613 

pentamminecobalt(III) complex, 504 


pentamminethiocyanatocobalt(III) ion, 

528-529 

pentanitrogen cation, 378 
pentanitrogen hexafluoroarsenate(V) salt, 407 
perbromate ion, 474 
perbromic acid, 455 
perchlorate, 105,205,463,474-475 
perchloric acid, 143-144,150,455,471,474-475 
Perey, Marguerite, 245 
Period 1 diatomic molecules, 44-46 
Period 2 diatomic molecules, 46-49,200 
Period 2 elements, 105,195-202 
Period 3 elements, 53,196-199,202,292 
Period 4 elements, 220 
Period 4 transition metals, 502,511,512,519, 
520,525 

Period 5 elements, 580,624 
Period 5 transition metals, 502 
Period 6 elements, 580,624 
Period 6 transition metals, 502 
periodate ion, 474 
periodic acid, 455 
periodic properties, 29-36 
periodic table, 21-23 
hydrogen,231 

lithophiles, chalcophiles, and siderophiles, 160 

long-form and short-form, 21-22 

overview of, 19-40 

packing arrangements of metals, 86 

and principles of chemical topology, 206 

relativistic effects, 32-33 

spiral form of, 191,192 

structure of, 42 

trends and patterns in, 191-226 
periodic trends, 210 
periodicity, 202 
permalloy, 551 

permanganate ion, 78,140,173,177,181,182,184, 
463,544,546,547,588 
permanganates, 205,495,535-536,546-547 
pernicious anemia, 571,638 
perovskite unit cell, 421,586 
perovskites, 209,421,521 
peroxide ion, 257-258 
peroxo species, 542 
peroxo unit, and cobalt, 559 
peroxoborate ion, 293-294 
peroxodisulfates, 185,441,443 
peroxodisulfuric acid, 443 
peroxyacetyl nitrate (PAN), 384 
perrhenate ion, 590 
pertechnate ion, 588 
perxenate ion, 185,416,494-495 
pest control, 480,619 
pH predominance diagram, chlorine 
oxy acids, 471 

pH values, phosphate species, 397 
phase diagrams, 238-239,331,332 
phenyl ligands, 613 

phlogiston theory of combustion, 167,410 


phlogopite, 313 

phosgene (carbonyl chloride), 329 
phosphate ions, 147,289,389,397,398,400, 
425,463,587 

phosphate mining, 391,459 
phosphate rock, 363,391 
phosphate salts, 397 
phosphates, 204,397-399 
phosphides, 151 

phosphine, 199,235,330,367,393 
phosphine halides, 635 
phosphine ligands, 634-635 
phosphinic acid, 395,406 
phospholipids, 400 
phosphomolybdate salts, 587 
phosphonic acid, 394,395,468 
phosphonium ion, 393 
phosphorescence, 332-333 
phosphoric acid, 146,376,389,395-397,541 
phosphorous acid. See phosphonic acid 
phosphorous pentachloride, 464 
phosphorus, 21,152,194-197,363-367, 

389-397,390 
reaction flowchart, 403 
phosphorus(V), 204,587 
phosphorus cycle, 399-400 
phosphorus oxychloride. See phosphoryl chloride 
phosphorus pentachloride, 57,394-395, 

406,468 

phosphorus pentafluoride, 53,80,367 
phosphorus pentaiodide, 468 
phosphorus poisoning, 363 
phosphorus trichloride, 394,395,468 
phosphorus trifluoride, 80,367 
phosphoryl chloride, 395 
phosphotransferases, 569 
phossy jaw, 363 
photocells, 445 
photoconductivity, 445 
photocopying, 416,426,445 
photography, and magnesium powder, 276 
photons, 3 

photosynthesis, 130,175,185,286,356, 
413,529,557 
tt acceptor ligand, 525 
tt acceptors and donors, 627 
tt acidity, 635 

tt antibonding orbitals, 627 

tt bonding, 300,383,524,525,626,636 

tt bonds, 47,51-53,331,613 

u-donor ligands, 524 

tt orbitals, 47,48,49 

pickling (rust removal), 465 

pigments, 60,422,602 

pinging (premature ignition), 354 

Planck, Max, 2 

Planck’s constant, 3 

plane of symmetry. See mirror planes 

planets, atmospheres of, 233 

plant growth, fertilizer, 262 


1-18 


Index 


plants, 185 

and bismuth, 401 
and calcium and sodium ions, 283 
and carbon cycle, 356 
defense, 284 

dicots and monocots, 310 
and ferredoxins, 570 
fungal infections, 357 
and iron, 570 
and lead, 358 
and manganese, 569 
and molybdenum, 569 
and nickel, 571 
nitric acid, 387 

and nitrogen compounds, 373,399 
and phosphorus, 400 
phosphotransferases, 569 
and photosynthesis, 130,175,185,286,356, 
413,529,557 

and protein synthesis, 594 
and silicon, 357 
toxic, 478-479 
plaster casts, 285 
plaster of Paris, 285 
plastic foams, 337 
plastic sulfur, 429 
plasticizers, 647 

platinum, 15,412,589,590,591,605,633 
platinum complexes, 501,506,508,624,636 
platinum(VI) fluoride, 491,591 
platinum group metals, 589-590 
platinum hexafluoride, 268 
playgrounds, and lead, 359 
plumbates, 29 
plumber’s solder, 87-88 
plutonium, 28,395,476 
plutonium-244,27 
pnicticides, 399 

pnictogens (Group 15 elements), 23,363,364,399 

point groups, 69-72 

poisons 

arsenic, 400-401 
cadmium, 606 
carbon monoxide, 328 
carbonyl chloride, 336 
chlorine, 463 
copper, 572 
cyanide, 148 
dimethylmercury, 623 
hydrogen cyanide, 339 
hydrogen fluoride, 454 
lead, 316,358 
mercury, 606-607,623 
metals, 397 
phosgene, 329 
phosphine, 393 
phosphorus, 363 
selenium, 447 
sodium fluoroacetate, 479 
tetracarbonylnickel(O), 623 


thallium, 222-223 
white phosphorus 390 
polar co valency, 106 
polar solvents, 138-141 
polarization, 96-97,109 
polladown, 639 
pollutants 

and aluminum production, 305-306 

atmospheric, 74 

from autos, 382 

and mercury, 600,606 

nitric acid plants and, 387 

nitrogen monoxide, 381 

ozone, 417 

from phosphorus extraction, 392 
from pyrometallurgy, 564 
sulfur dioxide, 434,435,439-440 
tracking, 444 
urban,371 
polonates, 29 
polonium, 29,85,410,411 
polonium-218,496 
polyacetylene, 350 
polyalkenes, 646 

polyatomic ions, 105,168,170,477,526 

polycarbonates, 329 

polyelectronic atom, 9-14 

polyethylenes, 645 

polygermanes, 350 

polyhalide ions, 475,477 

polyiminoborane, 350 

polyiodide ions, 477 

polymers, 349,350,616,645 

polymorphs, 427 

polyphosphate ion, 436 

polyphosphazenes, 350 

polyprotic acids, 146 

polyprotic salts, 146-147 

polysilanes, 350 

polysilicate ion, 436 

polysiloxanes. See silicones 

polystannanes, 350 

polysulfide family, 434 

polysulfur dichlorides, 427 

polythene, 646 

polythiazyl, 445 

polyvinyl chloride (PVC), 479,619,621 
porphyrin metal complexes, 529 
porphyrin ring, 529 
porphyrin unit, 570 
Portland cement, 109,282 
potash. See potassium chloride; potassium 
hydroxide 

potassium, 11,82,193,207,214,246-248, 
256-257,265-266 
reaction flowchart, 266-267 
potassium-40,256 
potassium bromide, 480 
potassium carbonate, 375 
potassium carbonyl, 626 


potassium cations, 276 
potassium chlorate, 364,413,472-473 
potassium chloride, 98,116,257,261, 

262,473 

potassium chromate, 451 
potassium deficiency, 266 
potassium dichromate, 466,541,542,543 
potassium dioxide, 259 
potassium ethanoate (acetate), 611 
potassium fluoride, 459, A-21 
potassium halides, 95,98 
potassium hexacyanoferrate, 509 
potassium hydrogen difluoride, 461 
potassium hydroxide, 184,259,361,462,548 
potassium iodide, 454,480 
potassium ions, 98,125,214,222,223,248,257, 
261,262,265-266,308,501,559 
potassium iron(III) hexacyanoferrate(II). 

See Prussian blue 

potassium magnesium chloride hexahydrate, 262 
potassium manganate, 185,473 
potassium metal, 291,615 
potassium nitrate, 377-378 
potassium perchlorate, 473,474,475 
potassium permanganate, 182,473,546-547,555 
potassium peroxodisulfate, 443 
potassium salt, 248,527,559 
potassium sulfate, 308 
potassium tetrachloroplatinate(II), 508 
potassium thiocyanate, 554 
potentials, and free energy, 177 
Pourbaix, Marcel, 182 
Pourbaix diagrams, 182-184,186,188 
chromium, 538-539 
copper, 568 
iron species, 552 
manganese system, 182-183 
sulfur, 187,447 
technetium, 588 
powdered limestone, 436 
precipitates, 105 
precipitation reactions, 93,159 
predominance-area diagrams. See Pourbaix 
diagrams 

preservatives, 436,437 

Priestley, Joseph, 409-410,604 

primitive cubic packing. See simple cubic packing 

principal axis, 68 

principal quantum number, 3,17,21,25,31-32 

probability model, 42 

promethium, 24,27 

propanal, 330 

2-propanol, 615 

2-propanone, 615 

propellants, 370,379 

propene, 150,299,639 

propenyl species, 639 

proper rotation, 67-68 

propyl cation, 150 

protactinium, 216 
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protein synthesis, by plants, 594 
proteins, 241-242,570 
protic solvents, polar, 138-141 
protium, 228 
protonic bridge, 235,236 
protons, 23-25,94,229 
See also atomic number 
Prussian blue, 222,223,554,556 
pseudo-alkali-metal ion, 378 
pseudo-halide ions, 377,477-478,503 
pseudo-halogens, 478 
pseudo-interhalogen compounds, 478 
pterin system, 594 
pulmonary edema, 590 
pulp and paper industry, 260 
Pyrex, 293 
pyridinium ring, 142 

pyrite (fool’s gold). See iron(II) disulfide 
pyrometallurgy, 564 
pyrophoric metals, 413 
pyrophosphoric acid, 396 
pyrosilicate ion, 344 
pyrosulfate ion, 441 
pyrosulfuric acid, 439,440 
Pythagorean theorem, 100 

quadruple metal-metal bonds, 582-584 
quantum confinement, 103 
quantum dots, 103-104 
quantum mechanical model of the atom, 
2-3,42 

quantum (or shell) model of nucleus, 25,26 
quantum numbers, 3-5 
quartz, 61-62,341,348 
See also silicon dioxide 
quartz glass, 342 
quicklime. See calcium oxide 

Racah parameter, 510 

radial density distribution function, 6-8 

radiation, 444,454 

radiation shields, 342 

radiation trapping. See greenhouse effect, 75 
radical anion, 615 
radical convention, 614 
radioactive elements, 271 
radioactive isotopes, 24,25,27,222,228-229, 
256,325-326 
radiocarbon dating, 326 
radioimaging, 588 
radiolaria, 357 

radiopharmaceuticals, technetium, 588 
radium, 271 

radius ratio, 100,101,104 
radius ratio rule, 104 
radon, 488,489,495-496 
radon-222,495 
railroad cars, 304,392 
Raimondi, D. L., 32 
rain, 186 


Raman, C. V. 73 
Raman-active vibrations, 73 
Raman spectroscopy, 73-75 
Ramsay, Sir William, 487 
rare earth elements, 23,216 
reactions 

prediction of, 156,158 
spontaneity factors of, 119 
spontaneous, 114,120 
reactivities 

alkali metals, 193 
alkaline earth metals, 272 
Group 15 elements, 194 
halogens, 194 
of hydrides, 199 
reactor vessels, 370 
reagents 

diborane, 299 
dioxygen, 413,415 
Grignard, 277,616-618,636 
phosphine, 393 
realgar, 16 
red blood cells, 266 
red lead, 352,353 
red mud, 303,305 
red phosphorus, 364,390 
redox equations, 173-175 
redox reactions, 167-168,173-175,184 
synthesizing compounds, 526-527 
and water, 423 
redox synthesis, 184-185 
redox titrations, 217,442 
reducing agents, 185,376,435 
reduction, 167-168 

and oxidation, 167-190 
solid-phase, 185 
See also redox reactions 
reduction half-reaction, 179 
reduction potential diagrams. See Latimer 
diagrams 

reduction potentials, 416,458 
reductive elimination, 634,647 
reflection, and improper rotation, 69 
reflection planes, 68,70 
reflectivity, of metals, 81,82 
refractory compounds, 279 
refrigerants, 331,336,370,399 
refrigeration units, 337-338 
repulsion, inter-electronic, 521-522 
repulsive forces, between protons and 
electrons, 25 

residual negative charge, 628 
resins, 616 
resonance, 53 

resonance mixture, dinitrogen oxide molecule, 54 

resonance structures, 53,418 

respiration, 185 

Restrepo, Guillermo, 206 

rhenium, 580,588,589 

rhenium diboride, 589 


rhenium-rhenium bonds, 589 
rheumatoid arthritis, 596 
Rhizobium, 399 

rhodium, 589-591,624,632,633,644,645 

rhodium species, 647 

ring whizzing, 643 

Rivera, Ron, 596 

rivers, 186,413 

RNA, 241,309,399 

road surfaces, 283 

roadbed cement, 436 

roasting, 564 

Rochow process, 619 

rock salt, 261 

rocket fuel, 376 

rocket nose cones, 294 

rockets, booster, 475 

Rosenberg, Barnett, 506 

rotation, improper, 69 

rotation, proper, 67-68 

rotation axis, threefold, 68 

rotational symmetry, 67 

rubber 

and ozone, 417 
silicone, 349 
synthetic, 616,620 
vulcanization of, 431,444 
and zinc oxide, 602 
rubidium, 193,207,246,248,323 
rubidium chloride, 105,135 
rubidium triiodide, 467 
ruby, 208 

Rumford, Count. See Thompson, Benjamin 
ruminants, and methane, 338 
rust, 549,552 
rust removers, 397,465 
rusting process, 556-557 
rust-resistant coating, 353 
ruthenium, 369,589-591,633 
ruthenium carbonyls, 631 
ruthenium disulfide, 434 
Rutherford, Ernest, 2 
Rutherford-Bohr electron-shell model of 
atom, 2 

rutile. See titanium(IV) oxide 
Rydberg, Johannes Robert, 1-2 
Rydberg atoms, 2 
Rydberg constant, 1 
Rydberg formula, 1,2 

s-block compounds, 613 
s-block elements, 12 

s orbitals, 4,6-8,9-11,13,21,23,33,34,42, 
49,51,59-61 

salt, 261,454,459,480,556 
See also sodium chloride 
salt solutions, and ions, 93 
salt substitutes, 261 
salts, 95-96,146-147,248,253 
samarium, 20 
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sand, 282,341 

See also silicon dioxide 
Sandmeyer reaction, 569 
sandwich compounds, 642-643 
sapa, 315-316 
sapphires, 208 

SATP. See standard ambient temperature and 
pressure 
satraplatin, 506 
Saturn, 74,233,242 
scale (calcium carbonate), 334 
scandium, 22,23,203-204,500 
scandium hydroxide, 203 
scanning electron microscopy (SEM), 590 
Scheele, Carl Wilhelm, 453 
Schrodinger, Erwin, 3 
Schrodinger wave equation, 3-5,32,59 
scissoring, 72 
scrap steel, 552 
scum, 346,398 
seaborgium, 216 
seafloor 

ore deposits, 545 
redox chemistry on, 175 
sealants, 616,620 
seas, temperature of, 412 
seawater, 186,261,277,281,422,423,480,595 
second ionization energy, 34 
sedatives, 480 
seesaw shape geometry, 57 
selenate ion, 448 
selenic acid, 411 
selenide ion, 158 

selenium, 38,162,410,411,445,447-448 
selenium allotropes, 108,410 
selenium deficiency, 448 
selenium disulfide, 433,448 
selenium poisoning, 447 
selenomethionine, 447 
selenosis, 162 

semiconductors, 84,220-221,324,340, 
445,591,602 

semimetal/nonmetal boundary, 276 
semimetals, 29,30,169,172,276,410 
Senoff, Caesar, 369 
septic shock, 381 
serpentine, 521 
17-electron species, 625,633 
sewage treatment, 346 
shales, 282 

Shannon-Prewitt values of ionic radii, 94,105 

shared electron pairs, 41 

sheet silicates, 344,345 

shell model of nucleus, 25,26 

shells, 412 

shielding, 42 

shift, chemical, 230 

shock,266 

side chain substituents, 350 
siderophiles, 160 


ct acceptors and donors, 627 
a bonding, 30,626 

cr bonding and antibonding orbital pairs, 51 
a bonds, 51-53,61,331,523 
cr molecular orbitals, 43,44,46-49 
silanes, 199,236,341 
silica, 284,341 

See also quartz; silicon dioxide 
silica gel, 341-342 
silica glass, 361 
silica sand, 109 
silicate glass, 342 
silicate ions, 152,343-344 
silicate perovskites, 421 
silicate rocks, 154 

silicates, 160,212,343-345,348,495,587 
silicic acid, 165,212,306,341,356-357 
silicon, 20,28,29,196,204,207,210,212,315-318, 
339-341,345-346,356-357,495,551,619 
reaction flowchart, 359 
silicon, amorphous, 62 
silicon, crystalline, 62 
silicon, nanocrystalline, 63 
silicon, ultrapure, 340 
silicon bonds, 317,318 
silicon carbide, 295,326-327,348 
silicon chips, 340 

silicon dioxide (sand), 62,104,152,154,165,201, 
282,284,304,316-318,333,341-343,346,356, 
377,392,495,550,551 
See also quartz 
silicon hydrides, 340-341 
silicon ions, 109 
silicon-oxygen bonds, 282 
silicon tetrachloride, 341 
silicon tetrafluoride, 304,341,392 
silicone gels, 349 
silicone polymers, 620 
silicones, 349,619,620 
silicosis, 357 
Sillen, I. G., 545 
siloxanes, 620 

silver, 20,28,81,173,213,214,339,591-592,595, 
599-600,607 
silver alloys, 565 
silver azide, 377 
silver bromide, 98,466,593 
silver carbonate, 334 
silver chloride, 98,134,155,377,456,466, 

501.540.542.593 
silver(I) chromate, 540 
silver cyanide, 478 

silver fluoride, 98,456,593 

silver halides, 98.158,466,576,593 

silver iodide, 98,466,593 

silver ions, 98,155,158,176-178,377,456, 

505.560.593 
silver nanoparticles, 89 

silver nitrate, 466,501,542,592,595 
silver perchlorate, 474-475 


silver salts, 98,595 

silver sulfide, 432,592 

silver tableware, 432 

SilverShield, 623 

simple covalent compounds, 118 

simple cubic packing, 84-85,86 

singlet oxygen, 415 

single-walled nanotubes (SWNTs), 324 
sintering, 348 

16-electron complexes, 624-625 
skin, and ozone, 417 

slag. See calcium silicate; iron(III) silicate 
slaked lime. See calcium hydroxide 
Slater, J. C., 31 
Slater’s rules 31-32 
Slater’s screening constant, 31-32 
small-molecule covalent bonds, 78 
smelling salts, 379 

smelting, 306,310-311,352,435,439,549-550,564 
smog, photochemical, 384 
soccerane. See buckminsterfullerene 
soda ash. See sodium carbonate 
soda glass, 293,361 
soda-lime glass, 342,343 
sodalite, 209,225 
Soddy, Frederick, 227 
sodium, 14,94,125,193,246-249,255-256, 
265-267 

sodium aluminate, 154,304 
sodium amalgam, 603 
sodium amide, acid-base reactions 139 
sodium atom, 31,34 
sodium azide, 377-378 
sodium-(3-alumina, 309 
sodium bismuthate, 547 
sodium borohydride, 633 
sodium carbonate (soda ash), 153,262-264,333, 
343,425,473,541,542 
sodium carbonate-hydrogen carbonate. 

See sodium sesquicarbonate 
sodium carbonate monohydrate, 261 
sodium chlorate, 472 

sodium chloride, 93,96,102,104,105,114,116, 
117,121,122,125-127,134,139,140,148,244, 
255-256,260-263,274,275,277,421,472,542 
sodium chloride, aqueous. See brine 
sodium cyanide, 148,339,592 
sodium dichromate, 541 
sodium dihydrogen phosphate, 398 
sodium dioxide. See sodium peroxide 
sodium fluoride, 95,124,313,459,461-462 
sodium fluoroacetate, 479 
sodium halides, 158,244,249,251,456 
sodium hexacyanoferrate(II), 556 
sodium hexafluoro aluminate. See cryolite 
sodium hexafluorosilicate, 392 
sodium hydride, 199,244 
sodium hydrogen carbonate, 144,263,264,542 
sodium hydrogen phosphate, 397 
sodium hydrogen sulfate, 441 
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sodium hydroxide, 140,144,153,201,259-261, 
305,341,425,437,440,441,461-462,472,542 
sodium hypochlorite, 414,472 
sodium-lead alloy, 354 
sodium metal, 257,377-378,615-616 
sodium naphthalide, 613,615 
sodium nitrate (Chile saltpeter), 373,388,421 
sodium nitrite, 385-386,388 
sodium (ortho)silicate, 343 
sodium oxide, 98-99,154,201,259 
sodium peroxide, 257-258,424 
sodium peroxoborate, 293,294,424 
sodium phosphate, 397 
sodium pyrophosphate, 398 
sodium pyrosulfate, 441 
sodium sesquicarbonate, 263 
sodium salt, 559,618 
sodium silicate, 263,343 
sodium sulfate, 433,437,442,471 
sodium sulfide, 98,433,437,442 
sodium tetrahydridoborate, 134,299 
sodium thiosulfate, 428,437,442 
sodium thiosulfate pentahydrate, 442 
sodium tripolyphosphate, 398 
sodium tungstate, 586 
soft drinks, and phosphoric acid, 396-397 
soft water, 346 

soil, 16,281,310,335,369,400 

soil deficiency, 605 

soil humus, 356 

solar cells, 63,340 

solder, 87-89 

soldering, 294,602 

solid-phase reductions, 185 

solid solutions, alloys, 87 

solubility, of a compound, 249 

solubility, degree of, 124 

solubility patterns, and HSAB concept, 158 

solution process, 125-127 

for Group 2 compounds, 273-275 
for ionic compounds, 124-127 
for sodium halides, 251 
for sodium hydroxide, 140 
solvation phenomenon, 155 
Solvay process, 263 

solvent-solute bonding interaction, 138 

solvent systems, 137-166 

solvents, 138-143,238,423,647 

soot, 322 

sour gas, 430 

sp 2 orbitals, 60,61 

spa cities, 16 

spark plugs, 348 

spectral lines, 2,4 

spectrochemical series, 515,516 

spectroscopy, atomic absorption, 2 

sperryite, 590 

sphalerite, 103,104,116,220,433,600-601 
sphalerite-type diamonds, 319 
spices, 332 


spin, electron, 3 
spin, parallel, 10 

spin-forbidden transitions, 522,523 
spin pairing, 27,229 
spin quantum numbers, 4,5,26 
spin situations, d electrons, 514,515-516 
spinel (magnesium aluminum oxide), 308 
spinel structure, 520,548 
Earth’s mantle, 521 
ferrites, 558 

spinels (compounds), 308-309 
spleen, 570 

spontaneous reactions, 114,119,120 
square-based pyramidal arrangement, 502 
square-based pyramidal shape, 58 
square planar arrangements, of transition metals, 
502,562 

square planar complexes, 516-517 
square planar compounds, 505 
square planar shape, 58 
Stahl, George, 167 
stained glass windows, 89 
stainless steel, 89,551 
stalactites, stalagmites, 280,281,334 
standard ambient temperature and pressure 
(SATP), 27-28,81 
standard electrode potentials, 178 
standard potential, 176 
stannane, 236 
stannates, 29 
stannite ion, 351 
starch-iodide paper, 467 
stars, 24 

See also cosmochemistry 
steam re-forming process, 232,374 
steel production, 279,346,370,413,552 
steel recycling, 552 
stereoisomerism, 503-507 
sterling silver, 566 
Stern, Otto, 3 
stibabenzene, 622 
stibine, 367 
stibnite, 433 
stibole, 622 
Stock, Alfred, 509 
Stock nomenclature system, 509 
stomach acid, 302 
stoneware, 348 
straight-chain isomer, 354 
stratosphere, 74,335,337,417 
stretching, and molecular vibrations, 72,73 
stretching frequency, 628-629,630 
stretching modes, 629 
strontium, 217,221-222,271-273,616 
strontium-85,222 
strontium-90,222 
strontium hydroxide, 273,279 
structural isomerism, 503-505 
subcritical water, 238 
substituents, side-chain, 350 


substitution reactions, of metal carbonyls, 

632-633 

sugar, decolorizing of, 325 

sugar fermentation, 331 

sugar of lead. See lead(II) ethanoate 

sulfanilamide, 446 

sulfate heptahydrate, 601 

sulfate ion, 96,146,170,187,190,427,435,438, 

441,463,505,565,594,595 
sulfate solubility, of alkaline earth metals, 273 
sulfate species, 447 
sulfates, 160,230,440-441,540 
sulfato, ligand, 507 
sulfide deposits, 423 
sulfide ions, 151,158-161,434,602,605 
sulfide minerals, 433 
sulfides, 160,432-434,590 
sulfite ion, 437,440,546,594 
sulfite oxidase, 594 
sulfite reductase, 595 
sulfites, 435,437 

sulfonating agent, sulfuric acid, 438 

sulfonic acid group, 438 

sulfur, 152,168,187,196,410-412,426-431, 

446-447,565 

reaction flowchart, 448 
sulfur(VI), 204-205,447 
sulfur-34,230 
sulfur allotropes, 427-429 
sulfur atoms, 171 
sulfur chlorides, 444 
sulfur cycle, 447 
sulfur dichloride, 443,444-445 
sulfur dioxide, 153,255,278,420,426,428,430, 

431.434- 440,442,444,451,466,564,565,576 
sulfur halide, 443-445 

sulfur hexafluoride, 58,64,69,76,278,443-444, 

457,460,468,494 
sulfur monoxide, 428 
sulfur-nitrogen compounds, 445 
sulfur oxides, 434-437 
sulfur species, Pourbaix diagram,. 187 
sulfur tetrafluoride, 57,443,444,494 
sulfur trioxide, 201,420,434,436-437,439 
sulfuric acid, 143,146,150,201,329,361,376,385, 

396.411.430.434- 441,462,465,466,495,543 
sulfurous acid, 434,435 

sulfuryl chloride, 204,255 
Sun, 2,487 

sunlight, and chlorine monoxide, 469 
superacids, 150 
superbases, 150 
superchlorination, 473 
superconductivity, 295,490 
superconductors, 399,445 
supercritical carbon dioxide, 332 
supercritical fluid technology, 332 
supercritical water, 238 
supermetals. See alkali metals 
supernovae, 24 
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superoxides, 258 
surface waters, 186 
sweet gas, 430 
sylvanite, 593 
symmetric bending, 72,73 
symmetric stretching, 72,73,75 
symmetry, center of, 69,522 
symmetry element, 67 
symmetry operations, 67 

synergistic bonding (back bonding), 627,628-629 

synergistic effect, 627 

synthesis (fusion), 24 

synthesis, industrial, 232 

synthesis, organic, 238 

synthesis gas, 329 

syphilis, 401 

“syrupy” phosphoric acid, 396 

t-butyl beryllium, 617 
talc, 345 

talcum powder, 345 

tanning of leather, 433 

tantalum, 255,580,585-586 

tantalum(III) aluminide, 309 

tantalum(V) cation, 422 

tap water, and calcium and magnesium, 281 

tea, and aluminum ion, 310 

technetium, 24,27,587-588 

technetium-99,587,588 

teeth, 284 

and mercury amalgams, 607 
telluric acid, 455 

tellurium, 20,29,162,410,411,445,594 
temporary dipole, 63 
tertiary-butyl ligands, 613 
tetraamminecopper(II) ion, 566,567 
tetraammineplatinum(II) chloride, 508 
tetraamminezinc(II) ion, 602 
tetraaquaberyllium ion, 276 
tetraaquadihydroxoaluminum ion, 302 
tetraborane (10), 296,299 
tetracarbonylnickel, 330,562,623,624,632 
tetrachloroaluminate ion, 142,307 
tetrachloroaurate(III) ion, 594 
tetrachlorocobaltate(II) ion, 502,516,525,561 
tetrachlorocuprate(II) ion, 566 
tetrachloroferrate(III) ion, 554 
tetrachloroiodate ion, 477 
tetrachloronickelate(II) ion, 511,562 
tetrachloroplatinate(II) ion, 502 
tetrachloroplatinum(II) ion, 80 
tetracyanocuprate(I) ion, 568 
tetracyanonickelate(II) ion, 516,562 
tetracyanozincate ion, 592 
tetradentate ligands, 503 
tetraethyllead (TEL), 255,354-356,619,641 
tetrafluoroborate ion, 142 
tetrafluorobromate anion, 477 
tetrafluoromethane, 306 
tetrahalomethanes, 336 


tetrahalonickelate(II) ions, 563 
tetrahedral angles, mercury(II) sulfide, 104 
tetrahedral arrangements, 103,502,522 
tetrahedral cation sites, spinels, 308-309 
tetrahedral geometry, 56,60,520 
tetrahedral holes, 102,103 
tetrahedral metal ions, 516 
tetrahedral stereochemistry, 563 
tetrahedral tetrachloro ions, 536 
tetrahedral tetrafluoroborate ion, 300 
tetrahedron, 56,109 
tetrahydridoborate ion, 299-300 
tetrahydroaluminate anion, 201 
tetrahydrofuran (THF), 138,615,617 
tetrahydroxoaluminates, 211,302,555 
tetrahydroxoberyllates, 211,276 
tetrahydroxocobaltate(II) ion, 561 
tetrahydroxocuprate(II) ion, 567 
tetrahydroxozincate ion, 426,601 
tetraiodoplumbate(II) ion, 354 
tetrakis(triphenylphosphine)platinum(0), 635 
tetramers, 590 
tetramethyltin, 624 
tetraoxochromate(VI), 523 
tetraoxoferrate(VI) ion, 503 
tetraoxomanganate(V) ion. See manganate ion 
tetraoxomanganate(VII). See permanganate ion 
tetraoxomolybdate(VI) ion, 516 
tetraphenylborate ion, 257,618 
tetraphosphorus, 141,390,391,392 
tetraphosphorus allotropes, 194 
tetraphosphorus decaoxide, 106,393-394 
tetraphosphorus dioxide, 390 
tetraphosphorus hexaoxide, 393 
tetrasulfur dichloride, 428 
tetrasulfur tetranitride, 445 
tetrathionate ion, 442,443 
textiles, 472,596 

thallium, 213-215,222,292,310-311 
thallium poisoning, 222-223 
thallium(I) sulfate, 223 
thermal conductivity, 489 
of metals, 81-83 
of noble gases, 491 
thermal expansivity, 293 
thermal insulators, 342,550 
thermal shock, and glassy ceramics, 348 
thermite reaction, 135 
thermochromism, 204,602 
thermodynamic factors, and kinetic 
factors, 129-132 

thermodynamic functions, electrode 
potentials as, 177-178 
thermodynamics, inorganic, 113-135 
of compound formation, 114-120 
of solution process for ionic compounds, 
124-127 

thermoluminescence, 279 
thermometers, mercury, 603 
thiamine (vitamin Bi), 446 


thio acetamide, 434 

thio amino acids, 400 

Thiobacillus ferroxidans, 564 

thiocyanate ion, 157,504,528 

thioglycollate ion, 432 

thiol compounds, 400 

thiol group, 162 

thiol ligands, 594 

thionyl chloride, 254,466 

thiosulfates, 171,441-443,467,554-555 

thiosulfuric acid, 442 

third ionization energy, 34 

Thompson, Benjamin, Count Rumford, 113 

Thomson, J. J., 93 

thorium, 24,216,217,255,279 

thorium decay, 495 

three-center bond, 297 

threefold rotation axis, 68 

thymine, 241 

thyroid gland, 480,481,588 
thyroxine, 480 

timber preservatives, 602,604 
tin, 20,29,86,87,89,213,214,315,316,351, 
357-358,607,617,620-621 
tin allotropes, 28,108,351 
tin chlorides, 204,353,362,468,604 
tin halides, 353-354 
tin(IV) hydride. See stannane 
tin(IV) hydroxide, 353 
tin isotopes, 26-27 
tin oxides, 161,204,351-353 
tin plague, 351 
tin(II) salts, 351 
tires, 283,325,417 
Titan, 137,489 

titanium, 88,238,255,534-537,545,630 
reaction flowchart, 572 
titanium aluminide, 309 
titanium boride, 294 

titanium(IV) chloride, 204,255,536-537, 

630,646 

titanium(IV) dioxide, 596 

titanium hydride, 236 

titanium ions, 208,421,521 

titanium(IV) oxide, 103,204,422,536,537,543 

titanium species, 646 

tobacco, and nicotine extraction, 332 

tobermorite, 109,282 

Tolman cone angle, 635 

toluene, 138,642 

toothpaste, 398,459,596,620 

topology. See chemical topology 

toxic metals, mercury, 603 

toxic organic molecules, 238 

toxicity 

biological, 161-162 
of chromium(VI), 540 
toxins 

cadmium, 606 
carbonyl compounds, 626 
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dimethylmercury, 623 
hydrogen sulfide, 431 
trace species, 76 

tram'-diamminedichloroplatinum(II), 508 
tram , -dichlorobis-(l,2-diaminoethane)cobalt(III) 
chloride, 560 

trans isomers, 505,506,629-630 
transferrin, 570 
transient species, 74 

transition metal alkyls, synthesis of, 636-638 
transition metal carbonyls, 625-630,632-633 
transition metal cations, 14 
transition metal chromates, 540 
transition metal complexes, 499-531,623,624 
transition metal compounds, 217-218,369, 
510-511,528 

transition metal groups, 276 
transition metal ions, 179,500-501 
absorption spectra of, 521,522-523 
and crystal field theory, 512 
and hard-soft acid-base concept, 527-529 
hydration enthalpies, 519-520 
magnetic properties, 517 
reaction factors of, 525 
in spinel structures, 520 
transition metal organometallic compounds, 

612,623-625,636 

transition metal oxides, mixed, 520 
transition metals, 23,28,202,207,499-500,501 
and actinoid elements, 215 
and carbon monoxide, 330,626-627 
carbonyl compounds, 626-627 
coordination compounds, 614-615 
coordination numbers, 582 
electron configurations, 22 
electron loss in, 14 
energy of, 11 
formula for, 580-581 
Group 12 elements, 599-609 
hexafluoro and oxopentafluoro series, 584 
hydrated ions of, 423 
ionic radii, 580 
ionization energy of, 34 
isoelectronic series, 584 
ligands and oxidation states of, 503 
and metal sulfides, 434 
molecular symmetry of, 72 
orbitals of, 17 
oxidation states, 581 
reduction of, 185 
and 16-electron species, 624-625 
3 d transition metals, 457,533-577,580 
4 d transition metals, 457,579-597 
5 d transition metals, 457,579-597 
transitions, electronic, 522-523 
transmetallation reactions, 615-616 
transmission electron microscopy (TEM), 590 
triads of elements, 19,454 
triatomic molecules and ions, 55 
triatomic oxo-species, 200 


tricalcium silicate 109,282 

trichloromethane, 479 

trichlorophenol, 333 

tridentate ligands, 503 

triethylaluminum, 619,646 

trigonal bipyramidal geometry, 57,60,502 

trigonal planar geometry, 55-56,60,61 

trigonal pyramidal geometry, 56,57 

trihalomethanes (THMs),479 

trihydrogen ion, 74,233 

triiodide ion, 467,477 

triiodothyronine, 480 

trimethylaluminum, 619 

trimethylamine, 155,595 

trimethylarsenic, 401 

trimethylboron, 613 

tri-n-butyl phosphate (TBP), 395 

trioxygen. See ozonetriphenylaluminum, 619 

triphenylphosphine, 393,613,636 

triple bonds, 48 

triplet oxygen, 415 

tripolyphosphoric acid, 396 

tris(l,2-diaminoethane), 508 

tris(l,2-diaminoethane)cobalt(III) ion, 508,560 

tris(l,2-diaminoethane)iron(II) sulfate, 555 

tris(l,2-diaminoethane)nickel(II) ion, 526 

tris(triphenylphosphine)platinum(0), 635 

trisodium phosphate (TSP), 397,398 

trisulfur nonaoxide, 436 

tritium, 228-229 

trona, 262-263 

troposphere, 383,451 

tufa towers, 250 

tumors, 401,588 

tungstates, 507,587,590 

tungsten, 82,216,580-581,586-587,595 

tungsten bronzes, 586-587 

tungsten carbide, 328 

tungsten complex, 642 

tungsten compounds, quadruple bonds, 582-583 

tungsten microfiber, 295 

tungsten steel, 551 

12-tungstosilicic acid, 587 

tunicates, 569 

tuolene, 238 

Turnbull’s blue. See Prussian blue 
turquoise, 563 

ultrabasic minerals, 154 

ultramarine. See lapis lazuli 

ultratrace elements, 37,38 

ultraviolet radiation, 74,414,415,417,444 

unit cells, 86-87,91,101,102 

United States 

gas deposits and helium in, 490 
goiter, 480 

molybdenum (IV) disulfide, 586 
seafloor mining, 545 
selenium deficiency, 448 
sphalerite in, 601 


sulfur deposits in, 429 
sulfuric acid uses, 440 
universe 

and entropy changes, 119 
origin of, 23-24 
unpaired electrons, 59 
uranium, 24,99,215-216,395,455,476,487 
uranium-235,460 
uranium-238,495 
uranium decay, 495 
uranium fluoride, 58,59,460,476 
uranium isotopes, 25,460 
uranium(IV) oxide, 460 
Uranus, 233 
uranyl chloride, 215 
uranyl ion, hydrated, 99 
urea, 473,569,611 
Urey, Harold C., 227 
urine, and phosphorus, 363 
uterine contractions, nitrogen monoxide and, 381 

V shape geometry, 56 
valence-bond concept, 59-61,78 
valence-bond theory (VBT), 510-511 
valence electrons, 11,37,41,55,82,94,169,218 
valence isoelectronic species, 199-200 
valence-shell electron-pair repulsion (VSEPR), 
42,54-59,78,477,534 
valinomycin, 266 

Van Arkel-Ketelaar triangle, 106,107 

van der Waals radius, 30,66 

Van Vleck, Johannes, 510 

van’t Hoff, Jacobus, 56 

vanadate, 185,204,535,538 

vanadium, 185,204,476,537-538,569,572,641 

vanadium(III) chloride, 630,641 

vanadium-chromium-manganese triad, 535-536 

vanadium oxides, 439,534-535,543 

vanadyl ion, 538 

varnishes, 620 

Vaska’s compound, 624,634,636 
vaterite, 280 

VCrMn triad. See vanadium-chromium- 
manganese triad 
vehicles, electricity-driven, 433 
vents, seafloor, 175 
Venus, surface temperature of, 77 
verdigris, 565 

vertebrates, bones and teeth of, 284 
vertical mirror plane, 68,70 
vibrational excitations, 72-73 
vibrational spectroscopy, 73-75 
vibrations, Raman-active, 73 
vinyl ferrocene, 641 
viscose rayon polymers, 335 
vision abnormalities, 590 
vitamin A, 616 
vitamin Bi, 446 
vitamin B 12 ,571,638 
vitamin D, 616 
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volcanic ash, and cement, 282 
“volcano” reaction, 379,541 
volcanoes, 356,435 
on Io, 428 

VSEPR. See valence-shell electron-pair 
repulsion 

vulcanization of rubber, 431,444 
wallboard, 285 

washing soda. See sodium carbonate 
waste detoxification, 238 
wastes, 153,332 
water, 235,238,422-423 
and atmosphere, 186 
autoionization of, 239 
dielectric constant, 138 
formation of, 232 
gas clathrates of, 239 
and hydrogen bonding, 237-239 
hydrogen ion reaction, 139 
and life, 242 
and lithium, 253 
oxidation of, 183-184 
phase diagram for, 239 
and potassium, 247 
reduction of, 183-184 
as a solvent, 140,143,238 
water consumption, 423 
water fluoridation, 459 
water gas, and hydrogen gas, 231 
water gas shift process, 375 
water glass, 343 
water ligands, 516,526 
water molecules, 56,66,72,73,76,125,505 
water purification, 416,596 
water-repellant sprays, 349 
water softening, 263 
water supplies 

bactericides in, 416 
and chlorination, 463 
chlorine and potability, 479 
chlorine monoxide, 470 
fluoridation of, 306 

water vapor, atmospheric concentration of, 76 
waterproofing, 620 

wave combinations, of molecular orbitals, 
43-44 


wave function, of electron orbitals, 6 
wave numbers, 73,518-519 
wave-particle duality (of electrons), 3 
weak metals, 29,30,201,236,276,351 
weddelite, 284 
welding, 286,490 
well water, 400 
Weller, Mark, 209 
Werner, Alfred, 499,503 
Wetterhahn, Karen, 623 
whewellite, 284 

white asbestos (chrysotile), 344-345 

“white cemeteries,” 358 

white lead, 424,537 

white lead(II) sulfate, 424 

white liver disease, 571 

white muscle disease. See selenium deficiency 

white phosphorus, 363-364,390,393 

whitewash, 425 

Wij reagent, 476 

Wilkinson, Sir Geoffrey, 646 

Wilkinson’s catalyst, 508,646-647 

Wilson, Thomas “Carbide,” 285 

Wilson’s disease, 572 

windows, 443,491,594 

Wohler, Emilie, 291 

Wohler, Friedrich, 291,611 

wolfram, 585 

wood, and carbon dioxide, 331 
wood preservatives, 294,619,621 
wood pulp, 472 
World War I 

and ammonia, 373 
mustard gas, 445 
wound dressings, 595,596 
wurtzite, 103,104,116,319 

X-ray film, 279 
X-ray tubes, 275 
X-rays, 441 
xanthine oxidase, 595 
xenon, 57,59,205,239-240,419,487-489, 
490-495 

reaction flowchart, 496 
xenon deficit, 495 
xenon gas, 494 
xenon halides, 493 


xenon oxide tetrafluoride, 494 
xenon tetrafluoride, 58,493 
xenon tetroxide, 494,495 
xenon trioxide, 185,494-495 
xerography, 445 

yellow phosphorus. See white phosphorus 
Yost, Don, 491 
ytterbium, 13,22-23 
yttrium, 22,23 

Zeeman effect, 2 
Zeise, William, 612 
Zeise’s compound, 508,624,636 
zeolites, 313,346-347,356,370 
Ziegler, Karl, 646 
Ziegler-Natta catalyst, 638,646 
zinc, 14,29,81,88,161,162,165,206,213,236,440, 
500,543,592,600-601,605-608,617,622 
zinc amalgam, 603,607 
zinc blende. See sphalerite 
zinc chloride, 602 
zinc deficiency, 605-606 
zinc dust, flammability of, 413 
zinc enzymes, 605,606 
zinc ferrites, 309 
zinc hydroxide, 426,548,601 
zinc ions, 14,96,309,446,465, 

600-602,606 
zinc metal, 465 
zinc oxide, 374,413,602 
zinc plating, 601 
zinc salts, 601-602 
zinc selenide, 220,221 
zinc smelting, 310-311 
zinc sulfate, 96 

zinc sulfide, 103,161,433,600-601,602 
See also sphalerite; wurtzite 
zincates, 29 
Zintl principle, 220 
Zintl solids, 220 
zircon, 343 

zirconium, 217,255,584 
zirconium(IV) oxide, 585 
zirconium silicate, 343 
zone refining method, 340 
ZSM-5,347 
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Periodic Table of the Elements* 


i 

H 

1.0079 



*Molar masses quoted to the number of 
significant figures given here can be 
regarded as typical of most naturally 
occurring samples. 


57 

La 

138.91 

58 

Ce 

140.12 

59 

Pr 

140.91 

60 

Nd 

144.24 

61 

Pm 

89 

90 

91 

92 

93 

Ac 

Th 

Pa 

U 

Np 

227.03 

232.04 

231.04 

238.03 











62 

63 

64 

65 

66 

67 

68 

69 

70 


Sm 

Eu 

Gd 

Tb 

Dy 

Ho 

Er 

Tm 

Yb 

Lanthanoids 

150.35 

151.96 

157.25 

158.92 

162.50 

164.93 

167.26 

168.93 

173.04 


94 

95 

96 

97 

98 

99 

100 

101 

102 


Pu 

Am 

Cm 

Bk 

Cf 

Es 

Fm 

Md 

No 

Actinoids 











THE ELEMENTS 


Element 

Atomic 
Symbol number 

Average molar 
mass (g-mol -1 )* 

Element 

Atomic Average molar 
Symbol number mass (g-mol -1 )* 

Element 

Atomic Average molar 
Symbol number mass (g-mol -1 )* 

Actinium 

Ac 

89 

— 

Hassium 

Hs 

108 

— 

Radon 

Rn 

86 

— 

Aluminum 

A1 

13 

26.98 

Helium 

He 

2 

4.00 

Rhenium 

Re 

75 

186.21 

Americium 

Am 

95 

— 

Holmium 

Ho 

67 

164.93 

Rhodium 

Rh 

45 

102.91 

Antimony 

Sb 

51 

121.76 

Hydrogen 

H 

1 

1.008 

Roentgenium 

Rg 

111 

— 

Argon 

Ar 

18 

39.95 

Indium 

In 

49 

114.82 

Rubidium 

Rb 

37 

85.47 

Arsenic 

As 

33 

74.92 

Iodine 

I 

53 

126.90 

Ruthenium 

Ru 

44 

101.07 

Astatine 

At 

85 

— 

Iridium 

Ir 

77 

192.22 

Rutherfordium 

Rf 

104 


Barium 

Ba 

56 

137.33 

Iron 

Fe 

26 

55.85 

Samarium 

Sm 

62 

150.36 

Berkelium 

Bk 

97 

— 

Krypton 

Kr 

36 

83.80 

Scandium 

Sc 

21 

44.96 

Beryllium 

Be 

4 

9.01 

Lanthanum 

La 

57 

138.91 

Seaborgium 

Sg 

106 

— 

Bismuth 

Bi 

83 

208.98 

Lawrencium 

Lr 

103 


Selenium 

Se 

34 

78.96 

Bohrium 

Bh 

107 

— 

Lead 

Pb 

82 

207.2 

Silicon 

Si 

14 

28.09 

Boron 

B 

5 

10.81 

Lithium 

Li 

3 

6.94 

Silver 

Ag 

47 

107.87 

Bromine 

Br 

35 

79.90 

Lutetium 

Lu 

71 

174.97 

Sodium 

Na 

11 

22.99 

Cadmium 

Cd 

48 

112.41 

Magnesium 

Mg 

12 

24.30 

Strontium 

Sr 

38 

87.62 

Calcium 

Ca 

20 

40.08 

Manganese 

Mn 

25 

54.94 

Sulfur 

S 

16 

32.07 

Californium 

Cf 

98 

— 

Meitnerium 

Mt 

109 


Tantalum 

Ta 

73 

180.95 

Carbon 

C 

6 

12.01 

Mendelevium 

Md 

101 


Technetium 

Tc 

43 


Cerium 

Ce 

58 

140.12 

Mercury 

Hg 

80 

200.59 

Tellurium 

Te 

52 

127.60 

Cesium 

Cs 

55 

132.91 

Molybdenum 

Mo 

42 

95.94 

Terbium 

Tb 

65 

158.93 

Chlorine 

Cl 

17 

35.45 

Neodymium 

Nd 

60 

144.24 

Thallium 

T1 

81 

204.38 

Chromium 

Cr 

24 

52.00 

Neon 

Ne 

10 

20.18 

Thorium 

Th 

90 

232.04 

Cobalt 

Co 

27 

58.93 

Neptunium 

Np 

93 


Thulium 

Tm 

69 

168.93 

Copper 

Cu 

29 

63.54 

Nickel 

Ni 

28 

58.69 

Tin 

Sn 

50 

118.71 

Curium 

Cm 

96 

— 

Niobium 

Nb 

41 

92.91 

Titanium 

Ti 

22 

47.87 

Darmstadtium 

Da 

110 


Nitrogen 

N 

7 

14.01 

Tungsten 

W 

74 

183.85 

Dubnium 

Db 

105 


Nobelium 

No 

102 


Ununbium 

Uub 

112 

— 

Dysprosium 

Dy 

66 

162.50 

Osmium 

Os 

76 

190.23 

Ununhexium 

Uuh 

116 

— 

Einsteinium 

Es 

99 


Oxygen 

O 

8 

16.00 

Ununoctium 

Uuo 

118 

— 

Erbium 

Er 

68 

167.26 

Palladium 

Pd 

46 

106.42 

Ununpentium 

Uup 

115 

— 

Europium 

Eu 

63 

151.96 

Phosphorus 

P 

15 

30.97 

Ununquadium 

Uuq 

114 


Fermium 

Fm 

100 


Platinum 

Pt 

78 

195.08 

Ununtrium 

Uut 

113 


Fluorine 

F 

9 

19.00 

Plutonium 

Pu 

94 

239.05 

Uranium 

U 

92 

238.03 

Francium 

Fr 

87 


Polonium 

Po 

84 


Vanadium 

V 

23 

50.94 

Gadolinium 

Gd 

64 

157.25 

Potassium 

K 

19 

39.10 

Xenon 

Xe 

54 

131.29 

Gallium 

Ga 

31 

69.72 

Praseodymium 

Pr 

59 

140.91 

Ytterbium 

Yb 

70 

173.04 

Germanium 

Ge 

32 

72.61 

Promethium 

Pm 

61 

— 

Yttrium 

Y 

39 

88.91 

Gold 

Au 

79 

196.97 

Protactinium 

Pa 

91 

— 

Zinc 

Zn 

30 

65.39 

Hafnium 

Hf 

72 

178.49 

Radium 

Ra 

88 

— 

Zirconium 

Zr 

40 

91.22 


* Average molar masses can be provided for only naturally occurring elements. 









